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Sample Exercise 3.2 Balancing Chemical Equations 

Sample Exercise 3.5 Calculating Formula Weights 

Sample Exercise 3.16 Calculating the Amount of Product 
Formed from a Limiting Reactant 

Sample Exercise 4.1 Relating Relative Numbers of Anions 
and Cations to Chemical Formulas 

Sample Exercise 4.3 Predicting a Metathesis Reaction 

Sample Exercise 4.4 Writing a Net Ionic Equation 

Sample Exercise 4.13 Using Molarity to Calculate Grams of 
Solute 


Sample Exercise 5.1 Relating Heat and Work to Changes of | 
Internal Energy 

Sample Exercise 5.4 Relating AH to Quantities of Reactants | 
and Products 

Sample Exercise 5.6 Measuring AH Using a Coffee-Cup 
Calorimeter 

Sample Exercise 5.7 Measuring qrxn Using a Bomb 
Calorimeter 

Sample Exercise 5.8 Using Hess’s Law to Calculate AH 

Sample Exercise 5.10 Equations Associated with Enthalples 
of Formation 

Sample Exercise 6.6 Subshells of the Hydrogen Atom 

Sample Exercise 6.7 Orbital Diagrams and Electron 
Configurations 

Sample Exercise 6.8 Electron Configurations for a Group 

Sample Exercise 7.2 Predicting Relative Sizes of Atomic Radii 

Sample Exercise 8.2 Charges on Ions 

Sample Exercise 8.6 Drawing a Lewis Structure 

Sample Exercise 9.1 Using the VSEPR Model 

Sample Exercise 10.3 Evaluating the Effects of Changes in P, 
V,n, and Ton a Gas 

Sample Exercise 10.4 Using the Ideal Gas Equation 

Sample Exercise 11.4 Relating Boiling Point to Vapor Pressure 

Sample Exercise 12.4 Identifying Types of Semiconductors 

Sample Exercise 13.6 Calculation of Molarity Using the 
Density of the Solution 
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Sample Exercise 14.3 Relating Rates at Which Products 
Appear and Reactants Disappear 
Sample Exercise 15.1 Writing Equilibrium Expressions 
Sample Exercise 16.1 Identifying Conjugate Acids and Bases 
Sample Exercise 17.11 Calculating K, from Solubility 
Sample Exercise 18.1 Calculating Concentration from 
Partial Pressure 
Sample Exercise 19.1 Identifying Spontaneous Processes 
Sample Exercise 20.2 Balancing Redox Equations 
in Acidic Solution 


Sample Exercise 21.1 Predicting the Product of a 
Nuclear Reaction 

Sample Exercise 22.4 Predicting Chemical Reactions among 
the Halogens 

Sample Exercise 23.2 Determining the Oxidation Number of 
a Metal in a Complex 

Sample Exercise 24.1 Naming Alkanes 
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To the Instructor 


Philosophy 


We the authors of Chemistry: The Central Science are delighted and 
honored that you have chosen us as your instructional partners 
for your general chemistry class. Collectively we have taught 
general chemistry to multiple generations of students. So we 
understand the challenges and opportunities of teaching a class 
that so many students take. We have also been active research- 
ers who appreciate both the learning and the discovery aspects 
of the chemical sciences. Our varied, wide-ranging experiences 
have formed the basis of the close collaborations we have enjoyed 
as coauthors. In writing our book, our focus is on the students: 
we try to ensure that the text is not only accurate and up-to-date 
but also clear and readable. We strive to convey the breadth of 
chemistry and the excitement that scientists experience in mak- 
ing new discoveries that contribute to our understanding of the 
physical world. We want the student to appreciate that chemis- 
try is not a body of specialized knowledge that is separate from 
most aspects of modern life, but central to any attempt to address 
a host of societal concerns, including renewable energy, environ- 
mental sustainability, and improved human health. 

Publishing the fifteenth edition of this text bespeaks 
an exceptionally long record of successful textbook writing. 
We are appreciative of the loyalty and support the book has 
received over the years, and mindful of our obligation to jus- 
tify each new edition. We begin our approach to each new 
edition with an intensive author retreat, in which we ask our- 
selves the deep questions that we must answer before we can 
move forward. What justifies yet another edition? What is 
changing in the world not only of chemistry, but with respect 
to science education and the qualities of the students we 
serve? How can we help your students not only learn the prin- 
ciples of chemistry, but also become critical thinkers who can 
think more like chemists? The answers lie only partly in the 
changing face of chemistry itself. The introduction of many 
new technologies has changed the landscape in the teaching 
of sciences at all levels. The use of the Internet in accessing 
information and presenting learning materials has markedly 
changed the role of the textbook as one element among many 
tools for student learning. Our challenge as authors is to main- 
tain the text as the primary source of chemical knowledge and 
practice while at the same time integrating it with the new 
avenues for learning made possible by technology. This edi- 
tion continues to incorporate a number of those new meth- 
odologies, including use of computer-based classroom tools, 
such as Learning Catalytics™, a cloud-based active learning 
analytics and assessment system, and web-based tools, par- 
ticularly Pearson Mastering Chemistry, which is continually 


evolving to provide more effective means of testing and evalu- 
ating student performance, while giving the student imme- 
diate and helpful feedback. Pearson Mastering Chemistry not 
only provides feedback on a question by question basis but, 
using Knewton-enhanced adaptive follow-up assignments, it 
now continually adapts to each student, offering a personal- 
ized learning experience. 

As authors, we want this text to be a central, indispensable 
learning tool for students. Whether as a physical book or in elec- 
tronic form, it can be carried everywhere and used at any time. 
It is the best resource for students to obtain the information out- 
side of the classroom needed for learning, skill development, ref- 
erence, and test preparation. The text, more effectively than any 
other instrument, provides the depth of coverage and coherent 
background in modern chemistry that students need to serve 
their professional interests and, as appropriate, to prepare for 
more advanced chemistry courses. 

If the text is to be effective in supporting your role as instruc- 
tor, it must be addressed to the students. We have done our best 
to keep our writing clear and interesting and the book attractive 
and well illustrated. The book has numerous in-text study aids 
for students including carefully placed descriptions of problem- 
solving strategies. We hope that our cumulative experiences as 
teachers is evident in our pacing, choice of examples, and the 
kinds of study aids and motivational tools we have employed. 
We believe students are more enthusiastic about learning chem- 
istry when they see its importance relative to their own goals 
and interests; therefore, we have highlighted many important 
applications of chemistry in everyday life. We hope you make 
use of this material. 

It is our philosophy, as authors, that the text and all the sup- 
plementary materials provided to support its use must work in 
concert with you, the instructor. A textbook is only as useful to 
students as the instructor permits it to be. This book is replete 
with features that help students learn and that can guide them 
as they acquire both conceptual understanding and problem- 
solving skills. There is a great deal here for the students to use, 
too much for all of it to be absorbed by any student in a one- 
year course. You will be the guide to the best use of the book. 
Only with your active help will the students be able to uti- 
lize most effectively all that the text and its supplements offer. 
Students care about grades, of course, and with encouragement 
they will also become interested in the subject matter and care 
about learning. Please consider emphasizing features of the 
book that can enhance student appreciation of chemistry, such 
as the Chemistry Put To Work and Chemistry and Life boxes that 
show how chemistry impacts modern life and its relationship to 
health and life processes. Also consider emphasizing conceptual 
understanding (placing less emphasis on simple manipulative, 
algorithmic problem solving) and urging students to use the 
rich online resources available. 
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Organization and Contents 


The first five chapters give a largely macroscopic, phenomeno- 
logical view of chemistry. The basic concepts introduced—such 
as nomenclature, stoichiometry, and thermochemistry—pro- 
vide necessary background for many of the laboratory experi- 
ments usually performed in general chemistry. We believe that 
an early introduction to thermochemistry is desirable because 
so much of our understanding of chemical processes is based on 
considerations of energy changes. As before, we discuss bond 
enthalpies in the Thermochemistry chapter to emphasize the 
connection between the macroscopic properties of substances 
and the submicroscopic world of atoms and bonds. We believe 
this enables an effective, balanced approach to teaching ther- 
modynamics in general chemistry, as well as provides students 
with an introduction to some of the global issues involving 
energy production and consumption. It is no easy matter to 
walk the narrow pathway between—on the one hand—trying to 
teach too much at too high a level and—on the other hand— 
resorting to oversimplifications. As with the book as a whole, 
the emphasis has been on imparting conceptual understanding, 
as opposed to presenting equations into which students are sup- 
posed to plug numbers. 

The next four chapters (Chapters 6-9) deal with electronic 
structure and bonding. For more advanced students, A Closer 
Look boxes in Chapters 6 and 9 highlight radial probability func- 
tions and the phases of orbitals. Our approach of placing this 
latter discussion in A Closer Look box in Chapter 9 enables those 
who wish to cover this topic to do so, while others may wish to 
bypass it. 

In Chapters 10-13, the focus of the text changes to the 
next level of the organization of matter: examining the states 
of matter. Chapters 10 and 11 deal with gases, liquids, and 
inter-molecular forces, while Chapter 12 is devoted to solids, 
presenting a contemporary view of the solid state as well as of 
modern materials accessible to general chemistry students. The 
chapter provides an opportunity to show how abstract chem- 
ical bonding concepts impact real-world applications. The 
modular organization of the chapter allows instructors to tai- 
lor coverage to focus on the materials (semiconductors, poly- 
mers, nanomaterials, and so forth) that are most relevant to 
students and instructors alike. This section of the book con- 
cludes with Chapter 13, which covers the formation and prop- 
erties of solutions. 

The next several chapters examine the factors that deter- 
mine the speed and extent of chemical reactions: kinetics 
(Chapter 14), equilibria (Chapters 15-17), thermodynamics 
(Chapter 19), and electrochemistry (Chapter 20). Also in this 
section is a chapter on environmental chemistry (Chapter 18), 
in which the concepts developed in preceding chapters are 
applied to a discussion of the atmosphere and hydrosphere. This 
chapter has increasingly come to be focused on green chemis- 
try and the impacts of human activities on Earth’s water and 
atmosphere. 

After a discussion of nuclear chemistry (Chapter 21), the 
book ends with three survey chapters. Chapter 22 deals with 


nonmetals, Chapter 23 with the chemistry of transition met- 
als, including coordination compounds, and Chapter 24 with 
the chemistry of organic compounds and elementary bio- 
chemical themes. These final four chapters are developed in 
an independent, modular fashion and can be covered in any 
order. 

Our chapter sequence provides a fairly standard organiza- 
tion, but we recognize that not everyone teaches all the top- 
ics in the order we have chosen. We have, therefore, made 
sure that instructors can make common changes in teaching 
sequence with no loss in student comprehension. In particular, 
many instructors prefer to introduce gases (Chapter 10) after 
stoichiometry (Chapter 3) rather than with states of matter. 
The chapter on gases has been written to permit this change 
with no disruption in the flow of material. It is also possible to 
treat balancing redox equations (Sections 20.1 and 20.2) earlier, 
after the introduction of redox reactions in Section 4.4. Finally, 
some instructors like to cover organic chemistry (Chapter 24) 
right after bonding (Chapters 8 and 9). This, too, is a largely 
seamless move. 

We have brought students into greater contact with descrip- 
tive organic and inorganic chemistry by integrating examples 
throughout the text. Students will find pertinent and relevant 
examples of “real” chemistry woven into all the chapters to illus- 
trate principles and applications. Some chapters, of course, more 
directly address the “descriptive” properties of elements and 
their compounds, especially Chapters 4, 7, 11, 18, and 22-24. 
We also incorporate descriptive organic and inorganic chemis- 
try in the exercises found throughout each chapter. 

Moreover, students and instructors who need greater in-depth 
coverage for organic chemistry can refer to the Expanded Edition 
of this Global Edition. 


New to This Edition 


It is perhaps a natural tendency for chemistry textbooks to grow 
in length with succeeding editions, but it is one that we have 
resisted. There are, nonetheless, many updates to features to 
serve students and instructors better in the classroom. Chem- 
istry: The Central Science has traditionally been valued for its 
clarity of writing, its scientific accuracy and currency, its strong 
end-of-chapter exercises, and its consistency in level of cover- 
age. The book was updated in a way that did not compromise 
these characteristics, and also continued to employ an open, 
clean design in the layout. 

The art program for the fifteenth edition continues the 
trajectory set in the previous two editions: to make greater and 
more effective use of the figures as learning tools, by drawing 
the reader more directly into the figure. The style of the art 
enhances clarity learn and with a clean and modern look. This 
includes white-background annotation boxes with crisp, thin 
leaders; rich and saturated colors in the art, and use of 3D ren- 
derings. Using statistics from Pearson Mastering Chemistry, 
we have shifted some Exercises to the ends of sections, where 
students are more likely to attempt them before moving on to 
more complex questions. Also in the ends of sections are new 


Self-Assessment Exercises that provide immediate assessment 
and feedback content in the form of multiple-choice ques- 
tions meant to test the concepts learnt in the section. In the 
Pearson eText, these exercises provide specific wrong-answer 
feedback. 

Updates to subject matter in chapter text, Sample Exer- 
cises, and assessment content reflect current trends in teaching 
chemistry. 

Each section now opens with new section-opening text 
and images that enhance students’ understanding of the con- 
cepts introduced in that section as well as explicate the his- 
torical contexts around key inventions and discoveries in 
chemistry. 


Key Features in This Edition 


Chemistry: The Central Science continues to provide relevant, 
up-to-date content—be it art or assessment material—that 
enhances the clarity and effectiveness of the text. Key features 
for this edition include the following: 


e The treatment of energy and thermochemistry draws on 
significant revisions to previous editions. The introduc- 
tion of the concept of energy in Chapter 1 allows instruc- 
tors greater freedom in the order in which they cover the 
material. For example, this arrangement facilitates, cover- 
age of Chapters 6 and 7 immediately following Chapter 2, 
a sequence that is in line with an atoms-first approach to 
teaching general chemistry. The discussion of bond en- 
thalpies in Chapter 5 emphasizes the connection between 
macroscopic quantities, like reaction enthalpies, and the 
submicroscopic world of atoms and bonds. We feel this 
leads to a better integration of thermochemical concepts 
with the surrounding chapters. Bond enthalpies are re- 
visited in Chapter 8 after students have developed a more 
sophisticated view of chemical bonding. 


e The text continues to provide students with a clear dis- 
cussion, superior problem sets, and better real-time feed- 
back on students’ understanding of the material. This is 
based on the authors’ insight into student usage of the 
interactive e-book platform, such as the most frequently 
highlighted passages and the accompanying notes and 
questions. 


e Extensive effort has gone into creating enhanced content 
for the Pearson eText for the book. These features make 
the eText so much more than just an electronic copy of 
the physical textbook. Self-Assessment Exercises at the end 
of each section are enhanced with specific wrong-answer 
feedback in the Pearson eText. New Smart Figures take key 
figures from the text and bring them to life through anima- 
tion and narration. Smart Sample Exercises animate key 
sample exercises from the text, offering students a more in- 
depth and detailed discussion than can be provided in the 
printed text. These interactive features also include follow- 
up questions, which can be assigned in Pearson Mastering 
Chemistry. 
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e Finally, subtle but important changes have been made to 
allow students to quickly reference important concepts 
and assess their knowledge of the material. Key points are 
set in italic with line spaces above and below for greater 
emphasis. The skills-based How To... features offer step- 
by-step guidance for solving specific types of problems 
such as Drawing Lewis Structures, Balancing Redox Equa- 
tions, and Naming Acids. These features, with numbered 
steps encased by a thin rule, are integrated into the main 
discussion and are easy to find. Finally, each Learning 
Objective is now correlated to specific end-of-chapter 
exercises. This allows students to test their mastery of each 
learning objective when preparing for quizzes and exams. 


e The essays titled Strategies in Chemistry, which provide 
advice to students on problem solving and “thinking like a 
chemist,” have been renamed Strategies for Success to better 
convey their usefulness to the student. 


We have continued to emphasize conceptual exercises 
in the end-of-chapter problems. In each chapter, we begin 
the exercises with the well-received Visualizing Concepts cat- 
egory. These exercises are designed to facilitate conceptual 
understanding through use of models, graphs, photographs, 
and other visual materials. They precede the regular end- 
of-chapter exercises and are identified in each case with the 
relevant chapter section number. A generous selection of Inte- 
grative Exercises, which give students the opportunity to solve 
problems that integrate concepts from the present chap- 
ter with those of previous chapters, is included at the end of 
each chapter. The importance of integrative problem solv- 
ing is highlighted by the Sample Integrative Exercise, which 
ends each chapter beginning with Chapter 4. In general, we 
have included more conceptual end-of-chapter exercises and 
have made sure that there is a good representation of some- 
what more difficult exercises to provide a better mix in terms 
of topic and level of difficulty. Many of the exercises are struc- 
tured in a way that makes it easy to use them in Pearson Mas- 
tering Chemistry. We have made extensive use of the metadata 
from student use of Pearson Mastering Chemistry to analyze 
end-of-chapter exercises and make appropriate changes, as 
well as to develop Learning Outcomes for each chapter. 

The essays in our well-received Chemistry Put To Work and 
Chemistry and Life series emphasize world events, scientific dis- 
coveries, and medical breakthroughs relevant to topics devel- 
oped in each chapter. We maintain our focus on the positive 
aspects of chemistry without neglecting the problems that can 
arise in an increasingly technological world. Our goal is to help 
students appreciate the real-world perspective of chemistry and 
the ways in which chemistry affects their lives. 


To the Student 


Chemistry: The Central Science, Fifteenth Edition, has been 
written to introduce you to modern chemistry. As authors, 
we have, in effect, been engaged by your instructor to help 
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you learn chemistry. Based on the comments of students and 
instructors who have used this book in its previous editions, we 
believe that we have done that job well. Of course, we expect 
the text to continue to evolve through future editions. We 
invite you to write to tell us what you like about the book so that 
we will know where we have helped you most. Also, we would 
like to learn of any shortcomings so we may further improve the 
book in subsequent editions. Our addresses are given at the end 
of the Preface. 


Advice for Learning and 
Studying Chemistry 


Learning chemistry requires both the assimilation of many con- 
cepts and the development of analytical skills. In this text, we 
have provided you with numerous tools to help you succeed in 
both tasks. If you are going to succeed in your chemistry course, 
you will have to develop good study habits. Science courses, and 
chemistry in particular, make different demands on your learn- 
ing skills than do other types of courses. We offer the following 
tips for success in your study of chemistry: 

Don’t fall behind! As the course moves along, new top- 
ics will build on material already presented. If you don’t keep 
up in your reading and problem solving, you will find it much 
harder to follow the lectures and discussions on current top- 
ics. Experienced teachers know that students who read the rel- 
evant sections of the text before coming to a class learn more 
from the class and retain greater recall. “Cramming” just 
before an exam has been shown to be an ineffective way to 
study any subject, chemistry included. So now you know. How 
important to you, in this competitive world, is a good grade in 
chemistry? 

Focus your study. The amount of information you will 
be expected to learn may seem overwhelming. It is essential to 
recognize those concepts and skills that are particularly impor- 
tant. Pay attention to what your instructor is emphasizing. As 
you work through the Sample Exercises and homework assign- 
ments, try to see what general principles and skills they employ. 
A single reading of a chapter will generally not be enough for 
successful learning of chapter concepts and problem-solving 
skills. You will often need to go over assigned materials more 
than once. Don’t skip the Go Figure features, Sample Exercises, 
and Practice Exercises. These are your guides to whether you are 
learning the material. They are also good preparation for test- 
taking. The Learning Outcomes and Key Equations at the end of 
the chapter will also help you focus your study. 

Keep good lecture notes. Your lecture notes will pro- 
vide you with a clear and concise record of what your instructor 
regards as the most important material to learn. Using your lec- 
ture notes in conjunction with this text is the best way to deter- 
mine which material to study. 

Skim topics in the text before they are covered in 
lecture. Reviewing a topic before lecture will make it easier for 
you to take good notes. First read the end-of-chapter Summary; 
then quickly read through the chapter, skipping Sample Exer- 
cises and supplemental sections. Paying attention to the titles of 


sections and subsections gives you a feeling for the scope of top- 
ics. Try to avoid thinking that you must learn and understand 
everything right away. 

You need to do a certain amount of preparation 
before lecture. More than ever, instructors are using the lec- 
ture period not simply as a one-way channel of communica- 
tion from teacher to student. Rather, they expect students to 
come to class ready to work on problem solving and critical 
thinking. Coming to class unprepared is not a good idea for 
any lecture environment, but it certainly is not an option for 
an active learning classroom if you aim to do well in the course. 

After lecture, carefully read the topics covered in 
class. As you read, pay attention to the concepts presented and 
to the application of these concepts in the Sample Exercises. Once 
you think you understand a Sample Exercise, test your under- 
standing by working the accompanying Practice Exercise. 

Learn the language of chemistry. As you study 
chemistry, you will encounter many new words. It is impor- 
tant to pay attention to these words and to know their mean- 
ings or the entities to which they refer. Knowing how to 
identify chemical substances from their names is an impor- 
tant skill; it can help you avoid painful mistakes on examina- 
tions. For example, “chlorine” and “chloride” refer to very 
different things. 

Attempt the assigned end-of-chapter exercises. 
Working the exercises selected by your instructor provides nec- 
essary practice in recalling and using the essential ideas of the 
chapter. You cannot learn merely by observing; you must be a 
participant. If you get stuck on an exercise, however, get help 
from your instructor, your teaching assistant, or another student. 
Spending more than 20 minutes on a single exercise is rarely 
effective unless you know that it is particularly challenging. 

Learn to think like a scientist. This book is written by 
scientists who love chemistry. We encourage you to develop your 
critical thinking skills by taking advantage of features in this 
new edition, such as exercises that focus on conceptual learning, 
and the Design an Experiment exercises. 

Use online resources. Some things are more easily learned 
by discovery, and others are best shown in three dimensions. If 
your instructor has included Pearson Mastering Chemistry with 
your book, take advantage of the unique tools it provides to get 
the most out of your time in chemistry. 

The bottom line is to work hard, study effectively, and use 
the tools available to you, including this textbook. We want 
to help you learn more about the world of chemistry and why 
chemistry is the central science. If you really learn chemistry, 
you can be the life of the party, impress your friends and parents, 
and ... well, also pass the course with a good grade. 
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Assignable in Pearson Mastering Chemistry, unique features engage students 
through interactivity to enhance the reading experience and help them learn 
challenging chemistry concepts. 


Int ot . A 
“A Sample Exercise | Drawing a Lewis Structure 


Draw the Lewis Structure for phosphorus 
trichloride, PCls. 


SOLVE 


3. Complete the octets around all the atoms 
bonded to the central atom. 
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Lattice Energy is the energy required to completely separate 
one mole of a solid ionic compound into its gaseous ions. 
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Visually Revised to Better Help 


Students Build General Chemistry 


The visual program enhances clarity with a clean, modern look. Style changes 
include: expanded use of 3D renderings, new white annotation boxes with crisp 
leader lines, and a more saturated art palette. 


Phenolphthalein indicator Methyl red indicator 
Color-change interval 8.3 < pH < 10.0 Color-change interval 4.2 < pH < 6.0 
4 


Annotations offer 
expanded explanations; 
additional new 

leaders emphasize key 
relationships and key 
points in figures. 


Equivalence point 


Good choice. Suitable indicator for titration of a Poor choice. Unsatisfactory indicator for titration of a 
weak acid with a strong base because equivalence weak acid with a strong base because color 
point falls within the color-change interval changes before reaching equivalence point 


Heat flows from surroundings into 
system, temperature of beaker 
and surrounding air drops. 


System = NH,SCN + 
Ba(OH),:8H,0 


Before and after photos 
clearly show characteristics of 
endothermic and exothermic 


reactions. Added r eaction ( Heat ows ia Laan frana R 
| equations connect the chemistry ( System = K + H70 ) | "ater and surrounding air increases J 
= to what's happening in the 


_ photos. 


< Figure 5.8 Endothermic and exothermic 

reactions. In both instances, the system is 

defined as the reactants and products, while 

(b)2K +2H20 —> 2KOH +H? surroundings are the containers and everything 
An exothermic reaction else in the universe, 


Knowledge 


The authors used the wealth of student data in Pearson Mastering Chemistry to 
identify the areas where students struggle most, revising discussions, figures, and 
exercises throughout the text to address misconceptions and encourage thinking 
about the real-world use of chemistry. 
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Electrostatic potential energy. At finite separation distances the electrostatic 
potential energy, Ee, is positive for objects with like charges, and negative for objects 
that are oppositely charged. As the particles move farther apart, their electrostatic potential energy 


(a) 


Access to clean drinking water is something most people in the 
industrialized world take for granted. Unfortunately, there are rare 
instances in which tap water is not safe to drink, as illustrated by the 
discovery in 2015 of elevated levels of lead in the municipal water 
supply of Flint, a city in Michigan State, USA. 

Lead is detrimental to many organs in the human body, but the 
brain and central nervous system are particularly sensitive to its pres 
ence, In the brain, Pb*" ions interfere with cell communication and 
growth by mimicking Ca?" ions. One of the most serious side effects 
of lead poisoning occurs in young children, where it leads to cognitive 
impairment. Although lead compounds were once used in a variety of 
applications—as a gasoline additive, in pigments, shotgun pellets, glass, 
and water pipes—our daily exposure to lead dropped dramatically once 
governmental agencies started regulating its use in the 1970s. According 
to the National Health and Nutrition Examination Survey, the mean 
concentration of lead in the blood for an average U.S. resident dropped 
ppb in 1976 to 16 ppb by 2002, nearly an order-of- magnitude 


from 
decrease 

The regulatory limit set by the U.S. Environmental Protection 
Agency (EPA) for lead in drinking water is 15 parts per billion (ppb). 
According to EPA regulations, utilities serving more than 50,000 
people must monitor the level of lead in their water and take cor- 
rective action if more than 10% of the homes sampled exceed the 15 
ppb limit. Tests performed on samples collected in September 2015 
by researchers from Virginia Tech found that in 10% of the 252 Flint 
homes tested the lead concentration exceeded 25 ppb, and in several 
homes the concentration exceeded 100 ppb. At the same time, a local 
pediatrician analyzed the results of infant blood tests and found that 
the percentage of children with elevated concentrations of lead in 
their bloodstream (>50 ppb) had doubled from 2.4% in the 2013 to 
4.9% in 2015. 

The troubles began in April 2014 when the city began using the 
nearby Flint River as the natural source of its municipal water. Prior 
to that, Flint obtained water from Detroit, where water taken from 
Lake Huron was treated before piping it to Flint. The source of the 
lead was not the Flint River itself, but corrosion from lead pipes that 
are present in the underground water distribution network. Why did 
the change in water supply dramatically increase the leaching of lead 
from the old pipes? Many factors were at play, but basically they all 
came down to solubility considerations. 

When water is properly treated, a passivation layer of insoluble 
lead salts builds up on the inner surface of the lead pipes ( ) 


Mineral passivation layer {Metalic Pegs) } 
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Protected 
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Protected and unprotected lead pipes. (a) A lead pipe that has a pr 
and (b) a lead pipe where the lack of a phosphate corrosion inhibitor 
sing the lead to oxidizing 


passivation laye 


o dissolve and fall off, e 


s the passivation laye 
agents such as Oz and OCI 


This layer prevents corrosion that would otherwise allow lead to be 
oxidized and dissolve into the water as Pb*" ions. The water treatment 
facility in Detroit was adding phosphate ions, PO4 `, to their water to 
inhibit corrosion, whereas the people managing water treatment in 
Flint elected not to do so. The presence of PO,* ions promotes the 
formation of highly insoluble phosphate salts on the inner surface of 
the pipes that helps prevent corrosion. 

Another factor that appears to have contributed to the problem 
is a drop in the pH of the water, from 8.0 in December 2014 to 7.3 in 
August 2015. Because the insoluble lead salts that form the passivat- 
ing layer, like Pb,(PO,)s, PbHSO,, and PbCO; 
can act as weak bases, anything that makes the water more acidic 
increases their solubility 


contain anions that 


Another contributing factor was the presence of high levels 
of chloride ions. The treated water from Detroit had chloride lev 
els of about 11 ppm, whereas the treated Flint water had chloride 
levels of 85 ppm in August 2015. While PbCl is fairly insoluble 
Ksp = 1.7 x 10`), high concentrations of chloride ions can lead to 
the formation of soluble complex ions such as PbCly and PbCl2 
The increased chloride levels were due in part to the addition of FeCl, 
which was used to help coagulate and filter out unwanted organic 
matter that was leading to problems with E. coli contamination 
Chloride ions are also produced when unwanted organic matter is 
oxidized by hypochlorite ions, which are added to kill bacteria. Run. 
off containing chloride salts used to treat icy roads in the winter may 
have also contributed, 

In the face of mounting evidence that the lead in Flint’s drink- 
ing water was at unsafe levels, in October of 2015 the city switched 
back to water piped in from Detroit, Over a period of many months, 
the circulation of properly treated water should restore the passivat 
ing layers inside the pipes, However, cleanup costs are expected to 
be in excess of $120 million and possibly much more, a large sum 
compared to the estimated $50,000 per year that it would have cost 
to treat the water with phosphates. More importantly, the damage 
done to people who drank the contaminated water, especially chil- 


dren, cannot be undone 
Although the use of lead in plumbing has been banned in the 
United States since 1986, it is estimated that millions of kilometers of 
buried lead pipe are still in use in America's cities. Vigilance by water 
treatment facilities and environmental protection agencies is needed 
to avoid a repeat of the tragedy in Flint. 
Related Exercises: 17.97, 17.101 
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Pearson eText 


Full eReader functionality includes page navigation, search, glossary, highlighting, note taking, and more. 
eText now works on supported smartphones, tablets, and laptop/desktop computers. 
Seamlessly integrated interactive elements engage students through interactivity to further enhance their 
learning experience. 
50 Interactive Sample Exercises bring key Sample Exercises in the text to life through animation and 
narration. 
Interactive multiple-choice Self-Assessment Exercises come with specific wrong-answer feedback in the 
Pearson eText. 
27 SmartFigures walk students through complex visual representations, dispelling common 
misconceptions before they take root. 
Accessible (screen-reader ready). 
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plete each Lewrs structure by adding electron pairs as needed. 
Ab») Is the formal charge on N the same or different in these 
two species? (c) Would either HNO; or NO; be expected to 
exhibit resonance? (d) Would you expect the N-=O bond in 
HNO; to be longer, shorter, or the same length as the N—O 
bonds in NOs"? [Sections 6.5 and 8.6] 
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each particle is proportional to its size and 
that all the gas samples are the same 
temperature. 


The correct response is (c). The volume of an 
ideal gas is dependent on moles, 


temperature, and pressure. The sample with 
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SECTION 1.1 The Study of Chemistry 


The title of this book—Chemistry: The Central Science—reflects the fact that much of what 
goes on in the world around us involves chemistry. Everyday chemical processes include 
the changes that produce the brilliant colors of flowers, the ways our bodies process the 
food we eat, and the electrical energy that powers our cell phones. 

This first chapter provides an overview of what chemistry is about and what chem- 
ists do. The “What’s Ahead” list gives an overview of the chapter organization and of 
some of the ideas we will consider. 

Chemistry is the study of matter, its properties, and the changes that matter 
undergoes. As you progress in your study, you will come to see how chemical principles 
operate in all aspects of our lives, from everyday activities like food preparation to more 
complex processes such as those that operate in the environment. We will also learn 
how the properties of substances can be tailored for specific applications by controlling 
their composition and structure. For example, the synthetic pigments chemists devel- 
oped in the nineteenth century were used extensively by impressionist artists such as 
van Gogh. 

Chemistry is at the heart of many changes we see in the world around us, and it 
accounts for the myriad different properties we see in matter. To understand how these 
changes and properties arise, we need to look far beneath the surfaces of our everyday 
observations. 

By the end of this section, you should be able to 


e Appreciate the scope of chemistry 


The Atomic and Molecular Perspective of Chemistry 


Chemistry is the study of the properties and behavior of matter. Matter is the physical 
material of the universe; it is anything that has mass and occupies space. A property is 
any characteristic that allows us to recognize a particular type of matter and to distin- 
guish it from other types. This book, your body, the air you are breathing, and the clothes 
you are wearing are all samples of matter. We observe a tremendous variety of matter in 
our world, but countless experiments have shown that all matter is comprised of com- 
binations of only about 100 substances called elements. One of our major goals will be 
to relate the properties of matter to its composition, that is, to the particular elements it 
contains. 

Chemistry also provides a background for understanding the properties of matter 
in terms of atoms, the almost infinitesimally small building blocks of matter. Each ele- 
ment is composed of a unique kind of atom. We will see that the properties of matter 
relate to both the kinds of atoms the matter contains (composition) and the arrangements 
of these atoms (structure). 

In molecules, two or more atoms are joined in specific shapes. Throughout this 
text you will see molecules represented using colored spheres to show how the atoms 
are connected (Figure 1.1). The color provides a convenient way to distinguish between 
atoms of different elements. For example, notice that the molecules of ethanol and eth- 
ylene glycol in Figure 1.1 have different compositions and structures. Ethanol contains 
one oxygen atom, depicted by one red sphere. In contrast, ethylene glycol contains two 
oxygen atoms. 

Even apparently minor differences in the composition or structure of molecules 
can cause profound differences in properties. For example, let’s compare ethanol and 
ethylene glycol, which appear in Figure 1.1 to be quite similar. Ethanol is the alcohol 
in beverages such as beer and wine, whereas ethylene glycol is a viscous liquid used 
as automobile antifreeze. The properties of these two substances differ in many ways, 
as do their biological activities. Ethanol is consumed throughout the world, but you 
should never consume ethylene glycol because it is highly toxic. One of the challenges 
chemists undertake is to alter the composition or structure of molecules in a controlled 
way, creating new substances with different properties. For example, the common drug 
aspirin, shown in Figure 1.1, was first synthesized in 1897 in a successful attempt to 
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A4 G AE Which molecule has the most carbon atoms? How many carbon 
atoms does it contain? 


e, =H Q =0 =C 
Oxygen 
Water Ethanol 


Carbon dioxide Ethylene glycol Aspirin 


A Figure 1.1 Molecular models. The white, black, and red spheres represent atoms of hydrogen, 
carbon, and oxygen, respectively. 


improve on a natural product extracted from willow bark that had long been used to 
alleviate pain. 

Every change in the observable world—from boiling water to the changes that 
occur as our bodies combat invading viruses—has its basis in the world of atoms and 
molecules. Thus, as we proceed with our study of chemistry, we will find ourselves think- 
ing in three realms: the macroscopic realm of ordinary-sized objects (macro = large), the 
microscopic realm of atoms and molecules, and the symbolic realm of how we represent 
these particles. We make our observations in the macroscopic world, but to understand 
that world, we must visualize how atoms and molecules behave at the microscopic 
level. Chemistry is the science that seeks to understand the properties and behavior of 
matter by studying the properties and behavior of atoms and molecules. 


Why Study Chemistry? 


Chemistry lies near the heart of many matters of public concern, such as improvement 
of health care, conservation of natural resources, protection of the environment, and 
the supply of energy needed to keep society running. Using chemistry, we have discov- 
ered and continually improved upon pharmaceuticals, fertilizers and pesticides, plas- 
tics, solar panels, light-emitting diodes (LEDs), and building materials. We have also 
discovered that some chemicals are harmful to our health or the environment. This 
means that we must be sure that the materials with which we come into contact are 
safe. As a citizen and consumer, it is in your best interest to understand the effects, both 
positive and negative, that chemicals can have, in order to arrive at a balanced outlook 
regarding their uses. 

You may be studying chemistry because it is an essential part of your curricu- 
lum. Your major might be chemistry, or it could be biology, engineering, pharmacy, 
agriculture, geology, or some other field. Chemistry is central to a fundamental 
understanding of governing principles in many science-related fields. For example, 
our interactions with the material world raise basic questions about the materials 
around us. Figure 1.2 illustrates how chemistry is central to several different realms 
of modern life. 
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Biochemistry 


Energy 


The flash of the firefly results 
from a chemical reaction in 


l Solar panels are composed | 
the insect. 


of specially treated silicon. 
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Technology 


OLEDs (organic light-emitting 
diodes) are used in high-end 
cell phone, tablet, and 

television displays. 


OB ash 12544m 


Medicine 


Chemists are constantly 
striving to design new and 

improved drugs for treating 
disease. 


A Figure 1.2 Chemistry is central to our understanding of the world around us. 


CHEMISTRY PUT TO WORK RAUNA E AA E G TEA 


Chemistry is all around us. For example, sugar is a chemical extracted 
from natural sources, refined by industry and sold across the world 
in a highly purified form. However, few realize the size and impor- 
tance of the chemical industry. The chemical industry in the United 
States is estimated to be an $800 billion enterprise that employs over 
800,000 people and accounts for 14% of all U.S. exports. 

Who are chemists, and what do they do? People who have 
degrees in chemistry hold a variety of positions in industry, govern- 
ment, and academia. Those in industry work as laboratory chemists, 
developing new products (research and development); analyzing mate- 
rials (quality control); or assisting customers in using products (sales and 
service). Those with more experience or training may work as managers 
or company directors. Chemists are important members of the sci- 
entific workforce in government (the National Institutes of Health, 
Department of Energy, and Environmental Protection Agency all 
employ chemists) and at universities. A chemistry degree is also good 
preparation for careers in teaching, medicine, biomedical research, 
information science, environmental work, technical sales, government 
regulatory agencies, and patent law. 

Fundamentally, chemists do three things: They (1) make 
new types of matter: materials, substances, or combinations of 
substances with desired properties; (2) measure the properties of 
matter; and (3) develop models that explain and/or predict the 
properties of matter. One chemist, for example, may work in the 
laboratory to discover new drugs. Another may concentrate on 
the development of new instrumentation to measure properties 
of matter at the atomic level. Other chemists may use existing 


materials and methods to understand how pollutants are trans- 
ported in the environment or how drugs are processed in the body. 
Yet another chemist will develop theory, write computer code, and 
run computer simulations to understand how molecules move and 
react. The collective chemical enterprise is a rich mix of all of these 
activities. 
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Self-Assessment Exercise 


1.1 Which of the following groups of substances involve the use (c) Antiseptic cream, pain killers, energy drinks 
of chemicals? Indicate all that apply. (d) A light-weight bicycle frame, food packaging, a car 
(a) Paints, printer toner, food coloring exhaust catalytic converter 
(b) Computer displays, LED lights, barcode readers (e) Soap, shampoo, washing powder 
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1.2 | Classifications of Matter 


The study of any science starts with classification. This brings order to what we study 
much as the sorting of books in a library enables you to find the book you want. 

Let’s begin our study of chemistry by examining two fundamental ways in which 
matter is classified. Matter is typically characterized by (1) its physical state (gas, liquid, 
or solid) and (2) its composition (whether it is an element, a compound, or a mixture). 

By the end of this section, you should be able to 


e Understand the basic classification of matter 


States of Matter 


A sample of matter can be a gas, a liquid, or a solid. These three forms, called the states 
of matter, differ in some of their observable properties. 


e A gas (also known as vapor) has no fixed volume or shape; rather, it uniformly fills 
its container. A gas can be compressed to occupy a smaller volume, or it can expand 
to occupy a larger one. 


e A liquid has a distinct volume independent of its container, assumes the shape of the 
portion of the container it occupies, and is not compressible to any appreciable extent. 


° A solid has both a definite shape and a definite volume and is not compressible to any 
appreciable extent. 


The properties of the states of matter can be understood on the molecular level (Figure 1.4). 
In a gas the molecules are far apart and moving at high speeds, colliding repeatedly with 
one another and with the walls of the container. Compressing a gas decreases the amount 
of space between molecules and increases the frequency of collisions between molecules 


but does not alter the size or shape of the molecules. In a 
liquid, the molecules are packed closely together but still 
move rapidly. The rapid movement allows the molecules to 
slide over one another; thus, a liquid pours easily. In a solid 
the molecules are held tightly together, usually in definite 
arrangements in which the molecules can wiggle only 
slightly in their otherwise fixed positions. Thus, the dis- 
tances between molecules are similar in the liquid and solid 
states, but while the molecules are for the most part locked 
in place in a solid, they retain considerable freedom of 
motion in a liquid. Changes in temperature and/or pressure 
can lead to conversion from one state of matter to another, 
illustrated by such familiar processes as ice melting or water 
vapor condensing. 


Pure Substances 


Most forms of matter we encounter—the air we breathe (a 
gas), the fuel we burn in our cars (a liquid), and the road they 
run on (a solid)—are not chemically pure. We can, however, 
separate these forms of matter into pure substances. A pure 
substance (usually referred to simply as a substance) is mat- 
ter that has distinct properties and a composition that does 
not vary from sample to sample. Water and table salt (so- 
dium chloride) are examples of pure substances. 
All substances are either elements or compounds. 


e Elements are substances that cannot be decom- 
posed into simpler substances. On the molecular 
level, each element is composed of only one kind of 
atom [Figure 1.5(a and b)]. 


e Compounds are substances composed of two or 
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YW Go Figure In which form of water are the water molecules 


farthest apart? 


Water vapor 


Liquid water 


A Figure 1.4 The three physical states of water—water vapor, liquid water, 
and ice. We see the liquid and solid states but cannot see the gas (vapor) 
state. The red arrows show that the three states of matter interconvert. 


more elements; they contain two or more kinds of atoms [Figure 1.5(c)]. Water, for ex- 
ample, isa compound composed of two elements: hydrogen and oxygen. 


Figure 1.5(d) shows a mixture of substances. Mixtures are combinations of two or more 
substances in which each substance retains its chemical identity. 


of an element? 


VY Go Figure How do the molecules of a compound differ from the molecules 
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(a) Atoms of an element (b) Molecules 


Elements are composed 


of only one kind of atom. 


of an element 


(c) Molecules 
of a compound 


Compounds must have at 
least two kinds of atoms. 


A Figure 1.5 Representation of elements, compounds, and mixtures. 


(d) Mixture of elements 
and a compound 
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YW Go Figure 


If the lower pie chart was drawn as 
the percentage in terms of number of 
atoms rather than the percentage in 
terms of mass, would the hydrogen 
slice of the pie get larger or smaller? 


Aluminum 


Iron 7.5% Other 


4.7% 9.2% 


Calcium 
3.4% 


Earth’s crust 
Other 


7% 
Hydrogen 


e 10% 


Carbon 
s 


Human body 


A Figure 1.6 Relative abundances of elements. * 
Elements in percent by mass in Earth’s crust (including 
oceans and atmosphere) and the human body. 


Elements 


Currently, 118 elements are known, though they vary widely in abundance. 
Hydrogen constitutes about 74% of the mass in the Milky Way galaxy, and he- 
lium constitutes 24%. Closer to home, only five elements—oxygen, silicon, alu- 
minum, iron, and calcium—account for over 90% of Earth’s crust (including 
oceans and atmosphere), and only three—oxygen, carbon, and hydrogen— 
account for over 90% of the mass of the human body (Figure 1.6). 

Table 1.1 lists some common elements, along with the chemical symbols used 
to denote them. The symbol for each element consists of one or two letters, with 
the first letter capitalized. These symbols are derived mostly from the English 
names of the elements, but sometimes they are derived from a foreign name 
instead (last column in Table 1.1). You will need to know these symbols and learn 
others as we encounter them in the text. 

All of the known elements and their symbols are listed on the front 
inside cover of this text in a table known as the periodic table. In the periodic 
table, the elements are arranged in columns so that closely related elements 
are grouped together. We describe the periodic table in more detail in 
Section 2.5 and consider the periodically repeating properties of the ele- 
ments in Chapter 7. 


Compounds 


Most elements can interact with other elements to form compounds. For exam- 
ple, when hydrogen gas burns in oxygen gas, the elements hydrogen and oxygen 
combine to form the compound water. Conversely, water can be decomposed 
into its elements by passing an electrical current through it (Figure 1.7). 
Decomposing pure water into its constituent elements shows that it 
contains 11% hydrogen and 89% oxygen by mass, regardless of its source. 
This ratio is constant because every water molecule has the same number 
of hydrogen and oxygen atoms. While the mass percentages make it seem 
that water is mostly oxygen, there are actually two hydrogen atoms and only 
one oxygen atom per molecule. The explanation for this apparent discrep- 
ancy comes from the fact that hydrogen atoms are much lighter than oxygen 
atoms. The mass composition, a macroscopic determination, corresponds to 


TABLE 1.1 Some Common Elements and Their Symbols 
Carbon Aluminum Copper Cu (from cuprum) 
Fluorine F Bromine Iron Fe (from ferrum) 
Hydrogen H Calcium Lead Pb (from plumbum) 
Iodine I Chlorine Mercury Hg (from hydrargyrum) 
Nitrogen N Helium Potassium K (from kalium) 
Oxygen (©) Lithium i Silver Ag (from argentum) 
Phosphorus P Magnesium Sodium Na (from natrium) 
Sulfur S Silicon i Tin Sn (from stannum) 


*U.S. Geological Survey Circular 285, U.S Department of the Interior. 


SECTION 1.2 Classifications of Matter 


YW, TST Is the volume of H; produced larger than the volume of O, produced 
because (a) hydrogen atoms are lighter than oxygen atoms, (b) hydrogen 
atoms are larger than oxygen atoms, or (c) each water molecule contains 
one oxygen atom and two hydrogen atoms? 


Oxygen gas, O2 


Water, H,O Hydrogen gas, H3 


A Figure 1.7 Electrolysis of water. Water decomposes into its component elements, hydrogen and 
oxygen, when an electrical current is passed through it. The volume of hydrogen, collected in the right 
test tube, is twice the volume of oxygen. 


the molecular composition, which consists of two hydrogen atoms combined with 
one oxygen atom: 


Water molecule 
(written H20) 


Hydrogen atom Oxygen atom 
(written H) (written O) 


The elements hydrogen and oxygen themselves exist naturally as diatomic (two- 


atom) molecules: 
Oxygen molecule QD (written O,) 


Hydrogen molecule ) (written H,) 


As seen in Table 1.2, the properties of water bear no resemblance to the properties 
of its component elements. Hydrogen, oxygen, and water are each a unique substance, a 
consequence of the uniqueness of their respective molecules. 
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> Figure 1.8 Mixtures. (a) Many 

common materials, including rocks, are 
heterogeneous mixtures. This photograph 
of granite shows a heterogeneous mixture 
of silicon dioxide and other metal oxides. 
(b) Homogeneous mixtures are called 
solutions. Many substances, including the 
blue solid shown here [copper(I!) sulfate 
pentahydrate], dissolve in water to form 
solutions. 


TABLE 1.2 Comparison of Water, Hydrogen, and Oxygen 


Water Hydrogen Oxygen 
State? Liquid Gas Gas 
Normal boiling point 100°C =253 "G —183°C 
Density? 1000 kg/m? 0.084 kg/m? 1.33 kg/m? 
Flammable No Yes No 


a At room temperature and atmospheric pressure. 


The observation that the elemental composition of a compound is always the same is 
known as the law of constant composition (or the law of definite proportions). 
French chemist Joseph Louis Proust (1754-1826) first stated the law in about 1800. 
Although this law has been known for 200 years, the belief persists among some peo- 
ple that a fundamental difference exists between compounds prepared in the laboratory 
and the corresponding compounds found in nature. This simply is not true. Regardless 
of its source—nature or a laboratory—a pure compound has the same composition and 
properties under the same conditions. Both chemists and nature must use the same 
elements and operate under the same natural laws. When two materials differ in com- 
position or properties, either they are composed of different compounds or they differ 
in purity. 


Mixtures 


Most of the matter we encounter consists of mixtures of different substances. Each substance 
in a mixture retains its chemical identity and properties. In contrast to a pure substance, 
which by definition has a fixed composition, the composition of a mixture can vary. A 
cup of sweetened coffee, for example, can contain either a little sugar or a lot. The sub- 
stances making up a mixture are called components of the mixture. 

Some mixtures do not have the same composition, properties, and appearance 
throughout. Rocks and wood, for example, vary in texture and appearance in any typ- 
ical sample. Such mixtures are heterogeneous [Figure 1.8(a)]. Mixtures that are uniform 
throughout are homogeneous. Air is a homogeneous mixture of nitrogen, oxygen, and 
smaller amounts of other gases. The nitrogen in air has all the properties of pure nitro- 
gen because both the pure substance and the mixture contain the same nitrogen mol- 
ecules. Salt, sugar, and many other substances dissolve in water to form solutions, 
which are homogeneous mixtures [Figure 1.8(b)]. Although the term solution conjures 
an image of a liquid, the term can also apply to solids, liquids, or gases. 

Figure 1.9 summarizes the classification of matter into elements, compounds, and 
mixtures. 


(a) (b) 
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< Figure 1.9 Classification of matter. All 
Matter pure matter is classified ultimately as either 
4 an element or a compound. 


NO Is it uniform YES 


throughout? ) 


Heterogeneous 
mixture Homogeneous 
NO Does it have a YES 
variable 
{ composition? } 
Pure substance Homogeneous 
mixture 
4 (solution) 
NO Does it contain YES 
more than one 
{ kind of atom? } 
Element Compound 


SSH Sample Exercise 1.1 ©) 


D Distinguishing among Elements, Compounds, and Mixtures 


“White gold” contains gold and a “white” metal, such as palladium. Two samples of white gold differ in the relative amounts of 
gold and palladium they contain. Both samples are uniform in composition throughout. Use Figure 1.9 to classify white gold. 


SOLUTION 


Because the material is uniform throughout, it is homogeneous. 
Because its composition differs for the two samples, it cannot be a 
compound. Instead, it must be a homogeneous mixture. 


> Practice Exercise 
Aspirin is composed of 60.0% carbon, 4.5% hydrogen, and 
35.5% oxygen by mass, regardless of its source. Use Figure 1.9 


to classify aspirin. 
Self-Assessment Exercise 
1.2 Carbonated water, ‘Soda Water’, is water in which carbon (a) A homogeneous solution of elements 
dioxide has been dissolved under pressure. Classify soda (b) A homogeneous solution of compounds 
ter. 
ii (c) A heterogeneous mixture of elements 
(d) A heterogeneous mixture of compounds 
Exercises 
1.3 Classify each of the following as a pure substance or a mix- 1.5 A solid white substance A is heated strongly in the absence of 
ture. If a mixture, indicate whether it is homogeneous or air. It decomposes to form a new white substance B and a gas C. 
heterogeneous: (a) air, (b) chocolate with almond, (c) alumin- The gas has exactly the same properties as the product ob- 
ium, (d) iodine tincture. tained when carbon is burned in an excess of oxygen. Based 


1.4 Give the chemical symbol or name for the following ele- on these observations, can we determine whether solids A 
ments, as appropriate: (a) helium, (b) platinum, (c) cobalt, and B and gas C are elements or compounds? 
(d) tin, (e) silver, (£) Sb, (g) Pb, (h) Br, (i) V, (j) Hg. 
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1.3 | Properties of Matter 


We are familiar with many of the properties of materials around us—the hardness of 
steel, the flexibility of rubber, or the glow of a wood fire. If we delve a little deeper, we 
can classify these properties as one of two types. By the end of this section, you should 
be able to 


e Distinguish between physical and chemical changes 


Every substance has unique properties. For example, the properties listed in Table 1.2 
allow us to distinguish hydrogen, oxygen, and water from one another. The proper- 
ties of matter can be categorized as physical or chemical. Physical properties can be 
observed without changing the identity and composition of the substance. These proper- 
ties include color, odor, density, melting point, boiling point, and hardness. Chemical 
properties describe the way a substance may change, or react, to form other substances. 
A common chemical property is flammability, the ability of a substance to burn in the 
presence of oxygen. 

Some properties, such as temperature and melting point, are intensive properties. 
Intensive properties do not depend on the amount of sample being examined and 
are particularly useful in chemistry because many intensive properties can be used to 
identify substances. Extensive properties depend on the amount of sample, with two 
examples being mass and volume. Extensive properties relate to the amount of substance 
present. 


Physical and Chemical Changes 


The changes substances undergo are either physical or chemical. During a physical 
change, a substance changes its physical appearance but not its composition. (That 
is, it is the same substance before and after the change.) The evaporation of water is 
a physical change. When water evaporates, it changes from the liquid state to the gas 
state, but it is still composed of water molecules, as depicted in Figure 1.4. All changes 
of state (for example, from liquid to gas or from liquid to solid) are physical changes. 

In a chemical change (also called a chemical reaction), a substance is trans- 
formed into a chemically different substance. When hydrogen burns in air, for example, 
it undergoes a chemical change because it combines with oxygen to form water 
(Figure 1.10). 

Chemical changes can be dramatic. In the account given in Figure 1.11, Ira Remsen, 
author of a popular chemistry text published in 1901, describes his first experiences with 
chemical reactions. 


Separation of Mixtures 


We can separate a mixture into its components by taking advantage of differences in their 
properties. For example, a heterogeneous mixture of iron filings and gold filings could be 
sorted by color into iron and gold. A less tedious approach would be to use a magnet to 
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H, O> H2O 


A Figure 1.10 A chemical reaction. 


While reading a textbook of chemistry, I came upon the statement “nitric acid acts upon copper,” and I determined to 
see what this meant. Having located some nitric acid, I had only to learn what the words “act upon” meant. In the 
interest of knowledge I was even willing to sacrifice one of the few copper cents then in my possession. I put one of 
them on the table, opened a bottle labeled “nitric acid,” poured some of the liquid on the copper, and prepared to 
make an observation. But what was this wonderful thing which I beheld? The cent was already changed, and it was 
no small change either. A greenish-blue liquid foamed and fumed over the cent and over the table. The air became 
colored dark red. How could I stop this? I tried by picking the cent up and throwing it out the window. I learned 
another fact: nitric acid acts upon fingers. The pain led to another unpremeditated experiment. I drew my fingers 
across my trousers and discovered nitric acid acts upon trousers. That was the most impressive experiment I have 
ever performed. I tell of it even now with interest. It was a revelation to me. Plainly the only way to learn about such 
remarkable kinds of action is to see the results, to experiment, to work in the laboratory.* 


A Figure 1.11 The chemical reaction between a copper penny and nitric acid. The dissolved copper produces the blue-green solution; 
the reddish brown gas produced is nitrogen dioxide. 


attract the iron filings, leaving the gold ones behind. We can also take advantage of an 
important chemical difference between these two metals: Many acids dissolve iron but 
not gold. Thus, if we put our mixture into an appropriate acid, the acid would dissolve 
the iron and the solid gold would be left behind. The two could then be separated by 


*Remsen, The Principles of Theoretical Chemistry, 1887. 
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filtration (Figure 1.12). We would have to use other chemical reactions, which we will 
learn about later, to transform the dissolved iron back into metal. 

An important method of separating the components of a homogeneous mixture 
is distillation, a process that depends on the different abilities of substances to form 
gases. For example, if we boil a solution of salt and water, the water evaporates, forming a 
gas, and the salt is left behind. The gaseous water can be converted back to a liquid on the 
walls of a condenser, as shown in Figure 1.13. 

The differing abilities of substances to adhere to the surfaces of solids can also be 
used to separate mixtures. This ability is the basis of chromatography, a technique shown 
in Figure 1.14. 


> Figure 1.12 Separation by filtration. 

A mixture of a solid and a liquid is poured 
through filter paper. The liquid passes 
through the paper while the solid remains 
on the paper. 


7) Water is condensed 
and then collected in 
the receiving flask 


i) Boiling the solution 
vaporizes the water 


Salt water 


Condenser 


Cold water 
out 


Cold water 
in 


£9 After water has boiled away, 

pure sodium chloride remains 
A Figure 1.13 Distillation. Apparatus for separating a sodium chloride solution (salt water) into 
its components. 


Pure water 
in receiving flask 


W Go Figure 


chemical process? 


i) Mixture to be 
separated is 
dissolved in 

the solvent. 


=> 


3 


“Each component is collected as it 
reaches the bottom of the column. 


A Figure 1.14 Separation of three substances using column chromatography. 
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Is the separation of the mixture shown here a physical or 


PJ Solvent is added 
throughout the process. 


m 
| 
—— Stationary a 
phase 
—— Chromatography u 
| column 


Self-Assessment Exercise 


1.6 When water boils in a pot, bubbles of water vapor can be 
seen rising through the liquid. What type of change does 
this represent? 


(a) a physical change 
(b) a chemical change 


Exercises 


1.7 Zirconia, an oxide of zirconium, is often used as an afford- 
able diamond substitute. Just like diamond, it is a colorless 
crystal which sparkles under sunlight. Which of the follow- 
ing physical properties do you think would help in differ- 
entiating between diamond and Zirconia—melting point, 
density, or physical state? 


1.8 In the process of attempting to characterize a substance, a 
chemist makes the following observations: The substance is 
a silvery white, lustrous metal. It melts at 649 °C and boils at 
1105 °C. Its density at 20°C is 1.738 g/cm?. The substance 
burns in air, producing an intense white light. It reacts with 


1.9 


1.10 


chlorine to give a brittle white solid. The substance can be 
pounded into thin sheets or drawn into wires. It is a good 
conductor of electricity. Which of these characteristics are 
physical properties, and which are chemical properties? 


Label each of the following as either a physical process or a 
chemical process: (a) crushing a metal can, (b) production 
of urine in the kidneys, (c) melting a piece of chocolate, (d) 
burning fossil fuel, (e) discharging a battery. 


Which separation method is better suited for obtaining sugar 
from cane juice—filtration or evaporation? 
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Work done by player on 
ball to make ball move 


(a) 


Heat added by burner to 
water makes water 
temperature rise 


(b) 


A Figure 1.15 Work and heat, two forms of 
energy. (a) Work is energy used to cause an 
object to move against an opposing force. 
(b) Heat is energy used to increase the 
temperature of an object. 


1.4 | The Nature of Energy 


Since the earliest time, humans have recognized fire as a form of energy. In chemistry, 
it is convenient to distinguish between different types of energy, and, by the end of this 
section, you should be able to 


e Recognize the difference between kinetic and potential energy 


All objects in the universe are made of matter, but matter alone is not enough to 
describe the behavior of the world around us. The water in an alpine lake and a pot of 
boiling water are both made from the same substance, but your body will experience a 
very different sensation if you put your hand in each. The difference between the two is 
their energy content; boiling water has more energy than chilled water. To understand 
chemistry, we must also understand energy and the changes in energy that accompany 
chemical processes. 

Unlike matter, energy does not have mass and cannot be held in our hands, but its 
effects can be observed and measured. Energy is defined as the capacity to do work or trans- 
fer heat. Work is the energy transferred when a force exerted on an object causes a displacement 
of that object, and heat is the energy used to cause the temperature of an object to increase 
(Figure 1.15). Although the temperature of an object is intuitive to most people, the defi- 
nition of work is less apparent. We define work, w, as the product of the force exerted on 
the object, F, and the distance, d, that it moves: 


w=Fxd [1.1] 


where force is defined as any push or pull exerted on the object.* Familiar examples in- 
clude gravity and the attraction between opposite poles of a bar magnet. It takes work to 
lift an object off of the floor, or to pull apart two magnets that have come together at the 
opposite poles. 


Kinetic Energy and Potential Energy 


To understand energy, we need to grasp its two fundamental forms, kinetic energy and 
potential energy. Objects, whether they are automobiles, soccer balls, or molecules, can 
possess kinetic energy, the energy of motion. The magnitude of kinetic energy, Ex, 
of an object depends on its mass, m, and velocity, v: 


1 
Ey = amv? [1.2] 


*In using this equation, only the component of the force that is acting parallel to the dis- 
tance traveled is used. That will generally be the case for problems we will encounter in this 
chapter. 


Thus, the kinetic energy of an object increases as its velocity or speed** increases. For ex- 
ample, a car has greater kinetic energy moving at 65 kilometers per hour (km/h) than it 
does at 25 km/h. For a given velocity, the kinetic energy increases with increasing mass. 
Thus, a large truck traveling at 65 km/h has greater kinetic energy than a motorcycle trav- 
eling at the same velocity because the truck has the greater mass. 

In chemistry, we are interested in the kinetic energy of atoms and molecules. 
Although these particles are too small to be seen, they have mass and are in motion, and 
therefore, possess kinetic energy. When a substance is heated, be it a pot of water on the 
stove or an aluminum can sitting in the sun, the atoms and molecules in that substance 
gain kinetic energy and their average speed increases. Hence, we see that the transfer of 
heat is simply the transfer of kinetic energy at the molecular level. 

All other forms of energy—the energy stored in a stretched spring, in a weight held 
above your head, or in a chemical bond—are classified as potential energy. An object has 
potential energy by virtue of its position relative to other objects. Potential energy is, 
in essence, the “stored” energy that arises from the attractions and repulsions an object 
experiences in relation to other objects. 

We are familiar with many instances in which potential energy is converted into 
kinetic energy. For example, think of a cyclist poised at the top of a hill (Figure 1.16). 
Because of the attractive force of gravity, the potential energy of the bicycle is greater at 
the top of the hill than at the bottom. As a result, the bicycle easily rolls down the hill 
with increasing speed. As it does so, potential energy is converted into kinetic energy. 
The potential energy decreases as the bicycle rolls down the hill, while at the same time 
its kinetic energy increases as it picks up speed (Equation 1.2). This example illustrates 
that kinetic and potential energy are interconvertible. 

Gravitational forces play a negligible role in the ways that atoms and molecules 
interact with one another. Forces that arise from electrical charges are more important 
when dealing with atoms and molecules. One of the most important forms of 
potential energy in chemistry is electrostatic potential energy, which arises from the 
interactions between charged particles. You are probably familiar with the fact 
that opposite charges attract each other and like charges repel. The strength of this 
interaction increases as the magnitude of the charges increase, and decreases as the 


High potential energy, 
zero kinetic energy 


Decreasing potential energy, 
increasing kinetic energy 


A Figure 1.16 Potential energy and kinetic energy. The potential energy initially stored in the 
motionless bicycle and rider at the top of the hill is converted to kinetic energy as the bicycle 
moves down the hill and loses potential energy. 


**Strictly speaking, velocity is a vector quantity that has a direction; that is, it tells you how fast 
an object is moving and in what direction. Speed is a scalar quantity that tells you how fast an 
object is moving but not the direction of the motion. Unless otherwise stated, we will not 
be concerned with the direction of motion, and thus velocity and speed are interchange- 
able quantities for the treatment in this book. 
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distance between charges increases. We will return to electrostatic energy several times 
throughout the book. 

One of our goals in chemistry is to relate the energy changes seen in the macroscopic 
world to the kinetic or potential energy of substances at the molecular level. Many sub- 
stances, fuels for example, release energy when they react. The chemical energy of a fuel is 
due to the potential energy stored in the arrangements of its atoms. As we will learn in later 
chapters, chemical energy is released when bonds between atoms are formed, and consumed when 
bonds between atoms are broken. When a fuel burns, some bonds are broken and others are 
formed, but the net effect is to convert chemical potential energy to thermal energy, the 
energy associated with temperature. The increase in thermal energy arises from increased 


molecular motion and hence increased kinetic energy at the molecular level. 


Self-Assessment Exercise 


1.11 What happens to the chemical energy of a nickel-metal 
hydride battery as it is recharged after powering an electric 
razor? 


(a) It increases 
(b) It decreases 


(c) It remains the same 


Exercises 


1.12 Two positively charged particles are first brought close to- 
gether and then released. Once released, the repulsion be- 
tween particles causes them to move away from each other. 
(a) This is an example of potential energy being converted 
into what form of energy? (b) Does the potential energy of 
the two particles prior to release increase or decrease as the 
distance between them is increased. 


1.13 For each of the following processes, does the poten- 
tial energy of the object(s) increase or decrease? (a) The 
charge of two oppositely charged particles is increased. 
(b) HO molecule is split into two oppositely charged 
ions, H* and OH. (c) A person skydives from a height of 
600 meters. 
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SECTION 1.5 Units of Measurement 


Many properties of matter are quantitative, that is, associated with numbers. When a 
number represents a measured quantity, the units of that quantity must be specified. The 
volume of a soft drink expressed in different units demonstrates how important this is. 
To say that the length of a pencil is 17.5 is meaningless. Expressing the number with its 
units, 17.5 centimeters (cm), properly specifies the length. The units used for scientific 
measurements are those of the metric system. 

The metric system, developed in France during the late eighteenth century, is used as 
the system of measurement in most countries. By the end of this section, you should be 
able to 


e Convert between different multiples of SI units 


SI Units 


In 1960, an international agreement was reached specifying a particular choice of metric 
units for use in scientific measurements. These preferred units are called SI units, after the 
French Systéme International d’Unités. This system has seven base units from which all other 
units are derived (Table 1.3). In this section, we will consider the base units for length, mass, 
and temperature. 

With SI units, prefixes are used to indicate decimal fractions or multiples of various 
units. For example, the prefix milli- represents a 10° fraction, one-thousandth, of a unit: 
A milligram (mg) is 10° gram (g), a millimeter (mm) is 10° meter (m), and so forth. 


TABLE 1.3 SI Base Units 


Physical Quantity Name of Unit Abbreviation 
Length Meter m 

Mass Kilogram kg 
Temperature Kelvin K 

Time Second S or sec 
Amount of substance Mole mol 
Electric current Ampere Aoramp 
Luminous intensity Candela cd 
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Where does scientific knowledge come from? How is it acquired? 
How do we know it is reliable? How do scientists add to it, or 
modify it? 

There is nothing mysterious about how scientists work. The 
first idea to keep in mind is that scientific knowledge is gained 
through observations of the natural world. A principal aim of 
the scientist is to organize these observations by identifying 
patterns and regularity, making measurements, and associating 
one set of observations with another. The next step is to ask why 
nature behaves in the manner we observe. To answer this question, 
the scientist constructs a model, known as a hypothesis, to explain 
the observations. Initially, the hypothesis is likely to be pretty ten- 
tative. There could be more than one reasonable hypothesis. If a 
hypothesis is correct, then certain results and observations should 
follow from it. In this way, hypotheses can stimulate the design of 
experiments to learn more about the system being studied. Scien- 
tific creativity comes into play in thinking of hypotheses that are 
fruitful in suggesting good experiments to do, ones that will shed 
new light on the nature of the system. 


As more information is gathered, the initial hypotheses get 
winnowed down. Eventually, just one may stand out as most 
consistent with a body of accumulated evidence. We then 
begin to call this hypothesis a theory, a model that has predictive 
powers and that accounts for all the available observations. A 
theory also generally is consistent with other, perhaps larger and 
more general theories. For example, a theory of what goes on in- 
side a volcano has to be consistent with more general theories re- 
garding heat transfer, chemistry at high temperature, and so forth. 

We will be encountering many theories as we proceed 
through this book. Some of them have been found over and over 
again to be consistent with observations. However, no theory 
can be proven to be absolutely true. We can treat it as though it 
is, but there always remains a possibility that there is some re- 
spect in which a theory is wrong. A famous example is Isaac New- 
ton’s theory of mechanics, which yielded such precise results for 
the mechanical behavior of matter that no exceptions to it were 
found before the twentieth century. But Albert Einstein showed 
that Newton’s theory of the nature of space and time is incorrect. 


Continued 
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Einstein’s theory of relativity represented a fundamental shift in 
how we think of space and time. He predicted where the excep- 
tions to predictions based on Newton’s theory might be found. 
Although only small departures from Newton’s theory were pre- 
dicted, they were observed. Einstein’s theory of relativity became 
accepted as the correct model. However, for most uses, Newton’s 
laws of motion are quite accurate enough. 

The overall process we have just considered, illustrated in 
Figure 1.17, is often referred to as the scientific method. But there is no 
single scientific method. Many factors play a role in advancing scien- 
tific knowledge. The one unvarying requirement is that our explana- 
tions be consistent with observations and that they depend solely on 
natural phenomena. 

When nature behaves in a certain way over and over again, un- 
der all sorts of different conditions, we can summarize that behavior 
in a scientific law. For example, it has been repeatedly observed 
that in a chemical reaction there is no change in the total mass of the 
materials reacting as compared with the materials that are formed; 
we call this observation the law of conservation of mass. It is important 
to make a distinction between a theory and a scientific law. On the 
one hand, a scientific law is a statement of what always happens, to 
the best of our knowledge. A theory, on the other hand, is an expla- 
nation for what happens. If we discover some law fails to hold true, 
then we must assume the theory underlying that law is wrong in 
some way. 

Related Exercises: 1.74, 1.96 


A 


Collect information 
(via observations of natural 
phenomena and experiments) 


| 


Formulate a hypothesis 
(or hypotheses) 


| 


Test the hypothesis 
(via experiments) 


| 


Formulate a theory 
(based on the most successful 
hypotheses) 


| 


Repeatedly test theory 
(modify as needed to match 
experimental results, or reject) 


Figure 1.17 The scientific method. 


Table 1.4 presents the prefixes commonly encountered in chemistry. In using SI units and 


in working problems throughout this text, you must be comfortable using exponential 


notation. If you are unfamiliar with exponential notation or want to review it, refer to 


Appendix A.1. 


TABLE 1.4 Prefixes Used in the Metric System and with SI Units 


Prefix Abbreviation 
Peta P 
Tera T 
Giga G 
Mega M 
Kilo k 
Deci d 
Centi @ 
Milli m 
Micro p> 
Nano n 
Pico p 
Femto f 
Atto a 
Zepto Z 


Meani 
105 
1012 
10° 
10° 
10% 


ng Example 
1 petawatt (PW) = 1 x 10 watts? 
1 terawatt (TW) = 1 10? watts 
1 gigawatt (GW) = 1 X 10° watts 
1 megawatt (MW) = 1 x 10° watts 
1 kilowatt (kW) = 1 x 10? watts 
1 deciwatt (dW) = 1x 10°! watt 
1 centiwatt (cW) = 1 xX 10 2 watt 
1 milliwatt (mW) = 1 x 103 watt 
1 microwatt (uW) = 1 x 10 °watt 
1 nanowatt (nW) = 1 x 10°? watt 
1 picowatt (pW) = 1 x 10? watt 
1 femtowatt (fW) = 1 xX 10`" watt 
1 attowatt (aW) = 1 xX 10°'8 watt 
1 zeptowatt (zW) = 1x 102! watt 


aThe watt (W) is the SI unit of power, which is the rate at which energy is either generated or consumed. 
The SI unit of energy is the joule (J); 1J = 1kg-m?/s*and1W = 1J/s. 


>Greek letter mu, pronounced “mew.” 
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Although non-SI units are being phased out, some are still commonly used by scien- 
tists. Whenever we first encounter a non-SI unit in the text, the SI unit will also be given. 
The relations between the non-SI and SI units we will use most frequently in this text 
appear on the back inside cover. We will discuss how to convert from one to the other in 
Section 1.7. 


Length and Mass 


The SI base unit of length is the meter, a distance slightly longer than a yard. Mass* is a measure 
of the amount of material in an object. The SI base unit of mass is the kilogram (kg). This base 
unit is unusual because it uses a prefix, kilo-, instead of the word gram alone. We obtain other 
units for mass by adding prefixes to the word gram. 


\a Sample Exercise 1.2 
D Using SI Prefixes 


SOLUTION 


We can find the prefix related to each power of ten in Table 1.4: 
(a) nanogram, ng; (b) microsecond, us; (c) millimeter, mm. 


» Practice Exercise 


Temperature 


Temperature, a measure of the hotness or coldness of an object, is a physical prop- 
erty that determines the direction of heat flow. Heat always flows spontaneously from a 
substance at higher temperature to one at lower temperature. Thus, the influx of heat we 
feel when we touch a hot object tells us that the object is at a higher temperature than 
our hand. 

The temperature scales commonly employed in science are the Celsius and Kelvin 
scales. The Celsius scale was originally based on the assignment of 0 °C to the freezing 
point of water and 100 °C to its boiling point at sea level (Figure 1.18). 

The Kelvin scale is the SI temperature scale, and the SI unit of temperature is 
the kelvin (K). Zero on the Kelvin scale is the temperature at which all thermal motion 
ceases, a temperature referred to as absolute zero. On the Celsius scale, absolute zero 
has the value —273.15 °C. The Celsius and Kelvin scales have equal-sized units—that is, 
a kelvin is the same size as a degree Celsius. Thus, the Kelvin and Celsius scales are related 
according to 


K = °C + 273.15 [1.3] 


The freezing point of water, 0 °C, is 273.15 K (Figure 1.18). Notice that we do not use a 
degree sign (°) with temperatures on the Kelvin scale. 


Derived SI Units 
The SI base units are used to formulate derived units. A derived unit is obtained by 
multiplication or division of one or more of the base units. We begin with the defining 


*Mass and weight are not the same. Mass is a measure of the amount of matter; weight is the 
force exerted on this mass by gravity. For example, an astronaut weighs less on the Moon than 
on Earth because the Moon’s gravitational force is less than Earth’s. The astronaut’s mass on the 
Moon, however, is the same as it is on Earth. 


What is the name of the unit that equals (a) 107? gram, (b) 10~° second, (c) 107° meter? 


(a) How many picometers are there in 1 m? (b) Express 
6.0 x 10° m using a prefix to replace the power of ten. 

(c) Use exponential notation to express 4.22 mg in grams. 
(d) Use decimal notation to express 4.22 mg in grams. 
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How many 1-L bottles are required to 
contain 1 mê of liquid? 


pe 


1m 


Ks 


1m 


1dmê=1L 


1em?=1mL 


lcm 


a 
lcm lcm 


A Figure 1.19 Volume relationships. The 
volume occupied by a cube 1 m on each 
edge is one cubic meter, 1 m°. Each 
cubic meter contains 1000 dm, 1 mê = 
1000 dm®. One liter is the same volume 
as one cubic decimeter, 1 L = 1 dmê. 
Each cubic decimeter contains 1000 
cubic centimeters, 1 dm? = 1000cm°. 
One cubic centimeter equals one 
milliliter, 1 cm? = 1 mL. 


\SA Sample Exercise 1.3 


SOLUTION 


> Practice Exercise 


D Converting Units of Temperature 


A weather forecaster predicts the temperature will reach 31 °C. What is this temperature in K? 


Equation 1.3, we have K = 31 + 273 = 304K. 


True or false: The “size” of a degree on the Celsius scale is the 
same as the “size” of a degree on the Kelvin scale. 


W. Go Figure 


373 K | 100 °C Water boils 
I f [l 
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a a | | 
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310K 8 F  37.0°C-§ |— Normal body temperature 
> L 2 L 
=] © 
vt haa 
273 K | - 0°C | Water freezes 


Kelvin scale Celsius scale 


A Figure 1.18 Comparison of the Kelvin and Celsius temperature scales. 


equation for a quantity and, then substitute the appropriate base units. For example, speed 
is defined as the ratio of distance traveled to elapsed time. Thus, the derived SI unit for 
speed is the SI unit for distance (length), m, divided by the SI unit for time, s, which gives 
m/s, read “meters per second.” Two common derived units in chemistry are those for vol- 
ume and density. 


Volume 


The volume of a cube is its length cubed, length?. Thus, the derived SI unit of volume is 
the SI unit of length, m, raised to the third power. The cubic meter, m’, is the volume of a 
cube that is 1 m on each edge (Figure 1.19). Smaller units, such as cubic centimeters, cm? 
(sometimes written cc), are frequently used in chemistry. Another volume unit used in 
chemistry is the liter (L), which equals a cubic decimeter, dm‘. (The liter is the first metric 
unit we have encountered that is not an SI unit.) There are 1000 milliliters (mL) in a liter, 
and 1 mL is the same volume as 1 cm?: 1 mL = 1 cm’. 


would be liquid at 525 K (assume samples are protected 
from air): (a) bismuth, Bi; (b) platinum, Pt; (c) selenium, Se; 
(d) calcium, Ca; (e) copper, Cu. 


Using Wolfram Alpha (http://www.wolframalpha.com/) or 
some other reference, determine which of these elements 
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Used to deliver variable volumes 


controls 
flow 


È Stopcock 
| 
| 


Graduated cylinder Syringe Burette Pipette 


A Figure 1.20 Common volumetric glassware. 


In the lab, you will likely use the devices in Figure 1.20 to measure and deliver 
volumes of liquids. Syringes, burettes, and pipettes deliver amounts of liquids with more 
precision than graduated cylinders. Volumetric flasks are used to contain specific vol- 
umes of liquid. 


Density 


Density is defined as the amount of mass in a unit volume of a substance: 


mass 


density = soune 


[1.4] 


The densities of solids and liquids are commonly expressed in either grams per 
cubic centimeter (g/cm*) or grams per milliliter (g/mL). The densities of some com- 
mon substances are listed in Table 1.5. It is no coincidence that the density of water 
is 1.00 g/mL; the gram was originally defined as the mass of 1 mL of water at a spe- 
cific temperature. Because most substances change volume when they are heated or 
cooled, densities are temperature dependent, and so temperature should be specified 
when reporting densities. If no temperature is reported, we assume 25 °C, close to 
normal room temperature. 

The terms density and weight are sometimes confused. A person who says that iron 
weighs more than air generally means that iron has a higher density than air—1 kg of air 
has the same mass as 1 kg of iron, but the iron occupies a smaller volume, thereby giving 
it a higher density. If we combine two liquids that do not mix, the less dense liquid will 
float on the denser liquid. 


Units of Energy 


The SI unit for energy is the joule (pronounced “jool”), J, in honor of James Joule (1818-1889), 
a British scientist who investigated work and heat. If we return to Equation 1.2 where kinetic 
energy was defined, we immediately see that joules are a derived unit, 1J = 1 kg-m?/s?. 
Numerically, a 2-kg mass moving at a velocity of 1 m/s possesses a kinetic energy of 1 J: 


E, = =m? = Zerga m/s)? = 1kg-m?/s? = 1J 


= 
2 


Used to hold a 


specific volume 


\ 


Volumetric flask 


TABLE 1.5 Densities of Selected 
Substances at 25 °C 


Substance Density (g/cm?) 
i nn oa 

Balsa wood 0.16 
Ethanol 0.79 

Water 1.00 
Ethylene glycol 1.09 

Table sugar 1.59 

Table salt 2.16 

Iron 7.9 

Gold 1982 
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\ Sample Exercise 1.4 


PP Determining Density and Using Density to Determine Volume or Mass 


(a) Calculate the density of mercury if 1.00 x 102 g occupies a volume of 7.36 cm, 
(b) Calculate the volume of 65.0 g of liquid methanol if its density is 0.791 g/mL. 
(c) What is the mass in grams of a cube of gold (density = 19.32 g/cm’) if the length of the cube is 2.00 cm? 


SOLUTION Solving Equation 1.3 for mass and substituting the volume and den- 
sity of the cube, we have 


Mass = volume x density = (8.00 cm’)(19.32 g/cm’) = 155g 


(a) We are given mass and volume, so Equation 1.3 yields 


mass 1.00 x 107g 


Density 3 13.6 g/cm? 
volume 736cm > Practice Exercise 
(b) Solving Equation 1.3 for volume and then using the given mass (a) Calculate the density of a 374.5-g sample of copper if it has a 
and density gives volume of 41.8 cm°. (b) A student needs 15.0 g of ethanol for an 
experiment. If the density of ethanol is 0.789 g/mL, how many 
Volume LASS bos 82.2 mL milliliters of ethanol are needed? (c) What is the mass, in grams, 
density 0.791 g/mL of 25.0 mL of mercury (density = 13.6 g/mL)? 


(c) We can calculate the mass from the volume of the cube and its 
density. The volume of a cube is given by its length cubed: 


Volume = (2.00 cm)? = (2.00)? cm? = 8.00 cm? 


Because a joule is not a very large amount of energy, we often use kilojoules (kJ) in discuss- 
ing the energies associated with chemical reactions. For example, the amount of heat 
released when hydrogen and oxygen react to form 1 g of water is 16 kJ. 

It is still quite common in chemistry, biology, and biochemistry to find energy 
changes associated with chemical reactions expressed in the non-SI unit of calories. A 
calorie (cal) was originally defined as the amount of energy required to raise the tem- 
perature of 1 g of water from 14.5 to 15.5 °C. It has since been defined in terms of a joule: 


1 cal = 4.184 J (exactly) 


A related energy unit that is familiar to anyone who has read a food label is the 
nutritional Calorie (note the capital C), which is 1000 times larger than calorie with a 
lowercase c: 1 Cal = 1000 cal = 1 kcal. 


= Sample Exercise 1.5 
D 


Identifying and Calculating Energy Changes 


A standard propane (C3Hg) tank used in an outdoor grill holds approximately 9.0 kg of propane. When the grill is operating, 
propane reacts with oxygen to form carbon dioxide and water. For every gram of propane that reacts with oxygen in this way, 46 kJ 

of energy is released as heat. (a) How much energy is released if the entire contents of the propane tank react with oxygen? 

(b) As the propane reacts, does the potential energy stored in chemical bonds increase or decrease? (c) If you were to store an 
equivalent amount of potential energy by pumping water to an elevation of 75 m above the ground, what mass of water would be 
needed? (Note: The force due to gravity acting on the water, which is the water’s weight, is F = m X g, where m Is the mass of 
the object and g is the gravitational constant, g = 9.8 m/s2.) 


SOLUTION (b) When propane reacts with oxygen, the potential energy stored in 
the chemical bonds is converted to an alternate form of energy, 
heat. Therefore, the potential energy stored as chemical energy 
must decrease. 

(c) The amount of work done to pump the water to a height of 
75 m can be calculated using Equation 1.1: 


(a) We can calculate the amount of energy released from the 
propane as heat by converting the mass of propane from kg 
to g and then using the fact that 46 kJ of heat are released per 
gram: 


1000¢ 46kj : ‘ 
x ~~ = 41x 105K] = 4.1 x 108J w=FXd=(mxg) xd 


E = 9.0k§ x Tye T 


rearranging to solve for the mass of water: 


4.1 X 108 kg-m?/s? 
(9.8 mi/s*)(75 ní) 


w 4.1 x 10°J 
&§Xd_ (9.8 m/s*)(75 m) 


= 5.6 X 10°kg 


At 25 °C, this mass of water would have a volume of 560,000 L. 
Thus, we see that large amounts of potential energy can be 
stored as chemical energy. 
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> Practice Exercise 
Which of the following objects has the greatest kinetic energy? 
(a) a 500-kg motorcycle moving at 100 km/h (b) a 1,000-kg car 
moving at 50 km/h (c) a 1500-kg car moving at 30 km/h (d) a 5000 kg 
truck moving at 10 km/h (e) a 10,000-kg truck moving at 5 km/h 


CHEMISTRY PUT TO WORK WAIAU Gaius 


Solar Energy Steps Up. Given the chal- 
lenges society faces in trying to mitigate the ef- 
fects of climate change, the need for affordable 
clean energy has never been greater. Given 
the massive amount of energy our planet re- 
ceives from the Sun, solar energy has long 
been touted as a technology of the future. The 
problem for decades has been the relatively 
high cost of solar power compared to energy 
generated from burning fossil fuels. How- 
ever, in recent years the cost of solar energy 
has decreased more rapidly than most people 
thought possible, decreasing more than 50% 
in just the past five years (Figure 1.21). 

Not surprisingly, over the last six years 
the number of solar panel installations world- 
wide has increased sixfold. Over the same pe- 
riod, the number of coal plants operating in 
the United States has decreased by 38%, from 
523 to 323. China is on track to install plants 
capable of generating more than 18 gigawatts 
of solar energy in 2015, nearly equal to the en- 
tire solar energy capacity of the United States. 
Furthermore, with the price of solar energy 
dropping rapidly, there is reason to believe 
that developing nations may forgo building 
fossil fuel power plants and skip straight to 
green energy technologies like solar and wind. 

Recently, chemists have discovered a new 
class of materials called halide perovskites that 
have the potential to bring the cost of solar 
energy down even further. Solar cells made 
with halide perovskites have been shown to be 
nearly as efficient as single crystal silicon solar 
cells, but can be prepared from inexpensive 
solution methods that differ from the more 
costly and energy-intensive methods used to 
produce silicon solar cells. There are still many 
challenges to be overcome before halide per- 
ovskite solar cells are produced commercially, 
but their future looks very promising. 
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Slowing a Progressive Disease. Proteins are very large molecules 
that play an essential role in biology and the functioning of living organ- 
isms. Out of the myriad different types of proteins, scientists have identified 
one class of proteins called prions that play an important role in certain neu- 
rological diseases. We all have prion proteins in our brains, and for nearly all 
of us, they cause no harmful effects. For a small fraction of people, though, 
something causes the prions to change form and to adopt an incorrectly 
folded molecular shape. This process, once begun, is cumulative, propa- 
gating throughout the brain; the misfolded proteins somehow trigger the 
same misfolding in other prion proteins. Eventually, the misfolded proteins 
aggregate into clusters that can destroy neurons, producing symptoms such 
as those seen in Alzheimer’s and Parkinson’s diseases. 
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A Figure 1.21 The cost of energy generated by photovoltaic modules. The median price per watt of 
electricity generated has dropped by two-thirds since 1998. The cost figures here include the cost 
for fully installed residential solar panels. 


Currently, no therapies have been developed to stop the progres- 
sion of prion diseases. However, there are encouraging signs that cer- 
tain small molecules could disrupt propagation of the disease. They 
might be able to do this by blocking the interaction between one 
prion protein and another that causes the misfolding to propagate. So 
far, the experimental work has involved studies of mice infected with 
prions. One such molecule, called Anle-138b, is shown in Figure 1.22. 
Administration of this compound more than doubled the life spans of 
treated mice. 

Compounds such as this one are not suitable for use in treating 
prion disease in humans, but studies conducted thus far point the 
way toward discovery of molecules that might in the future provide 


Continued 
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A Figure 1.22 Anle-138b, a promising molecule for the treatment 
of degenerative brain diseases. 


effective therapies. This work illustrates the complex and sometimes 
tortuous path that takes the scientist from promising beginnings to a 
much desired goal. 


Self-Assessment Exercise 
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Chemical Approaches to Art Restoration. Works of art are 
made from materials that over time can undergo chemical re- 
actions that alter their appearance or undermine their mechan- 
ical stability. Layers of dirt and pollutants can build up on the 
surface, discoloring statues, murals, and paintings. Plasters that 
serve as the base for frescoes react with gases in the atmosphere. 
One approach to art restoration is to use selected chemical reac- 
tions to undo or reverse the effects of detrimental reactions that 
have occurred over time. 

One such example involves murals at the ancient Mayan ru- 
ins of Mayapan in Mexico’s Yucatan peninsula. In the 1960s, poly- 
mer coatings were applied to these murals in an attempt to preserve 
them, but within a decade it became clear that the polymer coatings 
were doing more harm than good. Unfortunately, years of oxida- 
tion and cross-linking reactions had rendered the polymer coatings 
insoluble to nearly every type of organic solvent. In 2008, a team of 
Italian chemists found a way to remove the polymer coatings with- 
out damaging the underlying fresco. They treated the murals with a 
microemulsion, a special type of mixture where molecules called sur- 
factants encapsulate and carry nanometer-sized droplets of organic 
solvents through an aqueous solution to the surface of the fresco. 
Once the droplets reach the surface, they can dissolve and carry away 
the unwanted polymer coating. 


1.14 A standard Olympic-size swimming pool contains 2.5 ML (c) 2 500 mè 
of water. What volume is this in m3? (d) 2 500 000 m? 
(a) 2.5 m3 
(b) 250 mè 
Exercises 


1.15 Convert the following expressions into exponential notation: 
(a) 3 terameters (Tm) (b) 2.5 femtoseconds (fs) (c) 57 microm- 
eters (um) (d) 8.3 megagrams (Mg). 


Make the following conversions: (a) 25 °C to K (b) 110°C toK 
(c) 300 K to °C (d) 1100 K to °C 


1.16 


1.17 (a) Asample of tetrachloroethene, a liquid used in dry cleaning 
that is being phased out because of its potential to cause cancer, 
has a mass of 40.55 g and a volume of 25.0 mL at 25 °C. What 
is its density at this temperature? Will tetrachloroethene float 
on water? (Materials that are less dense than water will float.) 
(b) Carbon dioxide (CO ) is a gas at room temperature and 
pressure. However, carbon dioxide can be put under pres- 
sure to become a “supercritical fluid” that is a much safer 
dry-cleaning agent than tetrachloroethylene. At a certain 
pressure, the density of supercritical CO, is 0.469 g/cm’. 
What is the mass of a 25.0-mL sample of supercritical CO3 at 
this pressure? 


1.18 (a) To identify a liquid substance, a student determined 


its density. Using a graduated cylinder, she measured out 


a 45-mL sample of the substance. She then measured the 
mass of the sample, finding that it weighed 38.5 g. She 
knew that the sub-stance had to be either isopropyl alcohol 
(density 0.785 g/mL) or toluene (density 0.866g/mL). 
What are the calculated density and the probable identity of 
the substance? (b) An experiment requires 45.0 g of ethylene 
glycol, a liquid whose density is 1.114 g/mL. Rather than 
weigh the sample on a balance, a chemist chooses to dispense 
the liquid using a graduated cylinder. What volume of the 
liquid should he use? (c) Is a graduated cylinder such as that 
shown in Figure 1.20 likely to afford the accuracy of measure- 
ment needed? (d) A cubic piece of metal measures 5.00 cm on 
each edge. If the metal is nickel, whose density is 8.90 g/cm, 
what is the mass of the cube? 


1.19 


If on a certain year, an estimated amount of 4 million met- 
ric tons (1 metric ton = 1000 kg) of nitrous oxide (N20) 
was emitted worldwide due to agricultural activities, ex- 
press this mass of N20 in grams without exponential nota- 
tion, using an appropriate metric prefix. 
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SECTION 1.6 Uncertainty in Measurement 


1.6 | Uncertainty in Measurement 


Weighing a single postage stamp on a pair of old-fashioned scales is unlikely to give you a 
meaningful result. As scientists, when we make measurements, we must always consider 
the appropriateness of the numbers we report. There are specific ways in which to do this 
that can give us confidence in interpreting data collected by ourselves and others. By the 
end of this section, you should be able to 


e Determine the correct number of significant figures to report at the conclusion of an 
experiment 


Two kinds of numbers are encountered in scientific work: exact numbers (those whose values 
are known exactly) and inexact numbers (those whose values have some uncertainty). Most of 
the exact numbers we will encounter in this book have defined values. For example, there are 
exactly 12 eggs in a dozen and exactly 1000 g in a kilogram. The number 1 in any conversion 
factor, such as 1m = 100 cm or 1 kg = 1000 g, is an exact number. Exact numbers can also 
result from counting objects. For example, we can count the exact number of marbles in a jar 
or the exact number of people in a classroom. 

Numbers obtained by measurement are always inexact. The equipment used to 
measure quantities always has inherent limitations (equipment errors), and there are 
differences in how different people make the same measurement (human errors). Sup- 
pose ten students with ten balances are to determine the mass of the same coin. The 
ten measurements will probably vary slightly for various reasons. The balances might 
be calibrated slightly differently, and there might be differences in how each student 
reads the mass from the balance. Remember: Uncertainties always exist in measured 
quantities. 


Precision and Accuracy 


The terms precision and accuracy are often used in discussing the uncertainties of measured 
values. Precision is a measure of how closely individual measurements agree with one 
another. Accuracy refers to how closely individual measurements agree with the correct, 
or “true,” value. The dart analogy in Figure 1.23 illustrates the difference between these two 
concepts. 

In the laboratory, we often perform several “trials” of an experiment and average the 
results. The precision of the measurements is often expressed in terms of the standard 
deviation (Appendix A.5), which reflects how much the individual measurements differ 


High precision can be achieved on a scale 
like this one, which has 0.1 mg accuracy. 
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W. Go Figure 


How would the darts be positioned 
on the target for the case of “good 
accuracy, poor precision”? 


Good accuracy 
Good precision 


Poor accuracy 
Good precision 


Poor accuracy 
Poor precision 


A Figure 1.23 Precision and accuracy. 


from the average. We gain confidence in our measurements if we obtain nearly the same 
value each time—that is, when the standard deviation is small. Figure 1.23 reminds us, 
however, that precise measurements can be inaccurate. For example, if a very sensitive 
balance is poorly calibrated, the masses we measure will be consistently either high or 
low. They will be inaccurate even if they are precise. 


Significant Figures 


Suppose you determine the mass of a coin on a balance capable of measuring to the near- 
est 0.0001 g. You could report the mass as 2.2405 + 0.0001 g. The + notation (read 
“plus or minus”) expresses the magnitude of the uncertainty of your measurement. In 
much scientific work, we drop the + notation with the understanding that there is 
always some uncertainty in the last digit reported for any measured quantity. 

Figure 1.24 shows a thermometer with its liquid column between two scale marks. 
We can read the certain digits from the scale and estimate the uncertain one. Seeing 
that the liquid is between the 25°C and 30 °C marks, we estimate the temperature to be 
27 °C, being uncertain of the second digit of our measurement. By uncertain we mean 
that the temperature is reliably 27 °C and not 28 °C or 26 °C, but we can’t say that it is 
exactly 27 °C. 

All digits of a measured quantity, including the uncertain one, are called signifi- 
cant figures. A measured mass reported as 2.2 g has two significant figures, whereas 
one reported as 2.2405 g has five significant figures. The greater the number of signifi- 
cant figures, the greater the precision implied for the measurement. 

To determine the number of significant figures in a reported measurement, read the 
number from left to right, counting the digits starting with the first digit that is not zero. 
In any measurement that is properly reported, all nonzero digits are significant. Because zeros 
can be used either as part of the measured value or merely to locate the decimal point, 
they may or may not be significant: 


e Zeros between nonzero digits are always significant—1005 kg (four significant figures); 
7.03 cm (three significant figures). 


e Zeros at the beginning of a number are never significant; they merely indicate the position 
of the decimal point—0.02 g (one significant figure); 0.0026 cm (two significant figures). 


e Zeros at the end of a number are significant if the number contains a decimal 
point—0.0200 g (three significant figures); 3.0 cm (two significant figures). 


A problem arises when a number ends with zeros but contains no decimal point. 
In such cases, it is normally assumed that the zeros are not significant. Exponential 
notation (Appendix A.1) can be used to indicate whether end zeros are significant. 


| 
80 °C —|# 


Second digit in 27 °C is 
estimated and therefore 
uncertain 


A Figure 1.24 Uncertainty and significant figures in a measurement. 
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For example, a mass of 10 300 g can be written to show three, four, or five significant fig- 
ures depending on how the measurement is obtained: 


1.030 x 104g (four significant figures) 
1.0300 x 10*g (five significant figures) 


In these numbers, all the zeros to the right of the decimal point are significant (rules 1 
and 3). (The exponential term 10? does not add to the number of significant figures.) 


SWB Sample Exercise 1.6 (>) 


lt Assigning Appropriate Significant Figures 


The US state of Colorado is listed in a road atlas as having a population of 5,546,574 and an area of 269,837 square kilometers. 
Do the numbers of significant figures in these two quantities seem reasonable? If not, what seems to be wrong with them? 


SOLUTION good to six significant figures. It would be possible to achieve such 
accuracy using satellite technology, provided the legal boundaries 


The population of Colorado must vary from day to day as people are known with sufficient accuracy. 


move in or out, are born, or die. Thus, the reported number sug- 
gests a much higher degree of accuracy than is possible. Moreover, 
it would not be feasible to actually count every individual resident 
in the state at any given time. Thus, the reported number sug- > Practice Exercise 


gests far greater precision than is possible. A reported number of The back inside cover of the book tells us that there are 1000 cm3 
5,500,000 would better reflect the actual state of knowledge. al il iier Does tinie melke tina hia am Seci runme? 


The area of Colorado does not normally vary from time to time, so 
the question here is whether the accuracy of the measurements is 


> Sample Exercise 1.7 


PT Determining the Number of Significant Figures in a Measurement 


How many significant figures are in each of the following numbers (assume that each number is a measured quantity): 
(a) 4.003, (b) 6.023 x 1023, (c) 5000? 


SOLUTION 


(a) Four; the zeros are significant figures. (b) Four; the exponential 
term does not add to the number of significant figures. (c) One; 
we assume that the zeros are not significant when there is no 
decimal point shown. If the number has more significant figures, 
a decimal point should be employed or the number written in 
exponential notation. Thus, 5000. has four significant figures, 
whereas 5.00 x 10% has three. 


> Practice Exercise 
An object is determined to have a mass of 0.01080 g. How many 
significant figures are there in this measurement? 
(a) 2 (b) 3 (c) 4 (d) 5 (e) 6 


Significant Figures in Calculations 
Apply the following rule when carrying measured quantities through calculations. 


The least certain measurement limits the certainty of the calculated quantity and 
thereby determines the number of significant figures in the final answer. 


The final answer should be reported with only one uncertain digit. To keep track of sig- 
nificant figures in calculations, we will make frequent use of two rules: one for addition and 
subtraction, and another for multiplication and division. 


1. For addition and subtraction, the result has the same number of decimal places as the 
measurement with the fewest decimal places. When the result contains more than the 
correct number of significant figures, it must be rounded off. Consider the following 
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example where the first three numbers are added to give the fourth and in which the 
uncertain digits appear in color: 


20.42 <—— two decimal places 


This number limits 
the number of the significant 
figures in the result 


1.322 <—— three decimal places 
83.1 <— one decimal places 


104.842 <—— round off to one decimal place (104.8) 


We report the result as 104.8 because 83.1 has only one decimal place. 


2. For multiplication and division, the result contains the same number of significant 
figures as the measurement with the fewest significant figures. When the result 
contains more than the correct number of significant figures, it must be rounded 
off. For example, the area of a rectangle whose measured edge lengths are 6.221 and 
5.2 cm should be reported with two significant figures, 32 cm’, even though a calculator 
shows the product to have more digits: 


Area = (6.221 cm)(5.2 cm) = 32.3492 cm? => round off to 32 cm? 


because 5.2 has two significant figures. 


In determining the final answer for a calculated quantity, exact numbers are assumed to 
have an infinite number of significant figures. Thus, when we say, “There are 1000 meters in 
1 kilometer,” the number 1000 is exact, and we need not worry about the number of significant 
figures in it. 

When rounding offnumbers look at the leftmost digit to be removed: 

e Ifthe leftmost digit removed is less than 5, the preceding number is left unchanged. 
Thus, rounding off 7.248 to two significant figures gives 7.2. 


¢ If the leftmost digit removed is 5 or greater, the preceding number is increased by 1. 
Rounding off 4.735 to three significant figures gives 4.74, and rounding 2.376 to 
two significant figures gives 2.4.* 


= Sample Exercise 1.8 ©) 


D Determining the Number of Significant Figures in a Calculated Quantity 


The width, length, and height of a small box are 15.5, 27.3, and 5.4 cm, respectively. Calculate the volume of the box, 
using the correct number of significant figures in your answer. 


SOLUTION number is 2300, it is best reported in exponential notation, 2.3 x 10°, 


In reporting the volume, we can show only as many significant to clearly indicate two significant figures. 


figures as given in the dimension with the fewest significant fig- 


ures, which is that for the height (two significant figures): > Practice Exercise 


Volume = width x length x height It takes 10.5 s for a sprinter to run 100.00 m. Calculate her average 
= (15.5 cm) (27.3 cm)(5.4cm) speed in meters per second and express the result to the correct 
number of significant figures. 
= 2285.01 cm? > 2.3 x 10° cm? 
A calculator used for this calculation shows 2285.01, which we 
must round off to two significant figures. Because the resulting 


*Your instructor may want you to use a slight variation on the rule when the leftmost digit to be 
removed is exactly 5, with no following digits or only zeros following. One common practice is to 
round up to the next higher number if that number will be even and otherwise leave the number 
unchanged. Thus, 4.7350 would be rounded to 4.74, and 4.7450 would also be rounded to 4.74. 


\a Sample Exercise 1.9 


calculate the density of the gas at 25 °C. 


SOLUTION 


To calculate the density, we must know both the mass and the 
volume of the gas. The mass of the gas is just the difference in the 
masses of the full and empty container: 


837.63 g 
—836.25 g 
1.38 g 


In subtracting numbers, we determine the number of significant 
figures in our result by counting decimal places in each quantity. 


Pump out gas 


Volume: 1.05 x 10° cm? Mass: 836.25 g 
Mass: 837.63 g 


A Figure 1.25 Uncertainty and significant figures in a measurement. 
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y Determining the Number of Significant Figures in a Calculated Quantity 


A vessel containing a gas at 25 °C is weighed, emptied, and then reweighed as depicted in Figure 1.25. From the data provided, 


In this case each quantity has two decimal places. Thus, the mass 
of the gas, 1.38 g, has two decimal places. 


Using the volume given in the question, 1.05 X 10° cm, and the 
definition of density, we have 


mass 1.38 g 
volume 1.05 x 10° cm? 


Density 


= 1.31 x 10°° g/cm? = 0.00131 g/cm? 


In dividing numbers, we determine the number of significant fig- 
ures our result should contain by counting the number of signifi- 
cant figures in each quantity. There are three significant figures in 
our answer, corresponding to the number of significant figures in 
the two numbers that form the ratio. Notice that in this example, 
following the rules for determining significant figures gives an 
answer containing only three significant figures, even though the 
measured masses contain five significant figures. 


» Practice Exercise 


You are asked to determine the mass of a piece of copper using its 
reported density, 8.96 g/mL, and a 150-mL graduated cylinder. 
First, you add 105 mL of water to the graduated cylinder; then 
you place the piece of copper in the cylinder and record a volume 
of 137 mL. What is the mass of the copper reported with the cor- 
rect number of significant figures? (a) 287 g (b) 3.5 x 10-3 g/mL 
(c) 286.72 g/mL (d) 3.48 xX 10° g/mL (e) 2.9 x 107 g/mL 


When a calculation involves two or more steps and you write answers for intermediate 
steps, retain at least one nonsignificant digit for the intermediate answers. This procedure 
ensures that small errors from rounding at each step do not combine to affect the final 
result. When using a calculator, you may enter the numbers one after another, round- 
ing only the final answer. Accumulated rounding-off errors may account for small dif- 
ferences among results you obtain and answers given in the text for numerical problems. 


Self-Assessment Exercise 


1.20 Do the following numbers, all representing the thickness 
of a typical piece of paper, have the same number of signifi- 
cant figures: 0.10 mm, 1.0 x 1074m, 100 pm? 


(a) Yes 
(b) No 


Exercises 


1.21 Indicate which of the following are exact numbers: (a) the 
mass of a 7.5 by 12.5 cm index card, (b) the number of grams 
in a kilogram, (c) the volume of a cup of Seattle’s Best coffee, 
(d) the number of centimeters in a kilometer, (e) the number of 
microseconds in a week, (f) the number of pages in this book. 


1.22 What is the number of significant figures in each of the fol- 
lowing measured quantities? (a) 902.5 kg, (b) 3 x 10°°m, 
(c) 0.0096 L, (d) 2.94 x 10° m?, (e) 92.03 km (f) 782.234 g. 


1.23 Round each of the following numbers to three significant 
figures and express the result in standard exponential 


76 


1.24 


1.25 
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notation: (a) 2048732.23 (b) 0.000292945 (c) —82454.09 
(d) 942.057024 (e) —0.00000324683. 


Carry out the following operations and express the answers 
with the appropriate number of significant numbers. 


(a) 43.029 + 0.02348 (b) 952.72 — 73.4201 
(c) (2.93 X 10%) (0.732) (d) 0.06324/0.624 


You weigh an object on a balance and read the mass in 
grams according to the picture. How many significant fig- 
ures are in this measurement? 


$9SI919Xq JUBWSSASsy-}[aS 0} SIaMSUY 


y 


f Total Sale € 


Vmin 5 Litres 


Anyone who has travelled to another country and looked at the price of fuel there will 
experience the need to convert from one set of units to another. Most often, this conver- 
sion is between currencies but, in some cases, the standard volume may have different 
units—liters or gallons for example. 

The SI system of units provides a common ‘language’ in which to communicate 
measurement. However, there are still some industries and some countries in which his- 
toric units are employed. By the end of this section, you should be able to 


e Convert between different units for a particular measurement 


Because measured quantities have units associated with them, it is important to 
keep track of units as well as numerical values when using the quantities in calcu- 
lations. Throughout the text we use dimensional analysis in solving problems. In 
dimensional analysis, units are multiplied together or divided into each other 
along with the numerical values. Equivalent units cancel each other. Using di- 
mensional analysis helps ensure that solutions to problems yield the proper units. 
Moreover, it provides a systematic way of solving many numerical problems and of 
checking solutions for possible errors. 


Conversion Factors 


The key to using dimensional analysis is the correct use of conversion factors to change one 
unit into another. A conversion factor is a fraction whose numerator and denominator 
are the same quantity expressed in different units. For example, 2.54 cm and 1 inch are the 
same length: 2.54 cm = 1 in. This relationship allows us to write two conversion factors: 


2.54 cm ai lin. 
lin. 2.54 cm 


We use the first factor to convert inches to centimeters. For example, the length in 
centimeters of an object that is 8.50 in. long is 


Desired unit 
2.54 cm 


Number of centimeters = (8.50 jrr.) = 21.6 cm 


g Given unit 


The unit inches in the denominator of the conversion factor cancels the unit inches in 
the given data (8.50 inches), so that the centimeters unit in the numerator of the conver- 
sion factor becomes the unit of the final answer. Because the numerator and denomina- 
tor of a conversion factor are equal, multiplying any quantity by a conversion factor is 
equivalent to multiplying by the number 1 and so does not change the intrinsic value of 
the quantity. The length 8.50 in. is the same as the length 21.6 cm. 

In general, we begin any conversion by examining the units of the given data and 
the units we desire. We then ask ourselves what conversion factors we have available to 
take us from the units of the given quantity to those of the desired one. When we mul- 
tiply a quantity by a conversion factor, the units multiply and divide as follows: 


desired unit 
Given-unit x —————— = desired unit 
givenunit 


If the desired units are not obtained in a calculation, an error must have been made 
somewhere. Careful inspection of units often reveals the source of the error. 


\%A Sample Exercise 1.10 
D Converting Units 


1 Ib = 453.6 g) 


SOLUTION 


relationship between these units of mass. The conversion factor 
table found on the back inside cover tells us that 1 lb = 453.6 g. 
To cancel pounds and leave grams, we write the conversion factor 
with grams in the numerator and pounds in the denominator: 


453.68 
1lb 


Mass in grams = (115 w( 


The answer can be given to only three significant figures, the 
number of significant figures in 115 lb. The process we have used is 
diagrammed on the top right column. 


92,955,000 miles from the Sun. What is the distance in 
kilometers to four significant figures? (1 mile = 1.6093 km.) 


SECTION 1.7 Dimensional Analysis 


If a woman has a mass of 115 Ib, what is her mass in grams? (The measurement of a ‘pound’ has the units ‘Ib’. 


Because we want to change from pounds to grams, we look for a Given: lb 


) = 5.22 x 10*g Find: g 


> Practice Exercise (a) 5763 X 104km (b) 1.496 x 108km (c) 1.49596 x 108 km 
At a particular instant in time, the Earth is judged to be (d) 1.483 x 10t km (e) 57,759,000 km 
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STRATEGIES FOR SUCCESS SULEE UNAS 


Calculators are wonderful devices; they enable you to get to the 
wrong answer very quickly. Of course, that’s not the destination you 
want. You can take certain steps to avoid putting that wrong answer 
into your homework set or on an exam. One is to keep track of the 
units in a calculation and use the correct conversion factors. Second, 
you can do a quick mental check to be sure that your answer is rea- 
sonable: you can try to make a “ballpark” estimate. 

A ballpark estimate involves making a rough calculation using 
numbers that are rounded off in such a way that the arithmetic can 
be done without a calculator. Even though this approach does not 


CHAPTER 1 Introduction: Matter, Energy, and Measurement 


give an exact answer, it gives one that is roughly the correct size. By 
using dimensional analysis and by estimating answers, you can read- 
ily check the reasonableness of your calculations. 

You can get better at making estimates by practicing in every- 
day life. How far is it from your house to the chemistry lecture hall? 
How many bikes are there on campus? If you respond “I have no 
idea” to these questions, you’re giving up too easily. Try estimating 
familiar quantities and you’ll get better at making estimates in sci- 
ence and in other aspects of your life where a misjudgment can be 
costly. 


Using Two or More Conversion Factors 


It is often necessary to use several conversion factors in solving a problem. As an exam- 
ple, let’s convert the length of an 8.00 m rod to inches. We may be given the relationship 
between centimeters and inches (lin. = 2.54cm). We combine this with our knowl- 
edge of SI prefixes, ie 1cm = 10°? m. Thus, we can convert step by step, first from meters 
to centimeters and then from centimeters to inches: 


Given: Find: 
Use Use 3 
m = cm = in. 
1cm 1in. 
107? m 2.54 cm 


Combining the given quantity (8.00 m) and the two conversion factors, we have 


lcm )( lin. 
10-2 nt / \ 2.54 cat 


Number of inches = (8.00m( ) = 315in. 


The first conversion factor is used to cancel meters and convert the length to centime- 
ters. Thus, meters are written in the denominator and centimeters in the numerator. 
The second conversion factor is used to cancel centimeters and convert the length to inches, 
so it has centimeters in the denominator and inches, the desired unit, in the numerator. 

Note that you could have used 100 cm = 1m asa conversion factor as well in the 
second parentheses. As long as you keep track of your given units and cancel them prop- 
erly to obtain the desired units, you are likely to be successful in your calculations. 
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Sample Exercise 1.11 


Converting Units Using Two or More Conversion Factors 


The average speed of a nitrogen molecule in air at 25 °C is 515 m/s. Convert this speed to miles per hour. 


SOLUTION 


To go from the given units, m/s, to the desired units, mi/hr, we 
must convert meters to miles and seconds to hours. From our 
knowledge of SI prefixes we know that 1 km = 10° m and we are 
given 1 mi = 1.6093 km. Thus, we can convert m to km and then 
convert km to mi. From our knowledge of time we know that 


Applying first the conversions for distance and then those for 
time, we can set up one long equation in which unwanted units 


1mi 


are canceled: 
1km )( 608 (£ min 
10° mt 1 min 1hr 


= 1.15 x 103 mi/hr 


Speed in mi/hr (s1s®)( 


5 1.6093 all 


60s = 1 min and 60min = 1 hr. Thus, we can convert s to min 
and then convert min to hr. The overall process is 
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Given: Find: 
Use Use , Use et Use . 
m/s — km/s — mi/s — mi/min — mi/hr 
1km 1 mi 60s 60 min 
10° m 1.6093 km 1 min 1 hr 
Our answer has the desired units. We can check our calculation, The answer to the detailed solution has three significant figures, correspond- 
using the estimating procedure described in the “Strategies in Chem- ing to the number of significant figures in the given speed in m/s. 


istry” box. The given speed is about 500 m/s. Dividing by 1000 
converts m to km, giving 0.5 km/s. Because 1 mi is about 1.6 km, 
this speed corresponds to 0.5/1.6 = 0.3 mi/s. Multiplying by 60 
gives about 0.3 X 60 = 20 mi/min. Multiplying again by 60 gives 


> Practice Exercise 
A car travels 28 mi per gallon of gasoline. What is the mileage 


20 x 60 = 1200 mi/hr. The approximate solution (about 1200 mi/hr) in kilometers per liter? 
and the detailed solution (1150 mi/hr) are reasonably close. 


Conversions Involving Volume 


The conversion factors previously noted convert from one unit of a given measure to an- 
other unit of the same measure, such as from length to length. We also have conversion 
factors that convert from one measure to a different one. The density of a substance, for 
example, can be treated as a conversion factor between mass and volume. Suppose we 
want to know the mass in grams of 2 cubic inches (2.00 in.*) of gold, which has a density 
of 19.3 g/cm’. The density gives us the conversion factors: 


19.3 g 1 cm? 
1 cm? a 19.3 g 


Because we want a mass in grams, we use the first factor, which has mass in grams in 
the numerator. To use this factor, however, we must first convert cubic inches to cubic 
centimeters. The relationship between in.* and cm? may not be given directly, but the 
relationship between inches and centimeters is given: 1 in. = 2.54 cm (exactly). Cubing 
both sides of this equation gives (1 in.)? = (2.54 cm)?, from which we write the desired 
conversion factor: 


(2.54cm)*  (2.54)°cm? 16.39 cm? 


(1in.)? (1)3in# lin? 


Notice that both the numbers and the units are cubed. Also, because 2.54 is an exact 
number, we can retain as many digits of (2.54)? as we need. We have used four, one more 
than the number of digits in the density (19.3 g/cm?). Applying our conversion factors, 
we can now solve the problem: 


N a 


The procedure is diagrammed here. The final answer is reported to three significant 
figures, the same number of significant figures as in 2.00 in. and 19.3 g. 


Mass in grams = (2.00 in2)( 


Given: Find: 


in3 ——— cm? F g 
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Sample Exercise 1.12 


Converting Volume Units 


SOLUTION 


We know 1 L = 107? m? (Figure 1.19), but there is no relationship 
listed involving km’. From our knowledge of SI prefixes, however, 
we know 1 km = 10? m and we can use this relationship between 
lengths to write the desired conversion factor 

between volumes: 


( 103 my _ 10°m? 
1km 1km3 


Thus, converting from km? to m? to L, we have 


(1.36 x 10? kor)" 


1L 
Volume in liters ) 
10°? m? 
1.36 x 10” L 


> Practice Exercise 
A barrel of oil as measured on the oil market is equal to 1.333 
U.S. barrels. A U.S. barrel is equal to 31.5 gal. If oil is on the 
market at $94.0 per barrel, what is the price in dollars per 
gallon? 


CHAPTER 1 Introduction: Matter, Energy, and Measurement 


Earth’s oceans contain approximately 1.36 x 10% km? of water. Calculate the volume in liters. 


How many liters of water do Earth’s oceans contain? 


(a) $2.24/gal (b) $3.98/gal (c) $2.98/gal (d) $1.05/gal 
(e) $8.42/gal 


STRATEGIES FOR SUCCESS EUME r ter) 


If you have ever played a musical instrument or participated in ath- 
letics, you know that the keys to success are practice and discipline. 
You cannot learn to play a piano merely by listening to music, and 
you cannot learn how to play basketball merely by watching games 
on television. Likewise, you cannot learn chemistry by merely watch- 
ing your instructor give lectures. Simply reading this book, listening 
to lectures, or reviewing notes will not usually be sufficient when 
exam time comes around. Your task is to master chemical concepts 
to a degree that you can put them to use in solving problems and 
answering questions. Solving problems correctly takes practice— 
actually, a fair amount of it. You will do well in your chemistry course 
if you embrace the idea that you need to master the materials pre- 
sented and then learn how to apply them in solving problems. Even 
if you’re a brilliant student, this will take time; it’s what being a stu- 
dent is all about. Almost no one fully absorbs new material on a first 
reading, especially when new concepts are being presented. You are 
sure to master the content of the chapters more fully by reading 


them through at least twice, even more for passages that present you 
with difficulties in understanding. 

Throughout the book, we have provided sample exercises in 
which the solutions are shown in detail. For practice exercises, we 
supply only the answer, at the back of the book. It is important that 
you use these exercises to test yourself. 

The practice exercises in this text and the homework assign- 
ments given by your instructor provide the minimal practice that 
you will need to succeed in your chemistry course. Only by working 
all the assigned problems will you face the full range of difficulty and 
coverage that your instructor expects you to master for exams. There 
is no substitute for a determined and perhaps lengthy effort to work 
problems on your own. If you are stuck on a problem, however, ask 
for help from your instructor, a teaching assistant, a tutor, or a fellow 
student. Spending an inordinate amount of time on a single exercise 
is rarely effective unless you know that it is particularly challenging 
and is expected to require extensive thought and effort. 
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If, like most students, you haven’t yet read the part of the Preface to 
this text entitled TO THE STUDENT, you should do it now. In less than 
two pages of reading you will encounter valuable advice on how to 
navigate your way through this book and through the course. We’re 
serious! This is advice you can use. 

The TO THE STUDENT section describes how text features such 
as “What’s Ahead,” Key Terms, Learning Outcomes, and Key Equa- 
tions will help you remember what you have learned. If you have reg- 
istered for MasteringChemistry®, you will have access to many helpful 
animations, tutorials, and additional problems correlated to specific 
topics and sections of each chapter. An eBook is also available on- 
line. In addition, the Pearson eText brings to life the content of each 
chapter with animations and videos. Interactive end-of-section Self- 
Assessment Exercises are featured with specific wrong-answer feedback. 


As previously mentioned, working exercises is very important— 
in fact, essential. You will find a large variety of exercises at the end 
of each section and chapter that are designed to test your problem- 
solving skills in chemistry. Your instructor will very likely assign 
some of these exercises as homework. 


e The first few exercises called “Visualizing Concepts” are meant to test 
how well you understand a concept without plugging a lot of num- 
bers into a formula. 

e Additional Exercises appear after the regular exercises; the chapter 
sections that they cover are not identified. 

e Integrative Exercises, which start appearing in Chapter 3, are prob- 
lems that require skills learned in previous chapters. 


e Also first appearing in Chapter 3 are Design an Experiment exer- 
cises consisting of problem scenarios that challenge you to design 
experiments to test hypotheses. 


Many chemical databases are available, usually on the Web. 


e The CRC Handbook of Chemistry and Physics is the standard refer- 
ence for many types of data and is available in libraries. 
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e The Merck Index is a standard reference for the properties of many 


organic compounds, especially those of biological interest. 


e WebElements (http://www.webelements.com/) is a good website 


for looking up the properties of the elements. 


e Wolfram Alpha (http://www.wolframalpha.com/) can also be a 


source of useful information on substances, numerical values, and 
other data. 


Self-Assessment Exercise 


1.26 A soft drink indicates that it contain 21 kJ of energy. Given 
1J = 0.2390 calories, what is the energy content in calories 
(hint: mind the significant figures)? 


(a) 5.0 cal 
(b) 88 cal 


(c) 5.0 kcal 
(d) 5019 cal 


Exercises 


1.27 Using your knowledge of metric units and the information 
given in the chapter, write down the conversion factors 
needed to convert (a) in. to cm (b) 1b to g (c) pg to g (d) 
ft? to cm?. 


1.28 (a) A bumblebee flies with a ground speed of 15.2 m/s. Cal- 
culate its speed in km/hr. (b) The lung capacity of the blue 
whale is 5.0 x 10°L. Convert this volume into gallons. 
(c) The Statue of Liberty is 151 ft tall. Calculate its height in 
meters. (d) Bamboo can grow up to 60.0 cm/day. Convert 


this growth rate into inches per hour. 


1.29 Perform the following conversions: (a) 5.00 days to s, (b) 
0.0550 miles to m, (c) $1.89/gal to dollars per liter, (d) 0.510 in/ 


ms to km/h, (e) 22.50 gal/min to L/s, (£) 0.02500 ft? to cm’. 


(a) How many liters of wine can be held in a wine barrel 
whose capacity is 31 gal? (b) The recommended adult dose 
of Elixophyllin®, a drug used to treat asthma, is 6 mg/kg of 


1.30 
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Chapter Summary and Key Terms 


THE STUDY OF CHEMISTRY (SECTION 1.1) Chemistry is the study 
of the composition, structure, properties, and changes of matter. The 
composition of matter relates to the kinds of elements it contains. The 
structure of matter relates to the ways the atoms of these elements are 
arranged. A property is any characteristic that gives a sample of matter 
its unique identity. A molecule is an entity composed of two or more 
atoms, with the atoms attached to one another in a specific way. 

The scientific method is a dynamic process used to answer ques- 
tions about the physical world. Observations and experiments lead 
to tentative explanations or hypotheses. As a hypothesis is tested and 
refined, a theory may be developed that can predict the results of fu- 
ture observations and experiments. When observations repeatedly 
lead to the same consistent results, we speak of a scientific law, a gen- 
eral rule that summarizes how nature behaves. 


CLASSIFICATIONS OF MATTER (SECTION 1.2) Matter exists in 
three physical states, gas, liquid, and solid, which are known as the states 
of matter. There are two kinds of pure substances: elements and com- 
pounds. Each element has a single kind of atom and is represented by 
a chemical symbol consisting of one or two letters, with the first letter 
capitalized. Compounds are composed of two or more elements joined 


body mass. Calculate the dose in milligrams for a 185 1b 
person. (c) Ifan automobile is able to travel 400 km on 47.3 L 
of fuel, what is the gas mileage in miles per gallon? 
(d) When the coffee is brewed according to directions, a 
pound of coffee beans yields 50 cups of coffee. How many 
kg of coffee are required to produce 200 cups of coffee? 


1.31 The density of air at ordinary atmospheric pressure and 
25 °C is 1.19 g/L. What is the mass, in kilograms, of the air 


in a room that measures 4.5m x 5.0m X 2.5 m? 
1.32 


Gold can be hammered into extremely thin sheets called 
gold leaf. An architect wants to cover a 30m X 25 m ceil- 
ing with gold leaf that is twelve-millionths of a centimeter 
thick. The density of gold is 19.32 g/cm’, and gold costs 
$1654 per troy ounce (1 troy ounce = 31.1034768 g). 
How much will it cost the architect to buy the necessary 
gold? 
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chemically. The law of constant composition, also called the law of definite 
proportions, states that the elemental composition of a pure compound 
is always the same. Most matter consists of a mixture of substances. Mix- 
tures have variable compositions and can be either homogeneous or het- 
erogeneous; homogeneous mixtures are called solutions. 


PROPERTIES OF MATTER (SECTION 1.3) Fach substance has a 
unique set of physical properties and chemical properties that can be 
used to identify it. During a physical change, matter does not change 
its composition. Changes of state are physical changes. In a chemical 
change (chemical reaction), a substance is transformed into a chemically 
different substance. Intensive properties are independent of the amount 
of matter examined and are used to identify substances. Extensive prop- 
erties relate to the amount of substance present. Differences in physical 
and chemical properties are used to separate substances. 


THE NATURE OF ENERGY (SECTION 1.4) Energy is defined as the 
capacity to do work or transfer heat. Work is the energy transferred 
when a force exerted on an object causes a displacement of that ob- 
ject, and heat is the energy used to cause the temperature of an object 
to increase. An object can possess energy in two forms: kinetic energy, 
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which is the energy associated with the motion of an object, and 
potential energy, which is the energy that an object possesses by virtue 
of its position relative to other objects. Important forms of potential 
energy include gravitational energy and electrostatic energy. 


UNITS OF MEASUREMENT (SECTION 1.5) Measurements in chem- 
istry are made using the metric system. Special emphasis is placed on SI 
units, which are based on the meter, the kilogram, and the second as the 
basic units of length, mass, and time, respectively. SI units use prefixes to 
indicate fractions or multiples of base units. The SI temperature scale is the 
Kelvin scale, although the Celsius scale is frequently used as well. Absolute 
zero is the lowest temperature attainable. It has the value 0 K. A derived unit 
is obtained by multiplication or division of SI base units. Derived units are 
needed for defined quantities such as speed or volume. Density is an im- 
portant derived unit that equals mass divided by volume. 


UNCERTAINTY IN MEASUREMENT (SECTION 1.6) All measured 
quantities are inexact to some extent. The precision of a measurement 


indicates how closely different measurements of a quantity agree 
with one another. The accuracy of a measurement indicates how well 
a measurement agrees with the accepted or “true” value. The signifi- 
cant figures in a measured quantity include one estimated digit, the 
last digit of the measurement. The significant figures indicate the 
extent of the uncertainty of the measurement. Certain rules must 
be followed so that a calculation involving measured quantities is re- 
ported with the appropriate number of significant figures. 


DIMENSIONAL ANALYSIS (SECTION 1.7) In the dimensional anal- 
ysis approach to problem solving, we keep track of units as we carry 
measurements through calculations. The units are multiplied to- 
gether, divided into each other, or canceled like algebraic quantities. 
Obtaining the proper units for the final result is an important means 
of checking the method of calculation. When converting units and 
when carrying out several other types of problems, conversion factors 
can be used. These factors are ratios constructed from valid relations 
between equivalent quantities. 


Learning Outcomes After studying this chapter, you should be able to: 


e Distinguish among elements, compounds, and mixtures. 
(Section 1.2) Related Exercises: 1.3, 1.5, 1.45 


e Identify symbols of common elements. (Section 1.2) 
Related Exercises: 1.4, 1.46 


e Distinguish between chemical and physical changes. (Section 1.3) 
Related Exercises: 1.8, 1.9, 1.47, 1.48 


e Distinguish between kinetic and potential energy. (Section 1.4) 
Related Exercises: 1.12, 1.13 


e Calculate the kinetic energy of an object. (Section 1.4). 
Related Exercises: 1.50, 1.51, 1.52, 1.53 


e Identify common metric prefixes. (Section 1.5) 
Related Exercises: 1.15, 1.54 


e Demonstrate the use of significant figures, scientific notation, and 
SI units in calculations. (Section 1.6) 
Related Exercises: 1.22, 1.24, 1.63, 1.65 


e Use appropriate SI units for defined quantities, and employ 
dimensional analysis in calculations. (Sections 1.5 and 1.7) 
Related Exercises: 1.28, 1.30, 1.68, 1.70 


b 


Key Equations 


e w=Fxd [1.1] Work done by a force in the direction of displacement 
e = Zm? [1.2] Kinetic energy 
e K=°C + 273.15 [1.3] Converting between Celsius (°C) and Kelvin (K) temperature scales 
mass 
e Density =~ 7 1.4 initi i 
eny = ome [1.4] Definition of density 
Exercises 


Visualizing Concepts 


1.33 Which of the following figures represents (a) a pure element, 
(b) a mixture of two elements, (c) a pure compound, (d) a 
mixture of an element and a compound? (More than one 
picture might fit each description.) [Section 1.2] 


(ii) (iii) 


Gv) (vi) 


1.34 Which of the following diagrams represents a chemical 
change? [Section 1.3] 


1.35 Musical instruments like trumpets and trombones are made 
from an alloy called brass. Brass is composed of copper and 
zinc atoms and appears homogeneous under an optical mi- 
croscope. The approximate composition of most brass objects 
is a 2:1 ratio of copper to zinc atoms, but the exact ratio var- 
ies somewhat from one piece of brass to another. (a) Would 
you classify brass as an element, a compound, a homogeneous 
mixture, or a heterogeneous mixture? (b) Would it be correct 


to say that brass is a solution? [Section 1.2] 


1.36 Consider the two spheres shown here, one made of silver and 
the other of aluminum. (a) What is the mass of each sphere 
in kg? (b) The force of gravity acting on an object is F = mg, 
where m is the mass of an object and g is the acceleration of 
gravity (9.8 m/s”). How much work do you do on each sphere 
it you raise it from the floor to a height of 2.2 m? (c) Does the 
act of lifting the sphere off the ground increase the potential 
energy of the aluminum sphere by a larger, smaller, or same 
amount as the silver sphere? (d) If you release the spheres si- 
multaneously, they will have the same velocity when they hit 
the ground. Will they have the same kinetic energy? If not, 


which sphere will have more kinetic energy? [Section 1.4] 


Composition = aluminum 
Density = 2.70 g/cm? 
Volume = 196 cm 


Composition = silver 


Volume = 196 cm? 


1.37 Is the separation method used in brewing a cup of coffee 
best described as distillation, filtration, or chromatography? 


[Section 1.3] 


Density = 10.49 g/cm? 
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Identify each of the following as measurements of length, 
area, volume, mass, density, time, or temperature: (a) 25 ps, 
(b) 374.2 mg, (c) 77 K, (d) 100,000 km’, (e) 1.06 um, 
(£) 16 nm”, (g) —78 °C, (h) 2.56 g/cm’, (i) 28 cm’. [Section 1.5] 
(a) Three spheres of equal size are composed of aluminum 
(density = 2.70 g/cm’), silver (density = 10.49 g/cm’), 
and nickel (density = 8.90 g/cm*). List the spheres from 
lightest to heaviest. (b) Three cubes of equal mass are 
composed of gold (density = 19.32 g/cm°), platinum 
(density = 21.45 g/cm*), and lead (density = 11.35 g/cm’). 
List the cubes from smallest to largest. [Section 1.5] 


The three targets from a rifle range shown here were pro- 
duced by: (A) the instructor firing a newly acquired target 
rifle; (B) the instructor firing his personal target rifle; and 
(C) a student who has fired his target rifle only a few times. 
(a) Comment on the accuracy and precision for each of these 
three sets of results. (b) For the A and C results in the future to 
look like those in B, what needs to happen? [Section 1.6] 


A B 


(a) What is the length of the pencil in the following figure if 
the ruler reads in centimeters? How many significant figures 
are there in this measurement? (b) An automobile speed- 
ometer with circular scales reading both miles per hour and 
kilometers per hour is shown. What speed is indicated, in 
both units? How many significant figures are in the measure- 
ments? [Section 1.6] 


-Mi oO 


(a) How many significant figures should be reported for the 
volume of the metal bar shown here? (b) If the mass of the 
bar is 104.72 g, how many significant figures should be re- 
ported when its density is determined using the calculated 
volume? [Section 1.6] 


< 5.30 cm >| 
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Consider the jar of jelly beans in the photo. To get an estimate 
of the number of beans in the jar you weigh six beans and 
obtain masses of 3.15, 3.12, 2.98, 3.14, 3.02, and 3.09 g. Then 
you weigh the jar with all the beans in it, and obtain a mass of 
2082 g. The empty jar has a mass of 653 g. Based on these data, 
estimate the number of beans in the jar. Justify the number of 
significant figures you use in your estimate. [Section 1.6] 


This photo shows a picture of an agate stone. Jack, who 
picked up the stone on the Lake Superior shoreline and pol- 
ished it, insists that agate is a chemical compound. Ellen 
argues that it cannot be a compound. Discuss the relative 
merits of their positions. [Section 1.2] 


Classification and Properties of Matter 
(Sections 1.2 and 1.3) 
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Classify each of the following as a pure substance or a mix- 
ture. If a mixture, indicate whether it is homogeneous or het- 
erogeneous: (a) milk, (b) beer, (c) diamond, (d) mayonnaise. 


Give the chemical symbol or name for each of the following 
elements, as appropriate: (a) rhenium, (b) tungsten, (c) cae- 
sium, (d) hydrogen, (e) indium, (£) As, (g) Xe, (h) Kr, (i) Te, 
(j) Ge. 

(a) Read the following description of the element zinc and 


indicate which are physical properties and which are chemi- 
cal properties. 


Zinc melts at 420 °C. When zinc granules are added to dilute 
sulfuric acid, hydrogen is given off and the metal dissolves. 
Zinc has a hardness on the Mohs scale of 2.5 and a density of 
7.13 g/cm? at 25 °C. It reacts slowly with oxygen gas at ele- 
vated temperatures to form zinc oxide, ZnO. 
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(a) Which properties of zinc can you describe from the 
photo? Are these physical or chemical properties? 


A match is lit to light a candle. The following observations are 
made: (a) The candle burns. (b) Some wax melts. (c) Melted wax 
solidifies on the candleholder. (d) Soot (carbon) is produced by 
the burning of the match and the candle. Which of these occur- 
rences are due to physical changes, and which are due to chemi- 
cal changes? 


A silvery metal is put inside a beaker of water. Bubbles form 
on the surface of the metal and it dissolves gradually. (a) Is 
this an example of a chemical or a physical change? (b) Do 
you expect the remaining solution to be a pure substance or 
a mixture? 


The Nature of Energy (Section 1.4) 
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(a) Calculate the kinetic energy, in joules, of a 15-g bullet 
moving at 120 m/s. (b) When the bullet is stopped by a bul- 
letproof vest, which form of energy does the kinetic energy of 
the bullet convert to? 


(a) A baseball weighs 145.4 g. What is the kinetic energy, in 
joules, of this baseball when it is thrown by a major league 
pitcher at 150 km/h? (b) By what factor will the kinetic 
energy change if the speed of the baseball is decreased to 
90 km/h? (c) What happens to the kinetic energy when the 
baseball is caught by the catcher? Is it converted mostly to 
heat or to some form of potential energy? 


What is the kinetic energy and velocity of the aluminum 
sphere in Problem 1.36 at the moment it hits the ground? 
(Assume that energy is conserved during the fall and that 
100% of the sphere’s initial potential energy is converted to 
kinetic energy by the time impact occurs.) 


What is the kinetic energy and velocity of the silver sphere 
in Problem 1.36 at the moment it hits the ground? (Assume 
that energy is conserved during the fall and that 100% of the 
sphere’s initial potential energy is converted to kinetic en- 
ergy by the time impact occurs.) 


Units of Measurement (Section 1.5) 
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Use appropriate metric prefixes to write the following mea- 
surements without use of exponents: (a) 7.29 x 10°g 
(b) 6.1 x 107m (c) 1.828 x 10s (d) 3.523 x 10° m? 
(e) 9.62 X 10? m/s (£) 8.923 x 1071? kg (g) 3.552 X 10! L. 


Make the following conversions: (a) 83 °F to °C (b) 29 °C to °F 
(c) 294 °C to K (d) 832 K to °C (e) 721 K to °F (£) 35 °F to K. 


(a) A child has a fever of 101 °F. What is the temperature in °C? 
(b) In a desert, the temperature can be as high as 45°C, what 
is the temperature in °F? (c) During winter, the temperature of 
the Arctic region can drop below —50 °C, what is the tempera- 
ture in degree Fahrenheit and in Kelvin? (d) The sublimation 
temperature of dry ice is —78.5 °C. Convert this temperature 
to degree Fahrenheit and Kelvin. (e) Ethanol boils at 351 K. 
Convert this temperature to degree Fahrenheit and degree 
Celsius. 


(a) What is the mass of a silver cube whose edges measure 2.00 
cm each at 25 °C? The density of silver is 10.49 g/cm? at 25 °C. 
(b) The density of aluminum is 2.70 g/cm? at 25 °C. What is 
the weight of the aluminum foil with an area of 0.5 m? anda 
thickness of 0.5 mm? (c) The density of hexane is 0.655 g/mL at 
25 °C. Calculate the mass of 1.5 L of hexane at this temperature. 


(a) After the label fell off a bottle containing a clear liquid be- 
lieved to be benzene, a chemist measured the density of the 
liquid to verify its identity. A 25.0-mL portion of the liquid 
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had a mass of 21.95 g. A chemistry handbook lists the density 
of benzene at 15 °C as 0.8787 g/mL. Is the calculated density 
in agreement with the tabulated value? (b) An experiment 
requires 15.0 g of cyclohexane, whose density at 25 °C is 
0.7781 g/mL. What volume of cyclohexane should be used? 
(c) A spherical ball of lead has a diameter of 5.0 cm. What is 
the mass of the sphere if lead has a density of 11.34 g/cm? 
(The volume of a sphere is (4/3)ar?, where ris the radius.) 


Silicon for computer chips is grown in large cylinders called 
“boules” that are 300 mm in diameter and 2 m in length, as 
shown. The density of silicon is 2.33 g/cm’. Silicon wafers 
for making integrated circuits are sliced from a 2.0 m boule 
and are typically 0.75 mm thick and 300 mm in diameter. 
(a) How many wafers can be cut from a single boule? 
(b) What is the mass of a silicon wafer? (The volume of a cyl- 
inder is given by rh, where ris the radius and h is its height.) 


Diamond blade ~ 0.75 mm 
thickness 
Si boule 
300 mm 
diameter 
Cut wafers 


1.60 


1.61 


gt 


Use of the British thermal unit (Btu) is common in some 
types of engineering work. A Btu is the amount of heat 
required to raise the temperature of 1 lb of water by 1°F. 
Calculate the number of joules in a Btu. 


A watt is a measure of power (the rate of energy change) equal 
to 1J/s. (a) Calculate the number of joules in a kilowatt-hour. 
(b) An adult person radiates heat to the surroundings at 
about the same rate as a 100-watt electric incandescent light 
bulb. What is the total amount of energy in kcal radiated to 
the surroundings by an adult over a 24 h period? 


Uncertainty in Measurement (Section 1.6) 
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Indicate which of the following are exact numbers: (a) the mass of 
a 945-mL can of coffee, (b) the number of students in your chem- 
istry class, (c) the temperature of the surface of the Sun, (d) the 
mass of a postage stamp, (e) the number of milliliters in a cubic 
meter of water, (f) the average height of NBA basketball players. 


Indicate the number of significant figures in each of the fol- 
lowing measured quantities: (a) 62.65 km/hr, (b) 78.00 K, 
(c) 36.9 mL, (d) 250 mm, (e) 89.2 metric tons, 
(£) 6.4224 x 10? mè. 

(a) The diameter of Earth at the equator is 12756.27 km. 
Round this number to three significant figures and express it 
in standard exponential notation. (b) The circumference of 
Earth through the poles is 40,008 km. Round this number to 
four significant figures and express it in standard exponential 
notation. 

Carry out the following operations and express the answers 
with the appropriate number of significant numbers. 


(a) (6.234 + 8.72) x 0.6746 
(b) 732.1 — (892.5/8.2) 


Exercises 85 


(c) [(3.696 x 105) — (6.234 x 103)] x 0.0742 
(d) 0.006438 x 108 — (8.639 + 8.52) 


1.66 You have a graduated cylinder that contains a liquid (see 


photograph). Write the volume of the liquid, in milliliters, 
using the proper number of significant figures. 


Dimensional Analysis (Section 1.7) 


Note: 12 inches = 1 foot 


1m=39.37 inches 
1 mile = 1.609 km 
1 pound = 454 g 

1 gallon = 3.7854 L 
1 m? = 264 gallon 


1.67 Using your knowledge of metric units and the given infor- 


mation, write down the conversion factors needed to con- 
vert (a) km/h to m/s (b) mL to uL (c) ps to s (d) m? to gal. 


1.68 (a) The speed of light in a vacuum is 2.998 x 10° m/s. Cal- 


culate its speed in miles per hour. (b) The Sears Tower in 
Chicago is 1454 ft tall. Calculate its height in meters. (c) The 
Vehicle Assembly Building at the Kennedy Space Center in 
Florida has a volume of 3,666,500 m?. Convert this volume 
to liters and express the result in standard exponential no- 
tation. (d) An individual suffering from a high cholesterol 
level in her blood has 242 mg of cholesterol per 100 mL of 
blood. If the total blood volume of the individual is 5.2 L, 
how many grams of total blood cholesterol does the individ- 
ual’s body contain? 


1.69 Carry out the following conversions: (a) 0.105 in. to mm, 


(b) 8.75 mm/s to km/h, (c) $3.99/lb to dollars per kg, 
(d) 8.75 lb/ft? to g/mL. 


1.70 (a) In March 1989, the Exxon Valdez ran aground and 


spilled 240,000 barrels of crude petroleum off the coast of 
Alaska. One barrel of petroleum is equal to 42 gal. How 
many liters of petroleum were spilled? 


1.71 The indoor concentration of ozone above 300 g/m? is con- 


sidered to be unhealthy. What mass of ozone in grams is 
present in a room measuring 3.2m X 2.8m X 4.1 m? 


1.72 A copper refinery produces a copper ingot weighing 70 kg. 


If the copper is drawn into wire whose diameter is 7.50 mm, 
how many meters of copper can be obtained from the ingot? 
The density of copper is 8.94 g/cm. (Assume that the wire is 
a cylinder whose volume V = ar7h, where ris its radius and h 
is its height or length.) 
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Additional Exercises 
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Classify each of the following as a pure substance, a solution, 
or a heterogeneous mixture: (a) a leaf, (b) a 999 gold bar, 
(c) stainless steel. 


(a) Which is more likely to eventually be shown to be incor- 
rect: an hypothesis or a theory? (b) A(n) reliably 
predicts the behavior of matter, while a(n) provides 
an explanation for that behavior. 


A sample of ascorbic acid (vitamin C) is synthesized in 
the laboratory. It contains 1.50 g of carbon and 2.00 g of 
oxygen. Another sample of ascorbic acid isolated from 
citrus fruits contains 6.35 g of carbon. According to the 
law of constant composition, how many grams of oxygen 
does it contain? 


Ethyl chloride is sold as a liquid (see photo) under pressure 
for use as a local skin anesthetic. Ethyl chloride boils at 12 °C 
at atmospheric pressure. When the liquid is sprayed onto 
the skin, it boils off, cooling and numbing the skin as it 
vaporizes. (a) What changes of state are involved in this use 
of ethyl chloride? (b) What is the boiling point of ethyl chlo- 
ride in degrees Fahrenheit? (c) The bottle shown contains 
103.5 mL of ethyl chloride. The density of ethyl chloride at 
25°C is 0.765 g/cm*. What is the mass of ethyl chloride in 
the bottle? 


Two students determine the percentage of lead in a sample 
as a laboratory exercise. The true percentage is 22.52%. The 
students’ results for three determinations are as follows: 


(1) 22.52, 22.48, 22.54 
(2) 22.64, 22.58, 22.62 


(a) Calculate the average percentage for each set of data and 
state which set is the more accurate based on the average. 
(b) Precision can be judged by examining the average of the 
deviations from the average value for that data set. (Calcu- 
late the average value for each data set; then calculate the av- 
erage value of the absolute deviations of each measurement 
from the average.) Which set is more precise? 


Is the use of significant figures in each of the following state- 
ments appropriate? (a) The 2005 circulation of National Geo- 
graphic was 7,812,564. (b) On July 1, 2005, the population 
of Cook County, Illinois, was 5,303,683. (c) In the United 
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States, 0.621% of the population has the surname Brown. 
(d) You calculate your grade point average to be 3.87562. 


What type of quantity (for example, length, volume, 
density) do the following units indicate? (a) m’, (b) ns, 
(c) mm, (d) g/dm’, (e) °C, (£) ms", (g) Pa. 

Give the derived SI units for each of the following quantities 
in base SI units: 


(a) acceleration = distance /time? 
(b) force = mass X acceleration 
(c) work = force X distance 

(d) pressure = force/area 

(e) power = work/time 

(£) velocity = distance/time 

(g) energy = mass X (velocity)? 


The distance from Earth to the Moon is approximately 
240,000 mi. (a) What is this distance in meters? (b) The per- 
egrine falcon has been measured as traveling up to 350 km/ 
hr in a dive. If this falcon could fly to the Moon at this speed, 
how many seconds would it take? (c) The speed of light is 
3.00 x 108 m/s. How long does it take for light to travel from 
Earth to the Moon and back again? (d) Earth travels around 
the Sun at an average speed of 29.783 km/s. Convert this 
speed to miles per hour. 


Which of the following would you characterize as pure 
or nearly pure substance? (a) stomach acid; (b) dry ice; 
(c) ice-cream; (d) stainless steel; (e) petroleum; (f) dis- 
tilled water; (g) carbon monoxide gas; (h) compressed air in 
balloon. 


The U.S. quarter has a mass of 5.67 g and is approximately 
1.55 mm thick. (a) How many quarters would have to be 
stacked to reach 575 ft, the height of the Washington Mon- 
ument? (b) How much would this stack weigh? (c) How 
much money would this stack contain? (d) The U.S. Na- 
tional Debt Clock showed the outstanding public debt to 
be $16,213,166,914,811 on October 28, 2012. How many 
stacks like the one described would be necessary to pay off 
this debt? 


In the United States, water used for irrigation is measured 
in acre-feet. An acre-foot of water covers an acre to a depth 
of exactly 1 ft. An acre is 4840 yd’. An acre-foot is enough 
water to supply two typical households for 1.00 yr. (a) If de- 
salinated water costs $1950 per acre-foot, how much does 
desalinated water cost per liter? (b) How much would it cost 
one household per day if it were the only source of water? 


By using estimation technique, determine which of the 
following is the heaviest and which is the lightest: a 10-Ib 
bag of fertilizer, a 10-kg bag of rice, or 2 gal of olive oil 
(density = 0.918 g/cm). 

Suppose you decide to define your own temperature scale with 
units of O, using the freezing point (13 °C) and boiling point 
(360 °C) of oleic acid, the main component of olive oil. If you 
set the freezing point of oleic acid as 0 °O and the boiling point 
as 100 °O, what is the freezing point of water on this new scale? 


Hexane (density = 0.659 g/mL) and acetic acid (density = 
1.0446 g/mL) do not form a solution when mixed 
but are separate in distinct layers. A piece of oak wood 
(density = 900 kg/m?) is placed inside a test tube contain- 
ing hexane and acetic acid solution; sketch how the three 
substances would position themselves. 
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Two spheres of equal volume are placed on the scales as 
shown. Which one is more dense? 


Water has a density of 0.997 g/cm? at 25 °C; ice has a density 
of 0.917 g/cm? at — 10°C. (a) If a soft-drink bottle whose vol- 
ume is 1.50 Lis completely filled with water and then frozen 
to —10 °C, what volume does the ice occupy? (b) Can the ice 
be contained within the bottle? 


A 32.65-g sample of a solid is placed in a flask. Toluene, in 
which the solid is insoluble, is added to the flask so that the 
total volume of solid and liquid together is 50.00 mL. The 
solid and toluene together weigh 58.58 g. The density of tol- 
uene at the temperature of the experiment is 0.864 g/mL. 
What is the density of the solid? 


A thief plans to steal a cylindrical platinum medal with a ra- 
dius of 2.3 cm and a thickness of 0.8 cm from a jewellery store. 
If the platinum has a density of 21.45 g/cm®, what is the mass 
of the medal in kg? [The volume of a cylinder is V = ar7h.] 


Saline solution used in hospital contains 0.9% sodium chlo- 
ride by mass. Calculate the number of grams of sodium chlo- 
ride in 0.5 gal of saline solution if the solution has a density of 
1.01 g/mL. 


A 40-lb container of peat moss measures 14 x 20 x 30in. A 
40-lb container of topsoil has a volume of 1.9 gal. (a) Calcu- 
late the average densities of peat moss and topsoil in units of 
g/cm. Would it be correct to say that peat moss is “lighter” 
than topsoil? (b) How many bags of peat moss are needed to 
cover an area measuring 15.0 ft x 20.0 ft toa depth of 3.0 in.? 


A 10.0 g block of gold is hammered into a thin gold sheet 
which has an area of 150 cm’. Given the density of gold is 
19.3 g/cm’, what is the approximate thickness of the gold 
sheet in millimeters? 


The total rate at which power is used by humans world- 
wide is approximately 15 TW (terawatts). The solar flux av- 
eraged over the sunlit half of Earth is 680 W/m? (assuming 
no clouds). The area of Earth’s disc as seen from the Sun is 
1.28 x 10! m?. The surface area of Earth is approximately 
197,000,000 square miles. How much of Earth’s surface 
would we need to cover with solar energy collectors to power 
the planet for use by all humans? Assume that the solar en- 
ergy collectors can convert only 10% of the available sun- 
light into useful power. 


In 2005, J. Robin Warren and Barry J. Marshall shared the 
Nobel Prize in Medicine for discovering the bacterium 
Helicobacter pylori and for establishing experimental proof 
that it plays a major role in gastritis and peptic ulcer disease. 
The story began when Warren, a pathologist, noticed that 
bacilli were associated with the tissues taken from patients 
suffering from ulcers. Look up the history of this case and de- 
scribe Warren’s first hypothesis. What sorts of evidence did it 
take to create a credible theory based on it? 
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A 30.0-cm-long cylindrical plastic tube, sealed at one end, 
is filled with acetic acid. The mass of acetic acid needed to 
fill the tube is found to be 89.24 g. The density of acetic acid 
is 1.05 g/mL. Calculate the inner diameter of the tube in 
centimeters. 


Gold is alloyed (mixed) with other metals to increase its 
hardness in making jewelry. (a) Consider a piece of gold jew- 
elry that weighs 9.85 g and has a volume of 0.675 cm’. The 
jewelry contains only gold and silver, which have densities 
of 19.3 and 10.5 g/cm’, respectively. If the total volume of 
the jewelry is the sum of the volumes of the gold and silver 
that it contains, calculate the percentage of gold (by mass) 
in the jewelry. (b) The relative amount of gold in an alloy is 
commonly expressed in units of carats. Pure gold is 24 carat, 
and the percentage of gold in an alloy is given as a percent- 
age of this value. For example, an alloy that is 50% gold is 
12 carat. State the purity of the gold jewelry in carats. 


Paper chromatography is a simple but reliable method for 
separating a mixture into its constituent substances. You 
have a mixture of two vegetable dyes, one red and one 
blue, that you are trying to separate. You try two different 
chromatography procedures and achieve the separations 
shown in the figure. Which procedure worked better? Can 
you suggest a method to quantify how good or poor the 
separation was? 
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1.100 Judge the following statements as true or false. If you believe 
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a statement to be false, provide a corrected version. 
(a) Air and water are both elements. 


(b) All mixtures contain at least one element and one 
compound. 


(c) Compounds can be decomposed into two or more other 
substances; elements cannot. 


(d) Elements can exist in any of the three states of matter. 


(e) When yellow stains in a kitchen sink are treated with 
bleach water, the disappearance of the stains is due toa 
physical change. 


(f) A hypothesis is more weakly supported by experimental 
evidence than a theory. 


(g) The number 0.0033 has more significant figures than 0.033. 


(h) Conversion factors used in converting units always have 
a numerical value of one. 


(i) Compounds always contain at least two different elements. 


You are assigned the task of separating a desired granular ma- 
terial with a density of 3.62 g/cm? from an undesired granu- 
lar material that has a density of 2.04 g/cm. You want to do 
this by shaking the mixture in a liquid in which the heavier 
material will fall to the bottom and the lighter material will 
float. A solid will float on any liquid that is more dense. Using 
an Internet-based source or a handbook of chemistry, find 
the densities of the following substances: carbon tetrachlo- 
ride, hexane, benzene, and diiodomethane. Which of these 
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liquids will serve your purpose, assuming no chemical 
interaction takes place between the liquid and the solids? 


In 2009, a team from Northwestern University and Western 
Washington University reported the preparation of a new 
“spongy” material composed of nickel, molybdenum, and 
sulfur that excels at removing mercury from water. The den- 
sity of this new material is 0.20 g/cm, and its surface area 
is 1242 m° per gram of material. (a) Calculate the volume 


of a 10.0-mg sample of this material. (b) Calculate the surface 
area for a 10.0-mg sample of this material. (c) A 10.0-mL sam- 
ple of contaminated water had 7.748 mg of mercury in it. After 
treatment with 10.0 mg of the new spongy material, 0.001 mg 
of mercury remained in the contaminated water. What per- 
centage of the mercury was removed from the water? (d) What 
is the final mass of the spongy material after the exposure to 
mercury? 


Take a moment to appreciate the great variety of colors, textures, and other properties 
in the materials that surround you—the array of colors in a flower, the texture of the 
fabric in your clothes, the solubility of sugar in a cup of coffee or the transparency and 
beauty of a diamond. How can we explain the striking and seemingly infinite variety of 
properties of the materials that make up our world? What makes diamond transparent 
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and hard whereas table salt is brittle and dissolves in water? Aluminum conducts elec- 
tricity, but aluminum oxide does not. Paper burns in the presence of oxygen gas but not 
in the presence of nitrogen gas. What accounts for these differences? The answers to all 
such questions lie in the structures of atoms, which determine the physical and chemical 
properties of matter. 

Although materials vary greatly in their properties, everything is formed from only 
about 100 different kinds of atoms. In a sense, these different atoms are like the 26 letters 
of the English alphabet that join in different combinations to form the immense number 
of words in our language. But what rules govern the ways in which atoms combine? How 
do the properties of a substance relate to the kinds of atoms it contains? Indeed, what is 
an atom like, and what makes the atoms of one element different from those of another? 

A helicopter engine is composed of many smaller parts, just as any substance on 
Earth is composed of countless atoms and molecules to give it its unique characteristics. 

In this chapter, we introduce the basic structure of atoms and discuss the formation 
of molecules and ions. This knowledge provides you with the foundation you need to 
understand the chapters that follow. 

By the end of this section, you should be able to 


e Understand Dalton’s postulates. 


Philosophers from the earliest times speculated about the nature of the fundamental “stuff” 
from which the world is made. Democritus (460-370 BCE) and other early Greek philoso- 
phers described the material world as made up of tiny indivisible particles that they called 
atomos, meaning “indivisible” or “uncuttable.” Later, however, Plato and Aristotle formu- 
lated the notion that there can be no ultimately indivisible particles, and the “atomic” 
view of matter faded for many centuries during which Aristotelean philosophy dominated 
Western culture. 

The notion of atoms reemerged in Europe during the seventeenth century. As 
chemists learned to measure the amounts of elements that reacted with one another to 
form new substances, the ground was laid for an atomic theory that linked the idea of 
elements with the idea of atoms. That theory came from the work of John Dalton during 
the period from 1803 to 1807. Dalton’s atomic theory was based on four postulates (see 
Figure 2.1). 

A good theory explains known facts; Dalton’s theory explained several laws of 
chemical combination known at the time. 


e The law of constant composition, based on postulate 4: 


In a given compound, the relative numbers and kinds of atoms are constant. 


° The law of conservation of mass, based on postulate 3: 


The total mass of materials present after a chemical reaction is the same as the total 
mass present before the reaction. 


A good theory also predicts new facts; Dalton used his theory to deduce 


¢ The law of multiple proportions: 
If two elements A and B combine to form more than one compound, the masses of 
B that can combine with a given mass of A are in the ratio of small whole numbers. 


We can illustrate this law by considering water and hydrogen peroxide, both of which 
consist of the elements hydrogen and oxygen. In forming water, 8.0 g of oxygen 
combines with 1.0 g of hydrogen. In forming hydrogen peroxide, 16.0 g of oxygen 
combines with 1.0 g of hydrogen. Thus, the ratio of the masses of oxygen per gram 
of hydrogen in the two compounds is 2:1. Using Dalton’s atomic theory, we conclude 
that hydrogen peroxide contains twice as many atoms of oxygen per hydrogen atom 
than does water. 
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Dalton’s Atomic Theory 


1. Each element is composed of extremely small particles called atoms. 


Q An atom of the element oxygen Q An atom of the element nitrogen 


2. All atoms of a given element are identical, but the atoms of one element 
are different from the atoms of all other elements. 


@ @ @ Oxygen @ Q @ Nitrogen 


3. Atoms of one element cannot be changed into atoms of a different element 
by chemical reactions; atoms are neither created nor destroyed in chemical 


reactions. 
Oxygen @ > @ Nitrogen 


4. Compounds are formed when atoms of more than one 
element combine; a given compound always has the 
same relative number and kind of atoms. < Figure 2.1 Dalton’s atomic theory.* John 

Dalton (1766-1844), the son of a poor 
@ F Q —> or) English weaver, began teaching at age 12. 
He spent most of his years in Manchester, 
l N O | l = | where he taught both grammar school and 
college. His lifelong interest in meteorology 
Elements Compound led him to study gases, then chemistry, 
and eventually atomic theory. Despite his 
humble beginnings, Dalton gained a strong 
scientific reputation during his lifetime. 


Self-Assessment Exercise 


2.1 In an experiment, 7.0 g of nitrogen reacted with exactly 
16.0 g of oxygen to form a single compound. What would be 
the total mass of the compound? 


(a) 70g 
(b) 16 g 
(c) 23 g 
Exercises 

2.2 A1.0-g sample of carbon dioxide (COz) is fully decomposed 2.3 Achemist finds that 30.82 g of nitrogen will react with 17.60, 
into its elements, yielding 0.273 g of carbon and 0.727 g of 35.20, 70.40, or 88.00 g of oxygen to form four different 
oxygen. (a) What is the ratio of the mass of O to C? (b) If compounds. (a) Calculate the mass of oxygen per gram of 
a sample of a different compound decomposes into 0.429 nitrogen in each compound. (b) How do the numbers in 
g of carbon and 0.571 g of oxygen, what is its ratio of the part (a) support Dalton’s atomic theory? 


mass of O to C? (c) According to Dalton’s atomic theory, 
what is the empirical formula of the second compound? 
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*Dalton, “Atomic Theory” 1844. 


92 


CHAPTER 2 Atoms, Molecules, and lons 


2.2 | The Discovery of Atomic Structure 


Dalton based his conclusions about atoms on chemical observations made in the labora- 
tory. By assuming the existence of atoms, he was able to account for the laws of constant 
composition and of multiple proportions. But neither Dalton nor those who followed 
him during the century after his work was published had any direct evidence for the ex- 
istence of atoms. Today, however, we can measure the properties of individual atoms and 
even provide images of them. The picture was obtained by a technique called scanning 
tunneling microscopy. The color was added to the image by computer to help distinguish 
its features. Each gold sphere is a silicon atom. 
By the end of this section, you should be able to 


e Describe the main experiments that led to the discovery of the electron and to the 
nuclear model of the atom 


As scientists developed methods for probing the nature of matter, the supposedly 
indivisible atom began to show signs of a more complex structure, and today we know 
that the atom is composed of subatomic particles. Before we summarize the current 
model, we briefly consider a few of the landmark discoveries that led to that model. We 
will see that the atom is composed in part of electrically charged particles, some with 
a positive charge and some with a negative charge. As we discuss the development of 
our current model of the atom, keep in mind this fact: Particles with the same charge 
repel one another, whereas particles with opposite charges attract one another. 


Cathode Rays and Electrons 


During the mid-1800s, scientists began to study electrical discharge through a glass 
tube pumped almost empty of air (Figure 2.2). When a high voltage was applied to the 
electrodes in the tube, radiation was produced between the electrodes. This radiation, 
called cathode rays, originated at the negative electrode and traveled to the positive 
electrode. Although the rays could not be seen, their presence was detected because they 
cause certain materials to fluoresce, or to give off light. 

Experiments showed that cathode rays are deflected by electric or magnetic fields 
in a way consistent with there being a stream of negative electrical charge. The British 
scientist J. J. Thomson (1856-1940) observed that cathode rays are the same regardless of 
the identity of the cathode material. In a paper published in 1897, Thomson described 
cathode rays as streams of negatively charged particles that we now call electrons. 
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W Go Figure If the fluorescent screen were removed from the tube, would cathode rays still 
be generated? Would you be able to see them? 


Cathode rays (electrons) 
move from the negative 
cathode to the positive 
anode. 


A fluorescent screen is placed in the 
tube to show the path of the cathode 
rays. The screen gives off light when 
a cathode ray strikes it. 


The rays are deflected 
by a magnet. 


A Figure 2.2 Cathode-ray tube. 


Thomson constructed a cathode-ray tube having a hole in the anode through which 
the cathode rays could pass. Electrically charged plates and a magnet were positioned per- 
pendicular to the beam, and a fluorescent screen that would give off light when struck with 
a cathode ray was located at one end (Figure 2.3). Because the electron is a negatively charged 
particle, the electric field deflected the rays in one direction, and the magnetic field deflected 
them in the opposite direction. Thomson adjusted the strengths of the fields so that the 
effects balanced each other, allowing the electrons to travel in a straight path to the screen. 
Knowing the strengths that resulted in the straight path made it possible to calculate a value 
of 1.76 x 10° coulombs* per gram for the ratio of the electron’s electrical charge to its mass. 


YW Go Figure If no magnetic field were applied, would you expect the electron beam to be 
deflected upward or downward by the electric field? 


Electric and magnetic fields 
deflect the electron beam. 


Fluorescent 
screen 


Electrically 
charged plates 


Electron path 


Evacuated tube 


Electron beam is undeflected 
if electric and magnetic field 


strengths exactly balance 
each other. 


A Figure 2.3 Cathode-ray tube with perpendicular magnetic and electric fields. The cathode rays 
(electrons) originate at the cathode and are accelerated toward the anode, which has a hole in its 
center. A narrow beam of electrons passes through the hole and travels to the fluorescent screen that 
glows when struck by a cathode ray. 


*The coulomb (C) is the SI unit for electrical charge. 
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YW. Go Figure Are the masses of the oil drops changed significantly when electrons 
accumulate on them? 


Oil drops 
Hole in plate 


Microscope 
view 


The force of gravity pulls 
drops downward but is 


Source of X rays 
| 
= EI opposed by the electric field 


i) X-ray irradiation 
causes drops to 
pick up electrons 


that pushes the negatively 
charged drops upward. 


and become 
negatively charged. Electrically 


N charged plates 
ae A 
A Figure 2.4 Millikan’s oil-drop experiment to measure the charge of the electron. Small drops 


of oil are allowed to fall between electrically charged plates. Millikan measured how varying the 
voltage between the plates affected the rate of fall. From these data he calculated the negative 


A Figure 2.5 Marie Sklodowska Curie 
(1867-1934). In 1903, Henri Becquerel, 
Marie Curie, and her husband, Pierre, were 
jointly awarded the Nobel Prize in Physics 
for their pioneering work on radioactivity 

(a term she introduced). In 1911, Marie 
Curie won a second Nobel Prize, this time in 
chemistry for her discovery of the elements 
polonium and radium. 


charge on the drops. Because the charge on any drop was always some integral multiple of 
1.602 x 10°19C, Millikan deduced this value to be the charge of a single electron. 


Once the charge-to-mass ratio of the electron was known, measuring either quan- 
tity allowed scientists to calculate the other. In 1909, Robert Millikan (1868-1953) of the 
University of Chicago succeeded in measuring the charge of an electron by performing 
the experiment described in Figure 2.4. He then calculated the mass of the electron by 
using his experimental value for the charge, 1.602 x 1071? C, and Thomson’s charge- 
to-mass ratio, 1.76 x 10° C/g: 


-19 
flection mag = 2002 * 0? _ 6 16% 10°78 g 
1.76 x 10° C/g 


This result agrees well with the currently accepted value for the electron mass, 
9.10938 x 10°78 g. This mass is about 2000 times smaller than that of hydrogen, the 
lightest atom. 


Radioactivity 


In 1896 the French scientist Henri Becquerel (1852-1908) discovered that a compound 
of uranium spontaneously emits high-energy radiation. This spontaneous emission of 
radiation is called radioactivity. At Becquerel’s suggestion, Marie Curie (Figure 2.5) and 
her husband, Pierre, began experiments to identify and isolate the source of radioactivity 
in the compound. They concluded that it was the uranium atoms. 

Further study of radioactivity, principally by the British scientist Ernest Rutherford, 
revealed three types of radiation: alpha (a), beta (8), and gamma (y). Rutherford 
(1871-1937) was a very important figure in this period of atomic science. After working 
at Cambridge University with J. J. Thomson, he moved to McGill University in Montreal, 
where he did research on radioactivity that led to his 1908 Nobel Prize in Chemistry. In 
1907 he returned to England as a faculty member at Manchester University, where he did 
his famous a-particle scattering experiments, described further in this chapter. 

Rutherford showed that the paths of a and £ radiation are bent by an electric field, 
although in opposite directions; while y radiation is unaffected by the field (Figure 2.6). 
From this finding he concluded that a and £ rays consist of fast-moving electrically 
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YW. Go Figure Which subatomic particle— proton, neutron, or electron—is equivalent to a B ray? 
B rays are deflected to a greater extent than a rays because (a) they are lighter, 
or (b) they are more highly charged. 


Negatively charged £ rays bend 
toward the positively charged plate. 


y rays, which carry no charge, are 
unaffected by the charged plates. 


Positively charged œ rays bend 
toward the negatively charged 
plate. 


Lead block 


Electrically Photographic plate 
charged plates 


Radioactive 
substance 


A Figure 2.6 Behavior of alpha (a), beta (8), and gamma (y) rays in an electric field. 


charged particles. In fact, 8 particles are nothing more than high-speed electrons that 
can be considered the radioactive equivalent of cathode rays. Because of their negative 
charge, they are attracted to a positively charged plate. The a particles have a positive 
charge and are attracted to a negative plate. In units of the charge of the electron, 
p particles have a charge of 1- and a particles a charge of 2+. Each a particle has a mass 
about 7400 times that of an electron. Gamma radiation is high-energy electromagnetic 
radiation similar to X rays; it does not consist of particles and it carries no charge. 


The Nuclear Model of the Atom 


With growing evidence that the atom is composed of smaller particles, scientists gave at- 

tention to how the particles fit together. During the early 1900s, Thomson reasoned that 

because electrons contribute only a very small fraction of an atom’s mass, they probably 

are responsible for an equally small fraction of the atom’s size. He proposed that the atom 

consists of a uniform positive sphere of matter in which the mass is evenly distributed and Negative 
in which the electrons are embedded like raisins in a pudding or seeds in a watermelon electron 
(Figure 2.7). This plum-pudding model, named after a traditional English dessert, was very 
short-lived. 

In 1910, Rutherford was studying the angles at which a particles were deflected, or 
scattered, as they passed through a thin sheet of gold foil (Figure 2.8). He discovered that 
almost all the particles passed directly through the foil without deflection, with a few par- 
ticles deflected about 1°, consistent with Thomson’s plum-pudding model. For the sake 
of completeness, Rutherford suggested that Ernest Marsden (1889-1970), an undergrad- Positive charge 
uate student working in the laboratory, look for scattering at large angles. To everyone’s spread throughout 
surprise, a small amount of scattering was observed at large angles, with some particles sphere 
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scattered back in the direction from which they had come. The explanation for these A Figure 2.7 J. J. Thomson’s plum-pudding 
results was not immediately obvious, but they were clearly inconsistent with Thomson’s model of the atom. Ernest Rutherford and 


plum-pudding model. 

Rutherford explained the results by postulating the nuclear model of the atom, 
in which most of the mass of each gold atom and all of its positive charge reside in a 
very small, extremely dense region that he called the nucleus. He postulated further 
that most of the volume of an atom is empty space in which electrons move around 
the nucleus. In the a-scattering experiment, most of the particles passed through 
the foil unscattered because they did not encounter the minute nucleus of any gold 
atom. Occasionally, however, an a particle came close to a gold nucleus. In such 


Ernest Marsden proved this model wrong. 


96 CHAPTER 2 Atoms, Molecules, and lons 


encounters, the repulsion between the highly positive charge of the gold nucleus 
and the positive charge of the a particle was strong enough to deflect the particle, as 
shown in Figure 2.8. 

Subsequent experiments led to the discovery of positive particles (protons) 
and neutral particles (neutrons) in the nucleus. Protons were discovered in 1919 by 
Rutherford and neutrons in 1932 by British scientist James Chadwick (1891-1972). Thus, 
the atom is composed of electrons, protons, and neutrons. 


W CA What is the charge on the particles that form the beam? Will they be 
attracted to or repelled from the positively charged gold nuclei? 


Experiment : 
Interpretation 


; eS 
ot an E 
è 
è 


sa 


Nucleus 


Beam of a particles 


Source of 
a particles 


A tiny fraction of the @ particles are 
scattered at large angles because their 


path takes them very close to an extremely 
small but highly charged nucleus. 


Circular 
fluorescent 


screen Interpretation 


Incoming a 


a particles 


Most @ particles 
undergo little to no 
scattering because 
most of the atom 

is empty. 


i 
Nucleus ~ 


A Figure 2.8 Rutherford’s a-scattering experiment. When a particles pass through a gold foil, 
most pass through undeflected but some are scattered, a few at very large angles. According 

to the plum-pudding model of the atom, the particles should experience only very minor 
deflections. The nuclear model of the atom explains why a few a particles are deflected at large 
angles. Although the nuclear atom has been depicted here as a yellow sphere, it is important to 
realize that most of the space around the nucleus contains only the low-mass electrons. 


Self-Assessment Exercise 


2.4 Which experiment enabled the mass of an electron to be (b) R Millikan’s oil drop experiment 
calculated? (c) E Rutherford’s gold foil experiment 


(a) J J Thompson’s cathode ray tube experiment 
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es 
Exercises 


2.5 Anunknown particle is caused to move between two electri- 


foil is two layers thick, as shown in Figure 2.8, and that the 


cally charged plates, as illustrated in Figure 2.6. You hypoth- 
esize that the particle is a proton. (a) If your hypothesis is 
correct, would the particle be deflected in the same or op- 
posite direction as the £ rays? (b) Would it be deflected by a 
smaller or larger amount than the £ rays? 


approximate diameters of a gold atom and its nucleus are 
270 pm and 1.0 x 10-? pm, respectively. Hint: Calculate the 
cross sectional area occupied by the nucleus as a fraction of 
that occupied by the atom. Assume that the gold nuclei in 
each layer are offset from each other. 


2.6 What fraction of the a particles in Rutherford’s gold foil 
experiment are scattered at large angles? Assume the gold 
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VW 
2.3 | The Modern View of Atomic 
Structure 


Ernest Rutherford (1871-1937), whom Einstein called ‘the second Newton’, was born and 
educated in New Zealand. In 1895, he was the first overseas student ever to be awarded 
a position at the Cavendish Laboratory at Cambridge University in England, where he 
worked with J J Thompson. In 1898, he joined the faculty of McGill University in Canada, 
where he did the research on radioactivity that led to his being awarded the 1908 Nobel 
Prize in Chemistry. In 1907, he moved back to England to join Manchester University 
where, in 1910, he performed his famous a-particle scattering experiments that led to the 
nuclear model of the atom. In 1992, his native New Zealand honored Rutherford by put- 
ting his likeness, along with his Nobel Prize medal, on its $100 currency note. Element 
104 is named in his honor. 
By the end of this section, you should be able to 


e Describe the structure of the atom in terms of its subatomic particles 
e Use symbols to indicate the composition of an isotope 


Since Rutherford’s time, as physicists have learned more and more about atomic 
nuclei, the list of particles that make up nuclei has grown and continues to increase. As 
chemists, however, we can take a simple view of the atom because only three subatomic 
particles—the proton, neutron, and electron—have a bearing on chemical behavior. 
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W Go Figure 


What is the approximate diameter of 
the nucleus in units of pm? 


Nucleus Volume occupied 
containing by electrons 
protons and 
neutrons 

~10- 4A 


x15 A 


A Figure 2.9 The structure of the atom. 

A cloud of rapidly moving electrons 
occupies most of the volume of the atom. 
The nucleus occupies a tiny region at the 
center of the atom and is composed of 
the protons and neutrons. The nucleus 
contains virtually all the mass of the atom. 


As noted earlier, the charge of an electron is —1.602 x 10°!’ C. The charge of a pro- 
ton is opposite in sign but equal in magnitude to that of an electron: +1.602 x 10°C. 
The quantity 1.602 x 1071? C is called the electronic charge. For convenience, the 
charges of atomic and subatomic particles are usually expressed as multiples of this 
charge rather than as coulombs. Thus, the charge of an electron is 1— and that of a pro- 
ton is 1+. Neutrons are electrically neutral (which is how they received their name). Every 
atom has an equal number of electrons and protons, so atoms have no net electrical charge. 

Protons and neutrons reside in the tiny nucleus of the atom. The vast majority of an 
atom’s volume is the space in which the electrons reside (Figure 2.9). Most atoms have diam- 
eters between 30 pm and 300 pm. The diameter of a chlorine atom, for example, is 175 pm. 

Electrons are attracted to the protons in the nucleus by the electrostatic force that 
exists between particles of opposite electrical charge. In later chapters, we will see that 
the strength of the attractive forces between electrons and nuclei can be used to explain 
many of the differences among different elements. 

Atoms have extremely small masses. The mass of the heaviest known atom, for exam- 
ple, is approximately 4 x 107?? g. Because it would be cumbersome to express such small 
masses in grams, we use the atomic mass unit (u), where 1u = 1.66054 x 10°74 g. A 
proton has a mass of 1.0073 u, a neutron 1.0087 u, and an electron 5.486 x 10°+u 
(Table 2.1). Because it takes 1836 electrons to equal the mass of one proton, and 1839 
electrons to equal the mass of a single neutron, the nucleus accounts for nearly the 
entire mass of an atom. 


TABLE 2.1 Comparison of the Proton, Neutron, and Electron 


Particle Charge Mass (u) 
Proton Positive (1+) 1.0073 
Neutron None (neutral) 1.0087 
Electron Negative (1—) 5.486 x 10-4 


The diameter of an atomic nucleus is approximately 1-!° fm, only a small fraction of 
the diameter of the atom as a whole. You can appreciate the relative sizes of the atom and 
its nucleus by imagining that if the hydrogen atom were as large as a football stadium, 
the nucleus would be the size of a small marble. Because the tiny nucleus carries most of 
the mass of the atom in such a small volume, it has an incredibly high density—on the 
order of 10!3-10!4 g/cm?. A matchbox full of material of such density would weigh over 
2.5 billion tons! 

Figure 2.9 incorporates the features we have just discussed. Electrons play the major 
role in chemical reactions. The significance of representing the region containing elec- 
trons as an indistinct cloud will become clear in later chapters when we consider the 
energies and spatial arrangements of the electrons. For now, however, we have all the 
information we need to discuss many topics that form the basis of everyday uses of 
chemistry. 


Atomic Numbers, Mass Numbers, and Isotopes 


What makes an atom of one element different from an atom of another element? The 
atoms of each element have a characteristic number of protons. The number of protons in 
an atom of any particular element is called that element’s atomic number. Because an 
atom has no net electrical charge, the number of electrons it contains must equal the 
number of protons. All atoms of carbon, for example, have six protons and six electrons, 
whereas all atoms of oxygen have eight protons and eight electrons. Thus, carbon has 
atomic number 6, and oxygen has atomic number 8. The atomic number of each element 
is listed with the name and symbol of the element on the front inside cover of the text. 
Atoms of a given element can differ in the number of neutrons they contain and, 
consequently, in mass. For example, while most atoms of carbon have six neutrons, some 
have more and some have less. The symbol !2C (read “carbon twelve,” carbon-12) rep- 
resents the carbon atom containing six protons and six neutrons, whereas carbon atoms 


a Sample Exercise 2.1 
D Atomic Size 


side by side across the diameter of the coin? 


SOLUTION 


The unknown is the number of silver (Ag) atoms. Using the 
relationship 1 Agatom = 288 pm as a conversion factor relating 
number of atoms and distance, we start with the diameter of the 
coin, first converting this distance into picometers and then 
using the diameter of the Ag atom to convert distance to number 
of Ag atoms: 


10° mí 1pm 1 Agatom 
Agatoms = (17.9 ma) 1mm ae) 288 pm 


= 6.22 x 10’ Ag atoms 


That is, 62.2 million silver atoms could sit side by side across the coin! 
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The diameter of a small coin is 17.9 mm, and the diameter of a silver atom is 288 pm. How many silver atoms could be arranged 


> Practice Exercise 
The diameter of a carbon atom is 1.54 A. (a) Express this 
diameter in picometers. (b) How many carbon atoms could 
be aligned side by side across the width of a pencil line that is 
0.20 mm wide? 


A CLOSER LOOK EENM UHN 


Four basic forces are known in nature: (1) gravitational, (2) electro- 
magnetic, (3) strong nuclear, and (4) weak nuclear. Gravitational forces 
are attractive forces that act between all objects in proportion to their 
masses. Gravitational forces between atoms or between subatomic 
particles are so small that they are of no chemical significance. 

Electromagnetic forces are attractive or repulsive forces that act be- 
tween either electrically charged or magnetic objects. The magnitude 
of the electric force between two charged particles is given by Coulomb’s 
law: F = kQ,Q3>/ d’, where Q, and Q, are the magnitudes of the charges 
on the two particles, d is the distance between their centers, and k isa 
constant determined by the units for Q and d. A negative value for 
the force indicates attraction, whereas a positive value indicates 
repulsion. Electric forces are of primary importance in determining 
the chemical properties of elements. 


All nuclei except those of hydrogen atoms contain two or 
more protons. Because like charges repel, electrical repulsion 
would cause the protons to fly apart if the strong nuclear force 
did not keep them together. As the name implies, this force 
can be quite strong but only when particles are extremely close 
together, as are the protons and neutrons in a nucleus. At this 
distance, the attractive strong nuclear force is stronger than the 
positive-positive repulsive electric force and holds the nucleus 
together. 

The weak nuclear force is weaker than the electric force and the 
strong nuclear force but stronger than the gravitational force. We are 
aware of its existence only because it shows itself in certain types of 
radioactivity. 

Related Exercise: 2.124 


that contain six protons and eight neutrons have mass number 14, are represented as 14C 


and are referred to as carbon-14. 


The atomic number is indicated by the subscript; the superscript, called the mass 


number, is the number of protons plus neutrons in the atom: 


Mass number (number of 
protons plus neutrons) 


xN 


C <— Symbol of element 


Atomic number (number 
of protons or electrons) 


Because all atoms of a given element have the same atomic number, the subscript is redun- 
dant and is often omitted. Thus, the symbol for carbon-12 can be represented simply as 1°C. 

Atoms with identical atomic numbers but different mass numbers (that is, the 
same number of protons but different numbers of neutrons) are called isotopes of one 
another. Several isotopes of carbon are listed in Table 2.2. We will generally use the nota- 
tion with superscripts only when referring to a particular isotope of an element. It is 
important to keep in mind that the isotopes of any given element are all alike chemically. 
A carbon dioxide molecule that contains a °C atom behaves for all practical purposes 
identically to one that contains a 1°C atom. 
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TABLE 2.2 Some Isotopes of Carbon? 


Number of Number of Number of 
Symbol Protons Electrons Neutrons 
uc 6 6 5 
LC 6 6 6 
ye 6 6 7 
140 6 6 8 


a Almost 99% of the carbon found in nature is 1C. 


‘= Sample Exercise 2.2 


| Determining the Number of Subatomic Particles in Atoms 


How many protons, neutrons, and electrons are in an atom of (a) '97Au, (b) strontium-90? 


SOLUTION 


(a) The superscript 197 is the mass number (protons + neutrons). 
According to the list of elements given on the front inside cover, 
gold has atomic number 79. Consequently, an atom of Au has 
79 protons, 79 electrons, and 197 — 79 = 118 neutrons. (b) The 
atomic number of strontium is 38. Thus, all atoms of this element 
have 38 protons and 38 electrons. The strontium-90 isotope has 
90 — 38 =52 neutrons. 


» Practice Exercise 


Which of these atoms has the largest number of neutrons? 
(a) 148fu (b) bliy (c) 149Nd (d) 162179 (e) 159Gd 


N Sample Exercise 2.3 © 
I Writing Symbols for Atoms 
Magnesium has three isotopes with mass numbers 24, 25, and 26. (a) Write the complete chemical symbol (superscript and 
subscript) for each. (b) How many neutrons are in an atom of each isotope? 


SOLUTION 


(a) Magnesium has atomic number 12, so all atoms of magne- 
sium contain 12 protons and 12 electrons. The three isotopes are 
therefore represented by 73Mg, 73Mg, and 7$Mg. (b) The number of 
neutrons in each isotope is the mass number minus the number of 
protons. The numbers of neutrons in an atom of each isotope are 
therefore 12, 13, and 14, respectively. 


> Practice Exercise 
Give the complete chemical symbol for the atom that contains 
82 protons, 82 electrons, and 126 neutrons. 


Self-Assessment Exercises 


2.7 What subatomic particle(s) account for the vast majority of 2.8 What is the symbol for the isotope of oxygen-18? 
the mass of an atom of helium? 10 
(a) 30 
(a) Electrons (b) 18 o 
(b) Protons 
(c) 10 o 
(c) Neutrons 18 


(d) Electrons and protons 


(e) Protons and neutrons 
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Exercises 
2.9 The radius of an atom of tungsten (W) is about 2.10 units. 2.13 How many protons, neutrons, and electrons are in the 
(a) Express this distance in nanometers (nm) and in picom- following atoms? (a) ŝtkr, (b) 20H g, (c) *°Co, (d) Mn, 
eters (pm). (b) How many tungsten atoms would have to (e) 9U, (£) 18!Ta. 
be lined up to create a wire of 2.0 mm? (c) If ne atom is 2.14 Fillin the gaps in the following table, assuming each column 
assumed to be a sphere, what is the volume in m’? of a single represents a neutral atom. 
W atom? 
2.10 Answer the following questions without referring to Sania 
Table 2.1: (a) What are the main subatomic particles that y 
make up the atom? (b) What is the relative charge (in mul- Protons 
tiples of the electronic charge) of each of the particles? (c) e 
Which of the particles is the most massive? (d) Which is the 
least massive? Electrons 
2.11 Consider an atom of ??P. (a) How many protons, neutrons, Mass no. 
and electrons does this atom contain? (b) What is the sym- 
i i 32p? 
poles theatomobtained by adding one proton to 2.15 Write the correct symbol, with both superscript and sub- 


2.12 


(c) What is the symbol of the atom obtained by adding 
one neutron to 22P? (d) Are either of the atoms obtained in 
parts (b) and (c) isotopes of 3?P? If so which one? 


(a) Define atomic number and mass number. (b) Which 
of these can vary without changing the identity of the 
element? 


script, for each of the following. Use the list of elements in 
the front inside cover as needed: (a) the isotope of hafnium 
that contains 106 neutrons, (b) the isotope of mercury 
with mass number 201, (c) the isotope of rhenium with 
mass number 187, (d) the isotope of calcium that has an 
equal number of protons and neutrons. 
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2.4 | Atomic Weights 


We are quite used to objects of the same shape but of different sizes—a golf ball, a tennis 
ball, and a soccer ball for example. Atoms of different elements also have a different size 
and weight. By the end of this section, you should be able to 


e Calculate the atomic weight of an element from its isotopic composition. 


Atoms are small pieces of matter, so they have mass. In this section, we discuss the 
mass scale used for atoms and introduce the concept of atomic weights. 
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The Atomic Mass Scale 


Scientists of the nineteenth century were aware that atoms of different elements have 
different masses. They found, for example, that each 100.0 g of water contains 11.1 g 
of hydrogen and 88.9 g of oxygen. Thus, water contains 88.9/11.1 = 8 times as much 
oxygen, by mass, as hydrogen. Once scientists understood that water contains two hy- 
drogen atoms for each oxygen atom, they concluded that an oxygen atom must have 
2 X 8 = 16 times as much mass as a hydrogen atom. Hydrogen, the lightest atom, was 
arbitrarily assigned a relative mass of 1 (no units). Atomic masses of other elements were 
at first determined relative to this value. Thus, oxygen was assigned an atomic mass of 16. 

Today we can determine the masses of individual atoms with a high degree of 
accuracy. For example, we know that the 'H atom has a mass of 1.6735 x 10° g and 
the !°O atom has a mass of 2.6560 x 107” g. As we noted in Section 2.3, it is conve- 
nient to use the atomic mass unit when dealing with these extremely small masses: 


lu = 1.66054 x 104g and 1g = 6.02214 x 10% u 


The atomic mass unit is presently defined by assigning a mass of exactly 12 u to a chem- 
ically unbound atom of the !?C isotope of carbon. In these units, an 'H atom has a mass 
of 1.0078 u and an '°O atom has a mass of 15.9949 u. 


Atomic Weight 


Most elements occur in nature as mixtures of isotopes. We can determine the average 
atomic mass of an element, usually called the element’s atomic weight, by summing 
(indicated by the Greek sigma, >) over the masses of its isotopes multiplied by their rel- 
ative abundances: 


Atomic weight = $\[(isotope mass) X (fractional isotope abundance)] [2.1] 
over all 
isotopes of 
the element 
Naturally occurring carbon, for example, is composed of 98.93% !?C and 1.07% C. 
The masses of these isotopes are 12 u (exactly) and 13.00335 u, respectively, making the 
atomic weight of carbon 


(0.9893)(12u) + (0.0107)(13.00335 u) = 12.01u 


The atomic weights of the elements are listed in both the periodic table and the table of 
elements on the front inside cover of this text. 


> Sample Exercise 2.4 © 


D Calculating the Atomic Weight of an Element from Isotopic Abundances 


Naturally occurring chlorine is 75.78% °°Cl (atomic mass 34.969 u) and 24.22% ?’Cl (atomic mass 36.966 u). 
Calculate the atomic weight of chlorine. 


SOLUTION This answer makes sense: The atomic weight, which is actually 
the average atomic mass, is between the masses of the two isotopes 


We can Calcitate the atomic weight by multiplying the abu: and is closer to the value of *°Cl, the more abundant isotope. 


dance of each isotope by its mass and summing these products. 
Because 75.78% = 0.7578 and 24.22% = 0.2422, 


we have > Practice Exercise 


Atomic weight = (0.7578)(34.969 u) + (0.2422)(36.966 u) Three isotopes of silicon occur in nature: 78Si (92.23%), atomic 
= 26.50u + 8.953 u mass 27.97693 u; ”Si (4.68%), atomic mass 28.97649 u; and 

: ` 30Si (3.09%), atomic mass 29.97377 u. Calculate the atomic 

= 35.45u weight of silicon. 
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A CLOSER LOOK MUGER ESTEA OAG 


The most accurate means for determining atomic weights is pro- 
vided by the mass spectrometer (Figure 2.10). There are various 
designs of mass spectrometers, but they all operate on similar prin- 
ciples. The first step is to get atoms or molecules into the gas phase. 
Sometimes the sample to be analyzed is already a gas, whereas in 
other cases heating, application of an electric field, or a pulse of 
laser light may be needed to create gas-phase atoms or molecules. 
Next, the gas-phase species must be converted to positively charged 
particles called ions. There are many approaches to creating ions, 
including bombardment with beams of high-energy electrons or 
chemical reactions with other gas-phase molecules. Once gas-phase 
ions have been produced, they are accelerated toward a negatively 
charged grid. After the ions pass through the grid, they encoun- 
ter two slits that allow only a narrow beam of ions to pass. This 
beam then passes between the poles of a magnet, which deflects 
the ions into a curved path. For ions with the same charge, the 
extent of deflection depends on mass—the more massive the ion, 
the less the deflection. The ions are thereby separated according 
to their masses. By changing the strength of the magnetic field or 


Accelerating grid 


) 37C]+ 
Heated | | 


filament ae 
aw 

J 

Beam 

of positive 

ions 


Sample 


To vacuum 


pump 


Ionization 
stage 


Separation of 
ions based on 
mass differences 


A Figure 2.10 A mass spectrometer. CI atoms are first ionized to form CI” ions, 
accelerated with an electric field, and finally their path is directed by a magnetic field. 
The paths of the ions of the two Cl isotopes diverge as they pass through the field. 


Detector 


the accelerating voltage on the grid, ions of various masses can be 
selected to enter the detector. 

A graph of the intensity of the detector signal versus ion atomic 
mass is called a mass spectrum (Figure 2.11). Analysis of a mass spec- 
trum gives both the masses of the ions reaching the detector and 
their relative abundances, which are obtained from the signal 
intensities. Knowing the atomic mass and the abundance of each 
isotope allows us to calculate the atomic weight of an element, as 
shown in Sample Exercise 2.4. 

Mass spectrometers are used extensively today to identify chemi- 
cal compounds and analyze mixtures of substances. Any molecule that 
loses electrons can fall apart, forming an array of positively charged frag- 
ments. The mass spectrometer measures the masses of these fragments, 
producing a chemical “fingerprint” of the molecule and providing clues 
about how the atoms were connected in the original molecule. Thus, a 
chemist might use this technique to determine the molecular structure 
of a newly synthesized compound, to analyze proteins in the human ge- 
nome, or to identify a pollutant in the environment. 

Related Exercises: 2.19, 2.73, 2.74, 2.99, 2.109, 2.110 


37C] 


Signal intensity 


34 35 36 37 38 
Atomic mass (u) 


A Figure 2.11 Mass spectrum of atomic chlorine. The 

fractional abundances of the isotopes °°CI and ?7CI are 
indicated by the relative signal intensities of the beams 
reaching the detector of the mass spectrometer. 


Self-Assessment Exercise 


2.16 Bromine has two main isotopes of similar abundance: 7°Br 
and ®'Br. Estimate (without using a calculator) the atomic 
weight of bromine. 


(a) ~79u 
(b) ~80u 
(c) ~8lu 


Exercises 


2.17 (a) What isotope is used as the standard in establishing the 
atomic mass scale? (b) The atomic weight of boron is re- 
ported as 10.81, yet no atom of boron has the mass of 10.81 u. 
Explain. 


2.18 Iron has three major isotopes: **Fe (atomic mass = 
53.9396u; abundance 5.85%), *°Fe (atomic mass = 
55.9349u; abundance 91.75%), and “Fe (atomic 
mass = 56.9354 u; abundance 2.12 %). Calculate the 


atomic weight of iron. 


2.19 (a) Thomson’s cathode-ray tube (Figure 2.3) and the mass 
spectrometer (Figure 2.10) both involve the use of electric 
or magnetic fields to deflect charged particles. What are the 
charged particles involved in each of these experiments? 
(b) What are the labels on the axes of a mass spectrum? (c) 
To measure the mass spectrum of an atom, the atom must 
first lose one or more electrons. Which would you expect 
to be deflected more by the same setting of the electric and 
magnetic fields, a Cl* or a Cl** ion? 
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2.20 Naturally occurring lead has the following isotopic 


Abundance (%) 


Isotope Abundance (%) Atomic mass (u) 
207Pþ 22a 206.9759 
ae 208 52.4 207.9766 
203.9730 a es ee a 
205.9744 (a) What is the average atomic mass of Pb? (b) Sketch the 


mass spectrum of Pb. 
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2.5 | The Periodic Table 


say 


The shininess of metals is an obvious similarity that they share, but many elements show 
pattens in their reactivity that are not so evident from their physical appearance. One 
triumph of classification was the ordering of the elements into the Periodic Table. It en- 
ables us to understand trends in the properties of the elements, make predictions about 
their chemical reactivity and even suggest the characteristics of elements that are yet to 
be discovered. 

By the end of this section, you should be able to 


e Describe the general features of the periodic table 


As the list of known elements expanded during the early 1800s, attempts were made 
to find patterns in chemical behavior. These efforts culminated in the development of 
the periodic table in 1869. We will have much to say about the periodic table in later 
chapters, but it is so important and useful that you should become acquainted with it 
now. You will quickly learn that the periodic table is the most significant tool that chemists 
use for organizing and remembering chemical facts. 

Many elements show strong similarities to one another. The elements lithium 
(Li), sodium (Na), and potassium (K) are all soft, very reactive metals, for example. The 
elements helium (He), neon (Ne), and argon (Ar) are all nonreactive gases. If the ele- 
ments are arranged in order of increasing atomic number, their chemical and physical 
properties show a repeating, or periodic, pattern. For example, each of the soft, reactive 
metals—lithium, sodium, and potassium—comes immediately after one of the nonreac- 
tive gases—helium, neon, and argon, respectively—as shown in Figure 2.12. 
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A4 Go Figure If F is a reactive nonmetal, which other element or elements shown here 
are likely to be reactive nonmetals? 


Atomic 
number 1 m E al-al mE — 
| 
Symbol H > pa | E | (Ce) -- 
Nonreactive gas Nonreactive gas Nonreactive gas 
Soft, Soft, Soft, 
reactive reactive reactive 
metal metal metal 


A Figure 2.12 Arranging elements by atomic number reveals a periodic pattern of properties. 
This pattern is the basis of the periodic table. 


The arrangement of elements in order of increasing atomic number, with ele- 
ments having similar properties placed in vertical columns, is known as the peri- 
odic table (Figure 2.13). The table shows the atomic number and atomic symbol for 
each element, and the atomic weight is often given as well, as in this typical entry for 
potassium: 


19<—;— Atomic number 
K<—— Atomic symbol 
39.0983 <— Atomic weight 


Periods — horizontal rows 


Elements arranged in 
order of increasing 
atomic number 


Groups — vertical columns 
containing elements with 
similar properties 


Steplike line divides 
metals from nonmetals 


5 6elz7liel o l| 
CINI © TF | Ne 
3 
i 23 $3) 34 | 35 | 36 
K | Ca | Sc | Ti vV Cr | Mn | Fe | Co | Ni | Cu As | Se | Br | Kr 
5 (22 leko ratrake stals aa s253 || 54 
Rb | Sr | Y | Zr | Nb | Mo | Tc | Ru | Rh | Pd | Ag Te I Xe 
go> S68] (Zia al 78974 75) Zen) 77) 7872 85 | 86 
Cs | Ba Lu | Hf | Ta | W | Re | Os | Ir Pt | Au At | Rn 
z| 87 | 88 | | 103} 104 | 105 | 106 | 107 | 108 | 109 | 110 | 111 117 | 118 
Fr | Ra Lr | Rf | Db | Sg | Bh | Hs | Mt | Ds | Rg Ts | Og 
me Metals 57 | 58 | 59 | 60 | 61 | 62 | 63 | 64 | 65 | 66 | 67 | 68 | 69 | 70 
Metalloids La | Ce | Pr | Nd | Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb 
Nonmetals 89 | 90 | 91 | 92 | 93 | 94 | 95 | 96 | 97 | 98 | 99 | 100 | 101 | 102 
Ac | Th | Pa | U | Np | Pu | Am | Cm | Bk | Cf | Es | Fm | Md | No 


A Figure 2.13 Periodic table of elements. 
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You might notice slight variations in periodic tables from one book to another or 
between those in the lecture hall and in the text. These are simply matters of style, or 
they might concern the particular information included. There are no fundamental 
differences. 

The horizontal rows of the periodic table are called periods. The first period con- 
sists of only two elements, hydrogen (H) and helium (He). The second and third periods 
consist of eight elements each. The fourth and fifth periods contain 18 elements. The 
sixth and seventh periods have 32 elements each, but, in order to fit on a page, 14 of the 
elements from each period (atomic numbers 57-70 and 89-102) appear at the bottom of 
the table. 

The vertical columns are groups. These are numbered from 1 to 18, as shown in 
Figure 2.13. 

We will use the IUPAC’s proposed convention and number the groups from 1 
through 18. 

Elements in a group often exhibit similarities in physical and chemical properties. 
For example, the “coinage metals”—copper (Cu), silver (Ag), and gold (Au)—belong to 
Group 11. These elements are less reactive than most metals, which is why they have 
been traditionally used throughout the world to make coins. Many other groups in the 
periodic table also have names, listed in Table 2.3. 

We will learn in Chapters 6 and 7 that elements in a group have similar prop- 
erties because they have the same arrangement of electrons at the periphery of their 
atoms. However, we need not wait until then to make good use of the periodic table; 
after all, the chemists who developed the table knew nothing about electrons! We 
can use the table, as they intended, to correlate behaviors of elements and to help us 
remember many facts. 

The color code of Figure 2.13 shows that, except for hydrogen, all the elements 
on the left and in the middle of the table are metallic elements, or metals. All the 
metallic elements share characteristic properties, such as luster and high electrical and 
heat conductivity, and all of them except mercury (Hg) are solid at room temperature.* 
The metals are separated from the nonmetallic elements, or nonmetals, by a 
stepped line that runs from boron (B) to astatine (At). (Note that hydrogen, although 
on the left side of the table, is a nonmetal.) At room temperature and pressure, some of 
the nonmetals are gaseous, some are solid, and one is liquid. Nonmetals generally differ 
from metals in appearance (Figure 2.14) and in other physical properties. Many of the 
elements that lie along the line that separates metals from nonmetals have properties 
that fall between those of metals and nonmetals. These elements are often referred to as 
metalloids. 


TABLE 2.3 Names of Some Groups in the Periodic Table 


Group Name Elements 

1 Alkali metals Li, Na, K, Rb, Cs, Fr 

2 Alkaline earth metals Be, Mg, Ca, Sr, Ba, Ra 
16 Chalcogens ©O),S, 88, IS, RO 

17 Halogens F, Cl, Br, I, At 

18 Noble gases He, Ne, Ar, Kr, Xe, Rn 


*All metals become liquids if heated sufficiently. Hg simply has the lowest melting point of any 
metallic element. Although sodium (Na), potassium (K), rubidium (Rb), cesium (Cs), and gal- 
lium (Ga) are solids at room temperature, they all melt at temperatures below 100 °C. 
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YW Go Figure Name two ways in which the metals shown here differ in general 
appearance from the nonmetals. 


Metals Nonmetals 


Copper (Cu) Aluminum (Al) 


ra 
y 


Maa e rg Phosphorus 
(P) 
Silver (Ag) Lead (Pb) Gold (Au) 


A Figure 2.14 Examples of metals and nonmetals. 


= Sample Exercise 2.5 
FF” Using the Periodic Table 


© 


Which two of these elements would you expect to show the greatest similarity in chemical and physical properties: 
B, Ca, F, He, Mg, P? 


SOLUTION 


Elements in the same group of the periodic table are most likely to ex- 
hibit similar properties. We therefore expect Ca and Mg to be most alike 
because they are in the same group (2, the alkaline earth metals). 


> Practice Exercise 
Locate Na (sodium) and Br (bromine) in the periodic table. 
Give the atomic number of each and classify each as metal, 
metalloid, or nonmetal. 


Self-Assessment Exercise 


2.21 The halogens are a group of elements, two of which are (a) Li, Be, B, C, N, O, F, Ne 
gases, one of which is a liquid, and two solid at room tem- (b) Be, Mg, Ca, Sr, Ba, Ra 
perature. In spite of these obvious physical differences, there (©) Ę CI, Br, I, At 


are many chemical similarities between the elements. What 
are the elements that are classed as halogens? 


Exercises 
2.22 For each of the following elements, write its chemical sym- 2.23 The elements of Group 14 show an interesting change in 
bol, locate it in the periodic table, give its atomic number, properties moving down the group. Give the name and 
and indicate whether it is a metal, metalloid, or nonmetal: chemical symbol of each element in the group and label it 
(a) radon, (b) tellurium, (c) cadmium, (d) chromium, as anonmetal, metalloid, or metal. 


(e) barium, (f) selenium, (g) sulphur. 
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Hydrogen, H, Oxygen, O» 


Water, H,O Hydrogen 
peroxide, H20, 
Carbon Carbon 


monoxide, CO dioxide, CO, 


< < 


Methane, CH4 Ethene, C2H4 


A Figure 2.15 Molecular models. Notice 
how the chemical formulas of these simple 


molecules correspond to their compositions. 


2.6 | Molecules and Molecular 
Compounds 


DNA, responsible for carrying the genetic instructions of all organisms, is one of the most 
complex molecules, yet it is composed of just five elements: C, H, O, N, and P. Knowing 
how the elements join together is fundamental to our understanding of chemistry. By 
the end of this section, you should be able to 


e Recognize the different types of formula used to describe molecules 


Even though the atom is the smallest representative sample of an element, only the 
noble-gas elements are normally found in nature as isolated atoms. Most matter is com- 
posed of molecules or ions. We examine molecules here and ions in Section 2.7. 


Molecules and Chemical Formulas 


Several elements are found in nature in molecular form—two or more of the same type 
of atom bound together. For example, most of the oxygen in air consists of molecules 
that contain two oxygen atoms. As we saw in Section 1.2, we represent this molecular 
oxygen by the chemical formula O, (read “oh two”). The subscript tells us that two 
oxygen atoms are present in each molecule. A molecule made up of two atoms is called a 
diatomic molecule. 

Oxygen also exists in another molecular form known as ozone. Molecules of ozone 
consist of three oxygen atoms, making the chemical formula O3. Even though “normal” 
oxygen (O2) and ozone (O3) are both composed only of oxygen atoms, they exhibit very 
different chemical and physical properties. For example, O% is essential for life, but O3 is 
toxic; O% is odorless, whereas O; has a sharp, pungent smell. 

The elements that normally occur as diatomic molecules are hydrogen, oxygen, 
nitrogen, and the halogens (H2, O2, No, Fo, Clo, Brz, and I2). Except for hydrogen, these 
diatomic elements are clustered on the right side of the periodic table. 

Compounds composed of molecules contain more than one type of atom and are 
called molecular compounds. A molecule of the compound methane, for example, 
consists of one carbon atom and four hydrogen atoms and is therefore represented 
by the chemical formula CH4. Lack of a subscript on the C indicates one atom of C 
per methane molecule. Several common molecules of both elements and compounds 
are shown in Figure 2.15. Notice how the composition of each substance is given by its 
chemical formula. Notice also that these substances are composed only of nonmetallic 
elements. 


Most of the molecular substances we will encounter contain only nonmetals. 


SECTION 2.6 Molecules and Molecular Compounds 


Molecular and Empirical Formulas 


Chemical formulas that indicate the actual numbers of atoms in a molecule are called 
molecular formulas. (The formulas in Figure 2.17 are molecular formulas.) Chemical 
formulas that give only the relative number of atoms of each type in a molecule are called 
empirical formulas. The subscripts in an empirical formula are always the smallest 
possible whole-number ratios. The molecular formula for hydrogen peroxide is H203, for 
example, whereas its empirical formula is HO. The molecular formula for ethene is C2H4, 
and its empirical formula is CH2. For many substances, the molecular formula and the 
empirical formula are identical, as in the case of water, H2O. 

Whenever we know the molecular formula of a compound, we can determine its 
empirical formula. The converse is not true, however. If we know the empirical formula of 
a substance, we cannot determine its molecular formula unless we have more information. 
So why do chemists bother with empirical formulas? As we will see in Chapter 3, certain 
common methods of analyzing substances lead to the empirical formula only. For exam- 
ple, if you decomposed hydrogen peroxide H20; into its elements and weighed them, you 
could determine that there were equal numbers of hydrogen and oxygen atoms, but you 
would not know if the molecular formula was HO, H202, H303, or the like. Once the empir- 
ical formula is known, additional experiments can give the information needed to convert 
the empirical formula to the molecular one. In addition, there are many substances that 
do not exist as isolated molecules, one example being ionic compounds that are discussed 
later in this chapter. For these substances, we must rely on empirical formulas. 


SA Sample Exercise 2.6 
D Relating Empirical and Molecular Formulas 


SOLUTION 


(a) The subscripts of an empirical formula are the smallest 
whole-number ratios. The smallest ratios are obtained 
by dividing each subscript by the largest common factor, 
in this case 6. The resultant empirical formula for glucose 
is CH20. 


> Practice Exercise 


(b) Because the subscripts in NO are already the lowest integral 
numbers, the empirical formula for nitrous oxide is the same 
as its molecular formula, N20. 


Picturing Molecules 


The molecular formula of a substance does not show how its atoms are joined together. 
A structural formula is needed to convey that information, as in the following 


examples: 
H H 
O g-o E 
IN / | 
H H H H 


Water Hydrogen peroxide Methane 


The atoms are represented by their chemical symbols, and lines are used to represent the 
bonds that hold the atoms together. 


Write the empirical formulas for (a) glucose, a substance also known as either blood sugar or dextrose—molecular formula 
C6H1206; (b) nitrous oxide, a substance used as an anesthetic and commonly called laughing gas—molecular formula N20. 


Tetracarbon dioxide is an unstable oxide of carbon with the 
following molecular structure: 


What are the molecular and empirical formulas of this 
substance? (a) C202, CO, (b) C4O, CO (c) CO3, CO3 
(d) C403, C20 (e) C20, CO2 
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ji 


| 
H 


CH, H—C—H 


Molecular formula Structural formula 


YW. Go Figure Which model, the ball-and-stick or the space-filling, more effectively shows 
the angles between bonds around a central atom? 


oe Solid line is a bond 
behind page. in plane of page. 
¿C 
HY `H i i 
H Wedge is a bond J 
out of page. J 


Perspective drawing Ball-and-stick model — Space-filling model 


A Figure 2.16 Different representations of the methane (CH,) molecule. Structural formulas, 
perspective drawings, ball-and-stick models, and space-filling models. 


A structural formula does not typically depict the actual geometry of the molecule, 


that is, the actual angles at which atoms are joined; for that, more sophisticated repre- 
sentations are needed (Figure 2.16). 


° Perspective drawings use wedges and dashed lines to depict bonds that are not 
in the plane of the paper. This gives a crude sense of the three-dimensional shape 
of a molecule. 


° Ball-and-stick models show atoms as spheres and bonds as sticks. This type of 
model has the advantage of accurately representing the angles at which the atoms 
are attached to one another in a molecule (Figure 2.16). Sometimes the chemical 
symbols of the elements are superimposed on the balls, but often the atoms are 
identified simply by color. 


Space-filling models depict what a molecule would look like if the atoms were 
scaled up in size (Figure 2.16). These models show the relative sizes of the atoms, 
but the angles between atoms, which help define their molecular geometry, are 
often more difficult to see than in ball-and-stick models. Because space-filling 
models give a good representation of the true size of a molecule, they are useful 
for picturing how two molecules might fit together or pack in the solid state. As with 
ball-and-stick models, the identities of the atoms are typically indicated by color. 


Self-Assessment Exercise 


2.24 Lactic acid can build up in muscle tissue during strenuous (a) CHO 
exercise, sometimes leading to painful ‘cramps’. The molec- (b) CH,O 
ular formula of lactic acid is C,H,O3. What is its empirical 
formula? (c) C,H,O, 
Exercises 
2.25 The structural formulas of the compounds n-butane and 2.26 What are the molecular and empirical formulas for each of 
isobutane are shown here. (a) Determine the molecular for- the following compounds? 
mula of each. (b) Determine the empirical formula of each. 
(c) Which formulas—empirical, molecular, or structural— H H H H 
allow you determine these are different compounds? Sg N / ea J | 
H vA \ ao a 
| H H H H H 
H—C—H : = , 
H HHH 2.27 Write the empirical formula corresponding to each of 
| | | | | the following molecular formulas: (a) Al,Br¢, (b) CgHjo, 
H—C—C—C—C—H C C—H (c) C4H80O2, (d) P4010, (€) C6H4Cl3, (£) B3N3H6. 
| | | 2.28 How many hydrogen atoms are in each of the following: 
H H H H (a) C2H5OH, (b) Ca(C2HsCOO),, (c) (NH4)3PO4? 
n-butane isobutane 
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2.29 Write the molecular and structural formulas for the com- y 
pounds represented by the following molecular models: ) @ < Ss @ 


(a) (b) 


(c) (d) 
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2.7 | Ions and Ionic Compounds 


Salt has always been an essential part of our diet. In regions where it is scarce, it com- 
mands a high price. During the Roman Empire, soldiers were paid, in part, with an allo- 
cation of salt (sal being the Latin word for salt) and this is the origin of our word ‘salary’. 
By the end of this section, you should be able to 


e Predict the charge on the ion formed by elements of Group 1, 2, 15, 16, and 17. 
e Write the formula of an ionic compound given the charges of the ions 


If electrons are removed from or added to an atom, a charged particle called an ion is 
formed. An ion with a positive charge is a cation (pronounced CAT-ion); a negatively 
charged ion is an anion (AN-ion). 

To see how ions form, consider the sodium atom, which has 11 protons and 11 elec- 
trons. If this atom loses one electron, the resulting cation has 11 protons and 10 electrons, 
which means it has a net charge of 1+. 
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11p* 11le7 
10e7 


Loses an 
electron 


Na atom Na‘ ion 


The net charge on an ion is represented by a superscript. The superscripts +, 2+, and 
3+, for instance, mean a net charge resulting from the loss of one, two, and three electrons, 
respectively. The superscripts —, 2—, and 3— represent net charges resulting from the gain 
of one, two, and three electrons, respectively. Chlorine, with 17 protons and 17 electrons, 
for example, can gain an electron in chemical reactions, producing the Cl" ion: 


17p* 17e7 18e7 


Gains an 
electron 


Cl atom Cl ion 


In general, metal atoms tend to lose electrons to form cations and nonmetal atoms 
tend to gain electrons to form anions. Thus, ionic compounds tend to be composed 
of both metal cations and nonmetal anions, as in NaCl. 


= Sample Exercise 2.7 
Ve Writing Chemical Symbols for lons 


Give the chemical symbol, including superscript indicating mass number, for (a) the ion with 22 protons, 26 neutrons, 
and 19 electrons; and (b) the ion of sulfur that has 16 neutrons and 18 electrons. 


SOLUTION number is 16 + 16 = 32. Because the ion has 16 protons and 
. . = > sa 322- 
(a) The number of protons is the atomic number of the ele- 18 electrons, its net charge is 2— and the ion symbol is *°S*. 
ment. A periodic table or list of elements tells us that the In general, we will focus on the net charges of ions and ignore their 
element with atomic number 22 is titanium (Ti). The mass mass numbers unless the circumstances dictate that we specify a 
number (protons plus neutrons) of this isotope of titanium is certain isotope. 


22 + 26 = 48. Because the ion has three more protons than 


electrons, it has a net charge of 3+ and is designated Aerie > Practice Exercise 

(b) The periodic table tells us that sulfur (S) has an atomic number In which of the following species is the difference between 
of 16. Thus, each atom or ion of sulfur contains 16 protons. We the number of protons and the number of electrons largest? 
are told that the ion also has 16 neutrons, meaning the mass (a) Ti2* (b) P* (c) Mn (d) Se? (e) Ce** 


In addition to simple ions such as Na‘ and CI, there are polyatomic ions, such 
as NH,* (ammonium ion) and SO, (sulfate ion), which consist of atoms joined as in 
a molecule, but carrying a net positive or negative charge. Polyatomic ions will be dis- 
cussed in Section 2.8. 

It is important to realize that the chemical properties of ions are very different from 
the chemical properties of the atoms from which the ions are derived. The addition or 
removal of one or more electrons produces a charged species with behavior very different 
from that of its associated atom or group of atoms. For example, sodium metal reacts vio- 
lently with water, but an ionic compound containing sodium ions, such as NaCl, does not. 


Predicting Ionic Charges 


As noted in Table 2.3, the elements of Group 18 are called the noble-gas elements. The 
noble gases are chemically nonreactive elements that form very few compounds. Many 
atoms gain or lose electrons to end up with the same number of electrons as the noble 
gas closest to them in the periodic table. We might deduce that atoms tend to acquire the 
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electron arrangements of the noble gases because these electron arrangements are very 
stable. Nearby elements can obtain these same stable arrangements by losing or gaining 
electrons. For example, the loss of one electron from an atom of sodium leaves it with 
the same number of electrons as in a neon atom (10). Similarly, when chlorine gains an 
electron, it ends up with 18, the same number of electrons as in argon. This simple obser- 
vation will be helpful for now to account for the formation of ions. A deeper explanation 
awaits us in Chapter 8, where we discuss chemical bonding. 


WWA Sample Exercise 2.8 
TF Predicting lonic Charge 


SOLUTION > Practice Exercise 


same number of electrons as the nearest noble-gas atom. From 
the periodic table, we see that barium has atomic number 56. The 
nearest noble gas is xenon, atomic number 54. Barium can attain a 
stable arrangement of 54 electrons by losing two electrons, forming 


atomic number 10. Oxygen can attain this stable electron arrange- 
ment by gaining two electrons, forming the O% anion. 


The periodic table is very useful for remembering ionic charges, especially those of 
elements on the left and right sides of the table. As Figure 2.17 shows, the charges of these 
ions relate in a simple way to their positions in the table: The Group 1 elements (alkali 
metals) form 1+ ions, the Group 2 elements (alkaline earth metals) form 2+ ions, the 
Group 17 elements (halogens) form 1- ions, and the Group 16 elements form 2- ions. 
As noted in the Practice Exercise of Sample Exercise 2.8, many of the other groups do not 
lend themselves to such simple rules. 


W TN TTT The most common ions for silver, zinc, and scandium are 
Ag’, Zn2*, and Sc*. Locate the boxes in which you would 
place these ions in this table. Which of these ions has the 
same number of electrons as a noble-gas element? 


1 17 18 
F z 

_} 13 14 15 16 |E |N 

LT N3-|02-| F- B 

Transition metals L 

Nat Mg”! g= EF E 

KAC Se*-|Br-| G 

A 

Rb*}Sr?+ Ar E 

GS Ba i 
A Figure 2.17 Predictable charges of some common ions. Notice that the red stepped line that 
divides metals from nonmetals also separates cations from anions. Hydrogen forms both 1+ and 


1- ions. 


Ionic Compounds 


A great deal of chemical activity involves the transfer of electrons from one substance 
to another. Figure 2.18 shows that when elemental sodium is allowed to react with el- 
emental chlorine, an electron transfers from a sodium atom to a chlorine atom, form- 
ing a Na‘ ion and a CI ion. Because objects of opposite charges attract, the Na* and the 
Cl ions bind together to form the compound sodium chloride (NaCl). Sodium chloride, 


Predict the charge expected for the most stable ion of barium and the most stable ion of oxygen. 


We will assume that barium and oxygen form ions that have the Although it is helpful to know that many ions have the electron 
arrangement of a noble gas, many elements, especially among the 
metals, form ions that do not have a noble-gas electron arrange- 
ment. Use the periodic table, Figure 2.13, to determine which of 
ae: the following ions has a noble-gas electron arrangement, and 

the Ba“ cation. which do not. For those that do, indicate the noble-gas arrange- 


Oxygen has atomic number 8. The nearest noble gas is neon, ment they match: (a) Ti*’, (b) Mn”, (c) Pb**, (d) Te”, (e) Zn”. 
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which we know better as common table salt, is an example of an ionic compound, a 
compound made up of cations and anions. 


YW Go Figure Is it possible to pick out a unique cluster of atoms that can be thought 
of as a sodium chloride molecule? 


11p. lle 


11p* 


Loses an 10e7 


electron 


Na atom 


17p~ 


Gains an 
electron 


Cl atom 


Cl ion 


A Figure 2.18 Formation of an ionic compound. The transfer of an electron from a sodium atom 
to a chlorine atom leads to the formation of a Na* ion and a CI ion. These ions are arranged in a 
lattice in solid sodium chloride, NaCl. 


We can often tell whether a compound is ionic (consisting of ions) or molecular 
(consisting of molecules) from its composition. As a general rule, cations are metal ions 
and anions are nonmetal ions. Consequently, 


Ionic compounds are generally combinations of metals and nonmetals, as in NaCl. 


= Sample Exercise 2.9 6) 
D Identifying lonic and Molecular Compounds 


Which of these compounds would you expect to be ionic: N20, NazO, CaClo, SF4? 


SOLUTION (a) Every compound of Rb with a nonmetal is ionic in character. 
We predict that Na2O and CaCl, are ionic compounds because (b) Every compound of nitrogen with a halogen element is a 
they are composed of a metal combined with a nonmetal. We molecular compound. 

predict (correctly) that N,O and SF, are molecular compounds be- (c) The compound MgKr, does not exist. 

cause they are composed entirely of nonmetals. (d) Na and K are very similar in the compounds they form with 


nonmetals. 
(e) If contained in an ionic compound, calcium (Ca) will be in 


» Practice Exercise the form of the doubly charged ion, Caa 


Give a reason why each of the following statements is a safe 
prediction: 


The ions in ionic compounds are arranged in three-dimensional structures, as 
Figure 2.18 shows for NaCl. Because there is no discrete “molecule” of NaCl, we are 
able to write only an empirical formula for this substance. This is true for most other 
ionic compounds. 

We can write the empirical formula for an ionic compound if we know the charges 
of the ions. Because chemical compounds are always electrically neutral, the ions in an 
ionic compound always occur in such a ratio that the total positive charge equals the 
total negative charge. Thus, there is one Na* to one CI” in NaCl, one Ba?* to two CI” in 
BaCl,, and so forth. 

As you consider these and other examples, you will see that if the charges on the 
cation and anion are equal, the subscript on each ion is 1. If the charges are not equal, 
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the charge on one ion (without its sign) will become the subscript on the other ion. For 
example, the ionic compound formed from Mg (which forms Mg” ions) and N (which 
forms N* ions) is Mg3Np>: 


Mg% X NE —> Mg:N: 


There is one caveat to using this approach. Remember that the empirical formula should 
be the smallest possible whole-number ratio of the two elements. So the empirical formula 
for the ionic compound formed between Ti** and O% is TiO, rather than Ti204. 


CHEMISTRY AND LIFE RAUS E A A E E 


The elements essential to life are highlighted in color in Figure 2.19. 
More than 97% of the mass of most organisms is made up of just six 
of these elements—oxygen, carbon, hydrogen, nitrogen, phosphorus, 
and sulfur. Water is the most common compound in living organisms, 
accounting for at least 70% of the mass of most cells. In the solid com- 
ponents of cells, carbon is the most prevalent element by mass. Car- 
bon atoms are found in a vast variety of organic molecules, bonded 
either to other carbon atoms or to atoms of other elements. Nearly all 
proteins, for example, contain the carbon-based group 


other elements are needed in only very small quantities and con- 
sequently are called trace elements. For example, trace quantities 
of copper are required in the diet of humans to aid in the synthe- 
sis of hemoglobin. 

Related Exercise: 2.113 


13 14 15 16 17 


3 4 5 6 7 8 9 10 11 12 
Sel Ti 


which occurs repeatedly in the molecules. 

In addition, 23 other elements have been found in 
various living organisms. Five are ions required by all 
organisms: Ca**, CI”, Mg”*, K*, and Na+. Calcium ions, 
for example, are necessary for the formation of bone 
and transmission of nervous system signals. Many 


= Sample Exercise 2.10 


SOLUTION 


(a) Three CI ions are required to balance the charge of 
one Al** ion, making the empirical formula AICl3. 


(b) Two Al** ions are required to balance the charge of 
three O% ions. A 2:3 ratio is needed to balance the total 
positive charge of 6+ and the total negative charge of 6—. 
The empirical formula is Al,O3. 


(c) Two NO; ions are needed to balance the charge of one 
Mg”", yielding Mg(NO3)9. Note that the formula for the 


A Figure 2.19 Elements essential to life. 


iy Six most abundant essential elements 


[_] Five next most abundant essential elements 


{ij Elements needed only in trace quantities 


s Using lonic Charge to Write Empirical Formulas for lonic Compounds 


Write the empirical formula of the compound formed by (a) Al?* and CI” ions, (b) Al?* and O°- ions, (c) Mg** and NO3_ ions. 


polyatomic ion, NO; , must be enclosed in parentheses so that 
it is clear that the subscript 2 applies to all the atoms 
of that ion. 


> Practice Exercise 
Which of the following nonmetals will form an ionic com- 


pound with Sc** that has a 1:1 ratio of cations to anions? 
(a) Ne (b) F (c) O (d) N 
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Self-Assessment Exercises 


2.30 Which group in the periodic table contains elements that 2.31 Which is the formula of the ionic compound formed from 
form a 2- anion? sodium cations and sulfur anion? 
(a) Group 2 (a) Na,S 
(b) Group 12 (b) NaS 
(c) Group 16 (c) NaS, 

Exercises 

2.32 Predictwhether each of the following compounds is molecu- 2.35 Using the periodic table to guide you, predict the chemical 

lar orionic: (a) HC10;, (b) CH3OCH3 (c) Mg(NO3)2 (d) H2S formula of the compound formed by the following elements: 


(a) Ga and F (b) Li and H, (c) Aland I, (d) K and S. 


2.36 Predict the chemical formulas of the ionic compound 
formed by (a) Fe** and OH”, (b) Cs* and NO;, (c) V** and 


(©) TiCly (f) K203 (g) PCls (h) P(OH)3. 
2.33 Fillin the gaps in the following table: 


Symbol CH3COO”, (d) Li* and PO,°”, (e) In?* and O”. 
Protons 2.37 Complete the table by filling in the formula for the ionic 
compound formed by each pair of cations and anions, as 
Neutrons shown for the first pair. 
Electrons 
Ion 
Net charge Z 
Cl 
2.34 Each of the following elements is capable of forming an ion OH- 
in chemical reactions. By referring to the periodic table, 
predict the charge of the most stable ion of each: (a) Be, CO?” 


(b) Rb, (c) As, (d) In, (e) At. 
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The names and chemical formulas of compounds are essential vocabulary in chemistry. 
The system used in naming substances is called chemical nomenclature, from the 
Latin words nomen (name) and calare (to call). By the end of this section, you should be 
able to 


e Convert between the name and formula of an inorganic compound 


There are more than 50 million known chemical substances. Naming them all 
would be a hopelessly complicated task if each had a name independent of all oth- 
ers. Many important substances that have been known for a long time, such as water 
(H20) and ammonia (NH3), do have traditional names (called common names). For 
most substances, however, we rely on a set of rules that leads to an informative and 
unique name that conveys the composition of the substance. 

The rules for chemical nomenclature are based on the division of substances into 
categories. The major division is between organic and inorganic compounds. Organic 
compounds contain carbon and hydrogen, often in combination with oxygen, nitrogen, 
or other elements. All others are inorganic compounds. Early chemists associated organic 
compounds with plants and animals and inorganic compounds with the nonliving por- 
tion of our world, for example minerals and water. Although this distinction is no longer 
pertinent, the classification between organic and inorganic compounds continues to be 
useful. In this section, we consider the basic rules for naming three categories of inor- 
ganic compounds: ionic compounds, acids, and molecular compounds. 


Names and Formulas of Ionic Compounds 


Recall from Section 2.7 that ionic compounds usually consist of metal ions combined 
with nonmetal ions. The metals form the cations, and the nonmetals form the anions. 


1. Cations 


a. Cations formed from metal atoms have the same name as the metal: 


Nat sodium ion Zn% = zincion AP aluminum ion 


b. Ifa metal can form cations with different charges, the positive charge is indicated by a 
Roman numeral in parentheses following the name of the metal: 


Fe2* iron(II) ion Cu copper(I) ion 


Fet iron(II) ion Cu2* copper(I) ion 


Ions of the same element that have different charges have different chemical and 
physical properties, such as color (Figure 2.20). 

Most metals that form cations with different charges are transition metals, 
elements that occur in the middle of the periodic table, from Group 3 to Group 
12. The metals that form only one cation (only one possible charge) are those of 
Group 1 and Group 2, as well as Al** (Group 13) and two transition-metal ions: 
Ag* (Group 12) and Zn” (Group 11). Charges are not expressed when naming 
these ions. However, if there is any doubt in your mind whether a metal forms 
more than one cation, use a Roman numeral to indicate the charge. It is never 
wrong to do so, even though it may be unnecessary. 

An older method still widely used for distinguishing between differently 
charged ions of a metal uses the endings -ous and -ic added to the root of the ele- 
ment’s Latin name: 


Fe2* ferrous ion Cu cuprous ion 


Fet ferricion Cu2+ cupric ion 


Although we will only rarely use these older names in this text, you might 
encounter them elsewhere. 


A Figure 2.20 Different ions of the same 
element have different properties. Both 
substances shown are compounds of iron. 
The grey substance on the left is Fe30z, 
which contains Fe** and Fe®* ions. The 
red substance on the right is Fe203, which 
contains Fe?* ions. 
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c. Cations formed from molecules composed of nonmetal atoms have names that end in 
-ium: 


NH,* ammonium ion H30* hydronium ion 


These two ions are the only ions of this kind that we will encounter frequently in 
the text. 

The names and formulas of some common cations are shown in Table 2.4 
and on the back inside cover of the text. The ions on the left side in Table 2.4 are 
the monatomic ions that do not have more than one possible charge. Those on 
the right side are either polyatomic cations or cations with more than one possi- 
ble charge. The Hg,”* ion is unusual because, even though it is a metal ion, it is 
not monatomic. It is called the mercury(I) ion because it can be thought of as two 
Hg” ions bound together. The cations that you will encounter most frequently in 
this text are shown in boldface. You should learn these cations first. 


TABLE 2.4 Common Cations? 


Charge Formula Name Formula Name 
1+ Ht hydrogen ion NH,* ammonium ion 
Li* lithium ion Cu* copper(I) or cuprous ion 
Nat sodium ion 
K+ potassium ion 
(su cesium ion 
Agt silver ion 
24 Mg?t magnesium ion Co? cobalt(II) or cobaltous ion 
Ca2+ calcium ion Cu2t copper(II) or cupric ion 
Sr2* strontium ion Fe2+ iron(II) or ferrous ion 
Ba2* barium ion Mn?2* manganese(II) or manganous ion 
Zn2* zinc ion Hg,?* mercury(I) or mercurous ion 
Cd2*+ cadmium ion Hg?* mercury(II) or mercuric ion 
NiZ* nickel(II) or nickelous ion 
Pb2* lead (II) or plumbous ion 
Sn2*+ tin(ID or stannous ion 
3+ ABt aluminum ion Cr3+ chromium(III) or chromic ion 
Fe?+ iron(IID or ferric ion 


‘The ions we use most often in this course are in boldface. Learn them first. 


2. Anions 


a. The names of monatomic anions are formed by replacing the ending of the name of the 
element with -ide: 


H- 


hydride ion 


Oo 


oxide ion 


N? nitride ion 


A few polyatomic anions also have names ending in -ide: 


OH” 


hydroxide ion 


CN- 


cyanide ion O, peroxide ion 


2 


b. Polyatomic anions containing oxygen have names ending in either -ate or -ite and 


are called oxyanions. The -ate is used for the most common or representative 
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oxyanion of an element, and -ite is used for an oxyanion that has the same charge 
but one O atom fewer: 


NO; nitrate ion SOL sulfate ion 


NO; nitrite ion s0,” sulfite ion 


Prefixes are used when the series of oxyanions of an element extends to four members, 
as with the halogens. The prefix per- indicates one more O atom than the oxyanion 
endingin -ate; hypo- indicates one O atom fewer than the oxyanion ending in -ite: 


clon perchlorate ion (one more O atom than chlorate) 
ClO; chlorate ion 

ClO chlorite ion (one O atom fewer than chlorate) 
ClO™ hypochlorite ion (one O atom fewer than chlorite) 


These rules are summarized in Figure 2.21. 


W Go Figure Name the anion obtained by removing one oxygen atom from the 
perbromate ion, BrO, . 


Simple ide 
anion (chloride, Cl”) 
per ate +O atom ate —O atom ite —O atom hypo_ ite 
Oxyanions (perchlorate, CIO) 4T (chlorate, CIO;:) ~> (chlorite, CIO) ~~~ (hypochlorite, ClO~) 


Common or 
representative 
oxyanion 


A Figure 2.21 Procedure for naming anions. Here the simple anion and polyatomic oxyanions 
derived from chlorine are used as an example. 


Figure 2.22 can help you remember the charge and number of oxygen atoms in 
the various oxyanions. Notice that C and N, both Period 2 elements, have only three O 
atoms each, whereas the Period 3 elements P, S, and Cl have four O atoms each. Begin- 
ning at the lower right in Figure 2.22, note that ionic charge increases from right to left, 
from 1- for ClO, to 3— for PO,?-. In the second period the charges also increase from 
right to left, from 1- for NO3 to 2— for CO3”. Notice also that although each of the 
anions in Figure 2.22 ends in -ate, the ClO, ion also has a per- prefix. 


Maximum of three O 
atoms in Period 2. 
X Group 14 Group 15 Group 16 Group 17 
l CO NOS 
Period 2 Carbonate ion Nitrate ion Charges increase right 
3 PO, = BO = ClO total 
Period 3 Phosphate ion Sulfate ion Perchlorate ion 


Maximum of four 
O atoms in Period 3. 


A Figure 2.22 Common oxyanions. The composition and charges of common oxyanions are related to their location in the periodic table. 
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he. Sample Exercise 2.11 


D Determining the Formula of an Oxyanion from Its Name 


selenium are both in Group 16 and form analogous oxyanions.) 


SOLUTION 


(a) The sulfate ion is S04”. The analogous selenate ion is 
therefore SeO,7-. 


(b) The ending -ite indicates an oxyanion with the same 
charge but one O atom fewer than the corresponding 
oxyanion that ends in -ate. Thus, the formula for the 
selenite ion is SeO37. 


> Practice Exercise 
Which of the following oxyanions is incorrectly named? 
(a) CIO; , chlorate (b) 10,7, periodate (c) SO37~, sulfite 
(d) IO; , iodate (e) NO; ,„ nitrite 


Based on the formula for the sulfate ion, predict the formula for (a) the selenate ion and (b) the selenite ion. (Sulfur and 


c. Anions derived by adding H* to an oxyanion are named by adding as a prefix the word 
hydrogen or dihydrogen, as appropriate: 


CO carbonate ion 


HCO; 


hydrogen carbonate ion 


Po,” 


phosphate ion 


H,PO, dihydrogen phosphate ion 


Notice that each H* added reduces the negative charge of the parent anion by 
one. An older method for naming some of these ions uses the prefix bi-. Thus, 
the HCO; ion is commonly called the bicarbonate ion, and HSO,4 is sometimes 


called the bisulfate ion. 


The names and formulas of the common anions are listed in Table 2.5 
and on the back inside cover of the text. Those anions whose names end in 
-ide are listed on the left portion of Table 2.5, and those whose names end 
in -ate are listed on the right. The most common of these ions are shown 
in boldface. You should learn the names and formulas of these anions first. 
The formulas of the ions whose names end with -ite can be derived from 
those ending in -ate by removing an O atom. Notice the location of the 
monatomic ions in the periodic table. Those of Group 17 always have a 
1- charge (F ,Cl ,Br ,andI ), and those of Group 16 have a 2— charge 


(O7 and S$”). 


TABLE 2.5 Common Anions? 


Charge Formula Name 

i Hg hydride ion 
F- fluoride ion 
(0) chloride ion 
Br~ bromide ion 
r iodide ion 
CN cyanide ion 
OH- hydroxide ion 

I= 02- oxide ion 
(07 peroxide ion 
s2- sulfide ion 

3= N3- nitride ion 


Formula 

CH3COO™ (or C,H30, ) 
ClO3 

ClO,~ 

NO; 

MnO; 


aThe ions we use most often are in boldface. Learn them first. 


Name 

acetate ion 
chlorate ion 
perchlorate ion 
nitrate ion 


permanganate ion 


carbonate ion 
chromate ion 
dichromate ion 
sulfate ion 


phosphate ion 
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3. Ionic Compounds 
Names of ionic compounds consist of the cation name followed by the anion name: 
CaCl, calcium chloride 
Al(NO3)3 aluminum nitrate 
Cu(ClO4)2 copper(II) perchlorate (or cupric perchlorate) 
In the chemical formulas for aluminum nitrate and copper(II) perchlorate, parentheses 
followed by the appropriate subscript are used because the compounds contain two 
or more polyatomic ions. 
\am Sample Exercise 2.12 
Jd Determining the Names of lonic Compounds from Their Formulas 
Name the ionic compounds (a) K2S0,, (b) Ba(OH)z, (c) FeCl3. 
SOLUTION Because the compound contains three chloride ions, CI, the 


In naming ionic compounds, it is important to recognize polyatomic 
ions and to determine the charge of cations with variable charge. 


(a) The cation is K*, the potassium ion, and the anion is S047, > Practice Exercise 
the sulfate ion, making the name potassium sulfate. (If you 
thought the compound contained S% and O% ions, you 
failed to recognize the polyatomic sulfate ion.) 


hydroxide ion: barium hydroxide. 


(c) You must determine the charge of Fe in this compound 
because an iron atom can form more than one cation. 


Names and Formulas of Acids 


Acids are an important class of hydrogen-containing compounds, and they are named 
in a special way. For our present purposes, an acid is a substance whose molecules yield 
hydrogen ions (H+) when dissolved in water. When we encounter the chemical formula for 
an acid at this stage of the course, it will be written with H as the first element, as in HCl 
and H2504. 

An acid is composed of an anion connected to enough H* ions to neutralize, or 
balance, the anion’s charge. Thus, the SO, ion requires two H* ions, forming H2SOx. 
The name of an acid is related to the name of its anion, as summarized in Figure 2.23. 


How to Name Acids 


1. Acids containing anions whose names end in -ide are named by changing the -ide ending 
to -ic, adding the prefix hydro- to this anion name, and then following with the word acid: 


Anion Corresponding Acid 
Cl (chloride) HCI (hydrochloric acid) 
S% (sulfide) H,S (hydrosulfuric acid) 


2. Acids containing anions whose names end in -ate or -ite are named by changing -ate to 
-ic and -ite to -ous and then adding the word acid. Prefixes in the anion name are re- 
tained in the name of the acid: 


Anion Corresponding Acid 

ClO, (perchlorate) HCI1O4 (perchloric acid) 
ClO3 (chlorate) HCIO; (chloric acid) 
ClOz (chlorite) HCIO, (chlorous acid) 


ClO™ (hypochlorite) HClO (hypochlorous acid) 


Which of the following ionic compounds is incorrectly 
named? (a) Zn(NO3)o, zinc nitrate (b) TeCly, tellurium(IV) 
chloride (c) Fe,O3, diiron oxide (d) BaO, barium oxide 

(b) The cation is Ba?*, the barium ion, and the anion is OH, the (e) Mn3(PO4)2, manganese(II) phosphate 


cation must be Fe*", the iron(II), or ferric, ion. Thus, the com- 
pound is iron(II) chloride or ferric chloride. 
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Anion Acid 


ide add H* hydro ic acid 
(chloride, Cl”) , (hydrochloric acid, HCI) 


ate add H* ic acid 
(chlorate, C103) ———> (chloric acid, HC1O3) 
(perchlorate, ClO, ) (perchloric acid, HC1O,4) 
ite add Ht ous acid 
(chlorite, CIO) ——> (chlorous acid, HCIO,) 
(hypochlorite, ClO") (hypochlorous acid, HCIO) 


A Figure 2.23 Procedure for naming acids. Here acids containing chlorine are used as 
an example. Prefixes used for oxyanions, such as, per- and hypo-, are retained in the acids 
derived from those anions. 


\a Sample Exercise 2.13 
PT Relating the Names and Formulas of Acids 


Name the acids (a) HCN, (b) HNO3, (c) H2S0,, (d) H2SO3. 


SOLUTION (c) Because SO4% is the sulfate ion, HSO; is called sulfuric acid. 
(a) The anion from which this acid is derived is CN, the cyanide (d) Because SO3~ is the sulfite ion, H2SO3 is sulfurous acid (the 
ion. Because this ion has an -ide ending, the acid is given a -ite ending of the anion is replaced with an -ous ending). 


hydro- prefix and an -ic ending: hydrocyanic acid. Only water 

solutions of HCN are referred to as hydrocyanic acid. The pure 
compound, which is a gas under normal conditions, is called > Practice Exercise 
hydrogen cyanide. Both hydrocyanic acid and hydrogen 


Which of the following acids are incorrectly named? For those 
cyanide are extremely toxic. 


that are, provide a correct name or formula. 


(b) Because NO; is the nitrate ion, HNO; is called nitric acid (the (a) hydrofluoric acid, HF (b) nitrous acid, HNO3 (c) perbromic 
-ate ending of the anion is replaced with an -ic ending in nam- acid, HBrO, (d) iodic acid, HI (e) selenic acid, H2SeO4 
ing the acid). 
TABLE 2.6 Prefixes Used in Names and Formulas of Binary Molecular Compounds 


Naming Binary Compounds 


The procedures used for naming binary (two-element) molecular compounds are similar 
Formed between Nonmetals 


to those used for naming ionic compounds: 


Prefix Meaning 
(— R 
mono- 1 How to Name Binary Molecular Compounds 
di- 2 1. The name of the element farther to the left in the periodic table (closest to the metals) is 
tri- 3 usually written first. An exception occurs when the compound contains oxygen and 
tetra- 4 chlorine, bromine, or iodine (any halogen except fluorine), in which case oxygen 
penta- 5 is written last. 
herje 6 2. Ifboth elements are in the same group, the one closer to the bottom of the table is named first. 
hepta- 7 3. The name of the second element is given an -ide ending. 
octa: 8 4. Greek prefixes (Table 2.6) indicate the number of atoms of each element. (Exception: 
The prefix mono- is never used with the first element.) When the prefix ends in a or 
nona- 9 ; : eg 
o and the name of the second element begins with a vowel, the a or o of the prefix is 
ge H often dropped. 


The following examples illustrate these rules: 


ClO dichlorine monoxide NF; 


N20, dinitrogen tetroxide 


nitrogen trifluoride 


SECTION 2.8 Naming Inorganic Compounds 123 


P,S;9 tetraphosphorus decasulfide 


Rule 4 is necessary because we cannot predict formulas for most molecular sub- 
stances the way we can for ionic compounds. Molecular compounds that contain hydro- 
gen and one other element are an important exception, however. These compounds can 
be treated as if they were neutral substances containing H* ions and anions. Thus, you 
can predict that the substance named hydrogen chloride has the formula HCl, contain- 
ing one H* to balance the charge of one Cl. (The name hydrogen chloride is used only for 
the pure compound; water solutions of HCl are called hydrochloric acid. The distinction, 
which is important, will be explained in Section 4.1.) Similarly, the formula for hydrogen 
sulfide is H2S because two H* ions are needed to balance the charge on S”. 


= Sample Exercise 2.14 


PP Relating the Names and Formulas of Binary Molecular 


Name the compounds (a) SOs, (b) PCls, (c) Cl203. 


SOLUTION 


The compounds consist entirely of nonmetals, so they are molec- 
ular rather than ionic. Using the prefixes in Table 2.6 , we have 
(a) sulfur dioxide, (b) phosphorus pentachloride, (c) dichlorine 
trioxide. 


Compounds 


> Practice Exercise 


Give the name for each of the following binary compounds of 
carbon: (a) CS, (b) CO, (c) C303, (d) CBry, (e) CE 


Self-Assessment Exercise 


2.38 


What is the name of NaClO,? 
(a) Sodium chlorine oxide 
(b) Sodium chlorite 

(c) Sodium chlorate 


Exercises 


2.39 


2.40 


2.41 


2.42 


2.43 


Give the chemical formula for (a) chromate ion (b) bromide 
ion (c) nitrite ion (d) sulphite ion (e) permanganate ion. 
Give the names and charges of the cation and anion in 
each of the following compounds: (a) CaO, (b) Na2SOu,, 
(c) KC1Oq, (d) Fe(NO3)z, (e) Cr(OH)3. 

Name the following ionic compounds: (a) Li,O, (b) FeCl,, 
(c) NaClO, (d) CaSO3, (e) Cu(OH),, (£) Fe(NO3)>, 
(g) Ca(CH3COO)2, (h) Cre(CO3)3, (i) K2CrO4, (j) 
(NH4)2504. 

Write the chemical formulas for the following compounds: 
(a) aluminum hydroxide, (b) potassium sulfate, (c) copper(I) 
oxide, (d) zinc nitrate, (e) mercury(II) bromide, (£) iron(II) 
carbonate, (g) sodium hypobromite. 


Give the name or chemical formula, as appropriate, for 
each of the following acids: (a) HBrOs, (b) HBr, (c) H;PO;,, (d) 
hypochlorous acid, (e) iodic acid, (f) sulfurous acid. 


2.44 


2.45 


Give the name or chemical formula, as appropriate, for each 
of the following binary molecular substances: (a) SFę, (b) 
IF, (c) XeOs, (d) dinitrogen tetroxide, (e) hydrogen cyanide, 
(£) tetraphosphorus hexasulfide. 


Write the chemical formula for each substance men- 
tioned in the following word descriptions (use the front 
inside cover to find the symbols for the elements you do 
not know). (a) Zinc carbonate can be heated to form zinc 
oxide and carbon dioxide. (b) On treatment with hydro- 
fluoric acid, silicon dioxide forms silicon tetrafluoride and 
water. (c) Sulfur dioxide reacts with water to form sulfurous 
acid. (d) The substance phosphorus trihydride, commonly 
called phosphine, is a toxic gas. (e) Perchloric acid reacts 
with cadmium to form cadmium(I]) perchlorate. (f) Vana- 
dium (II) bromide is a colored solid. 
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2.9 | Some Simple Organic Compounds 
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Organic compounds were believed to require living cells for their synthesis, either 
plant or animal in origin. Now there are many ways in which we may synthesize 
organic compound from inorganic materials. They represent over 99% of all known 
compounds and each one has carbon as a central element. By the end of this section, 
you should be able to 


e Recognize and name simple alkanes and alcohols 


The study of compounds of carbon is called organic chemistry, and as noted earlier, 
compounds that contain carbon and hydrogen, often in combination with oxygen, ni- 
trogen, or other elements, are called organic compounds. Organic compounds are a very 
important part of chemistry, far outnumbering all other types of chemical substances. 
We will examine organic compounds in a systematic way later on, but you will encoun- 
ter many examples of them throughout the text. Here we present a brief introduction to 
some of the simplest organic compounds and the ways in which they are named. 


Alkanes 


Compounds that contain only carbon and hydrogen are called hydrocarbons. In the 
simplest class of hydrocarbons, alkanes, each carbon is bonded to four other atoms. 
The three smallest alkanes are methane (CH4), ethane (C2H6), and propane (C3Hg). The 
structural formulas of these three alkanes are as follows: 


Methane Ethane Propane 


Although hydrocarbons are binary molecular compounds, they are not named like 
the binary inorganic compounds discussed in Section 2.8. Instead, each alkane has a 
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name that ends in -ane. The alkane with four carbons is called butane. For alkanes with 
five or more carbons, the names are derived from prefixes like those in Table 2.6. An 
alkane with eight carbon atoms, for example, is octane (CgH,g), where the octa- prefix for 
eight is combined with the -ane ending for an alkane. 


Some Derivatives of Alkanes 


Other classes of organic compounds are obtained when one or more hydrogen atoms in an 
alkane are replaced with functional groups, which are specific groups of atoms. An alcohol, 
for example, is obtained by replacing an H atom of an alkane with an —OH group. The 
name of the alcohol is derived from that of the alkane by adding an -ol ending: 


H H H H H H 


| | | | | 
a H—C—C—OH Bott ae 
H H 


Methanol Ethanol 1-Propanol 


Alcohols have properties that are very different from those of the alkanes from which 
the alcohols are obtained. For example, methane, ethane, and propane are all color- 
less gases under normal conditions, whereas methanol, ethanol, and propanol are 
colorless liquids. We will discuss the reasons for these differences in Chapter 11. 

The prefix “1” in the name 1-propanol indicates that the replacement of H with OH 
has occurred at one of the “outer” carbon atoms rather than the “middle” carbon atom. 
A different compound, called 2-propanol is obtained when the OH functional group is 
attached to the middle carbon atom (Figure 2.24). 

Compounds with the same molecular formula but different arrangements of atoms 
are called isomers. For example, 1-propanol and 2-propanol] are structural isomers, com- 
pounds that have the same molecular formula but different structural formulas. There 
are many different kinds of isomers, as we will discover later in this book. 

As already noted, many different functional groups can replace one or more of the 
hydrogens on an alkane—for example, one or more of the halogens, or a special grouping 
of carbon and oxygen atoms, such as the carboxylic acid group, —COOH. Here are a few 
examples of functional groups you will be encountering in the chapters that lie ahead 
(the functional group is highlighted in blue): 


Lott Ce 
eo S re 
H Br H H H H 


2-Bromobutane Butyric acid 
H H H H 


i | J | 
Tid. 
H H H H 
Methyl butyl ether 


Much of the richness of organic chemistry is possible because organic compounds 
can form long chains of carbon-carbon bonds. The series of alkanes that begins with 
methane, ethane, and propane and the series of alcohols that begins with methanol, 
ethanol, and propanol can both be extended for as long as we desire, in principle. The 


OH group on 
end carbon 


© © 
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1-Propanol 


OH group on 
middle carbon 
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2-Propanol 


A Figure 2.24 The two forms (isomers) 
of propanol. 
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properties of alkanes and alcohols change as the chains get longer. Octanes, which are 
alkanes with eight carbon atoms, are liquids under normal conditions. If the alkane 
series is extended to tens of thousands of carbon atoms, we obtain polyethylene, a solid 
substance that is used to make thousands of plastic products, such as plastic bags, food 


containers, and laboratory equipment. 


\a Sample Exercise 2.15 


SOLUTION 


(a) Alkanes contain only carbon and hydrogen, and each carbon 
is attached to four other atoms. The name pentane contains 
the prefix penta- for five (Table 2.6), and we are told that the 
carbons are in a linear chain. If we then add enough hydrogen 
atoms to make four bonds to each carbon, we obtain the struc- 


tural formula 
H 
|e eee ey ee 
TTT... 
H H 


STRATEGIES FOR SUCCESS [RX OROR ELGG 


D Writing Structural and Molecular Formulas for Hydrocarbons 


Assuming the carbon atoms in pentane are in a linear chain, write (a) the structural formula and (b) the molecular formula for this alkane. 


This form of pentane is often called n-pentane, where the 
n- stands for “normal” because all five carbon atoms are in 
one line in the structural formula. 

(b) Once the structural formula is written, we determine the mo- 
lecular formula by counting the atoms present. Thus, n-pen- 
tane has the molecular formula C5H12. 


> Practice Exercise 
(a) What is the molecular formula of hexane, the alkane with 
six carbons? (b) What are the name and molecular formula of 
an alcohol derived from hexane? 


At about this time in your study of chemistry, you are likely to face 
your first examination. The best way to prepare is to study, do home- 
work diligently, and get help from the instructor on any material 
that is unclear or confusing. (See the advice for learning and study- 
ing chemistry presented in the preface of the book.) We present here 
some general guidelines for taking tests. 

Depending on the nature of your course, the exam could consist 
of a variety of different types of questions. 


1. Multiple-choice questions In large-enrollment courses, the 
most common kind of test question is the multiple-choice ques- 
tion. Many of the practice exercise problems in this book are written 
in this format to give you practice at this style of question. When 
faced with this type of problem, the first thing to realize is that the 
instructor has written the question so that at first glance all the an- 
swers appear to be correct. Thus, you should not jump to the conclu- 
sion that because one of the choices looks correct, it must be correct. 

If a multiple-choice question involves a calculation, do the 
calculation, check your work, and only then compare your an- 
swer with the choices. Keep in mind, though, that your instruc- 
tor has anticipated the most common errors you might make in 
solving a given problem and has probably listed the incorrect 
answers resulting from those errors. Always double-check your 
reasoning and use dimensional analysis to arrive at the correct 
numeric answer and the correct units. 


In multiple-choice questions that do not involve calcula- 
tions, if you are not sure of the correct choice, eliminate all the 
choices you know for sure to be incorrect. The reasoning you use 
in eliminating incorrect choices may offer insight into which of 
the remaining choices is correct. 


2. Calculations in which you must show your work In 
questions of this kind, you may receive partial credit even if you do 
not arrive at the correct answer, depending on whether the instruc- 
tor can follow your line of reasoning. It is important, therefore, to 
be neat and organized in your calculations. Pay particular atten- 
tion to what information is given and to what your unknown is. 
Think about how you can get from the given information to your 
unknown. 

You may want to write a few words or a diagram on the test 
paper to indicate your approach. Then write out your calcula- 
tions as neatly as you can. Show the units for every number you 
write down, and use dimensional analysis as much as you can, 
showing how units cancel. 


3. Questions requiring drawings Questions of this kind will 
come later in the course, but it is useful to talk about them here. 
(You should review this box before each exam to remind your- 
self of good exam-taking practices.) Be sure to label your draw- 
ing as completely as possible. 
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Self-Assessment Exercise 


2.46 Do isomers have the same molecular formula? 
(a) Yes 


(b) No 


Exercises 


2.47 (a) What is a hydrocarbon? (b) Pentane is the alkane with 
a chain of five carbon atoms. Write a structural formula for 
this compound and determine its molecular and empirical 
formulas. 


2.48 (a) What isa functional group? (b) What functional group 
characterizes an alcohol? (c) Write a structural formula for 


IE —_—V—_—V— 


Chapter Summary and Key Terms 


THE ATOMIC THEORY OF MATTER; THE DISCOVERY OF ATOMIC 
STRUCTURE (SECTION 2.1 AND 2.2) Atoms are the basic building 
blocks of matter. They are the smallest units of an element that can 
combine with other elements. Atoms are composed of even smaller 
particles, called subatomic particles. Some of these subatomic parti- 
cles are charged and follow the usual behavior of charged particles: 
Particles with the same charge repel one another, whereas particles 
with opposite charges are attracted to one another. 

We considered some of the important experiments that led to 
the discovery and characterization of subatomic particles. Thom- 
son’s experiments on the behavior of cathode rays in magnetic and 
electric fields led to the discovery of the electron and allowed its 
charge-to-mass ratio to be measured. Millikan’s oil-drop experi- 
ment determined the charge of the electron. Becquerel’s discovery 
of radioactivity, the spontaneous emission of radiation by atoms, 
gave further evidence that the atom has a substructure. Ruther- 
ford’s studies of how a particles scatter when passing through thin 
metal foils led to the nuclear model of the atom, showing that the 
atom has a dense, positively charged nucleus. 


THE MODERN VIEW OF ATOMIC STRUCTURE (SECTION 2.3) At- 
oms have a nucleus that contains protons and neutrons; electrons 
move in the space around the nucleus. The magnitude of the charge 
of the electron, 1.602 x 10°!°C, is called the electronic charge. The 
charges of particles are usually represented as multiples of this 
charge—an electron has a 1— charge, and a proton has a 1+ charge. 
The masses of atoms are usually expressed in terms of atomic mass 
units (1u = 1.66054 x 104g). 

Elements can be classified by atomic number, the number of pro- 
tons in the nucleus of an atom. All atoms of a given element have the 
same atomic number. The mass number of an atom is the sum of the 
numbers of protons and neutrons. Atoms of the same element that 
differ in mass number are known as isotopes. 


ATOMIC WEIGHTS (SECTION 2.4) The atomic mass scale is defined 
by assigning a mass of exactly 12 u to a '7C atom. The atomic weight 
(average atomic mass) of an element can be calculated from the rel- 
ative abundances and masses of that element’s isotopes. The mass 
spectrometer provides the most direct and accurate means of exper- 
imentally measuring atomic (and molecular) weights. 


1-pentanol, the alcohol derived from pentane by making a 
substitution on one of the carbon atoms. 


2.49 


Chloropropane is derived from propane by substituting Cl 
for H on one of the carbon atoms. (a) Draw the structural 
formulas for the two isomers of chloropropane. (b) Suggest 
names for these two compounds. 
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THE PERIODIC TABLE (SECTION 2.5) The periodic table is an 
arrangement of the elements in order of increasing atomic number. 
Elements with similar properties are placed in vertical columns. 
The elements in a column are known as a group. The elements 
in a horizontal row are known as a period. The metallic elements 
(metals), which comprise the majority of the elements, dominate 
the left side and the middle of the table; the nonmetallic elements 
(nonmetals) are located on the upper right side. Many of the ele- 
ments that lie along the line that separates metals from nonmetals 
are metalloids. 


MOLECULES AND MOLECULAR COMPOUNDS (SECTION 2.6) 
Atoms can combine to form molecules. Compounds composed of 
molecules (molecular compounds) usually contain only nonmetallic 
elements. A molecule that contains two atoms is called a diatomic 
molecule. The composition of a substance is given by its chemical 
formula. A molecular substance can be represented by its empirical 
formula, which gives the relative numbers of atoms of each kind, but 
is usually represented by its molecular formula, which gives the ac- 
tual numbers of each type of atom in a molecule. Structural formulas 
show the order in which the atoms in a molecule are connected. 
Ball-and-stick models and space-filling models convey additional 
information about the shapes of molecules. 


IONS AND IONIC COMPOUNDS (SECTION 2.7) Atoms can either 
gain or lose electrons, forming charged particles called ions. Metals tend 
to lose electrons, becoming positively charged ions (cations). Nonmetals 
tend to gain electrons, forming negatively charged ions (anions). Because 
ionic compounds are electrically neutral, containing both cations and an- 
ions, they usually contain both metallic and nonmetallic elements. At- 
oms that are joined together, as in a molecule, but carry a net charge are 
called polyatomic ions. The chemical formulas used for ionic compounds 
are empirical formulas, which can be written readily if the charges of the 
ions are known. The total positive charge of the cations in an ionic com- 
pound must equal the total negative charge of the anions. 


NAMING INORGANIC COMPOUNDS (SECTION 2.8) The set of rules 
for naming chemical compounds is called chemical nomenclature. We 
studied the systematic rules used for naming three classes of inorganic 
substances: ionic compounds, acids, and binary molecular compounds. 
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In naming an ionic compound, the cation is named first and then the 
anion. Cations formed from metal atoms have the same name as the 
metal. If the metal can form cations of differing charges, the charge is 
given using Roman numerals. Monatomic anions have names ending 
in -ide. Polyatomic anions containing oxygen and another element 
(oxyanions) have names ending in -ate or -ite. In naming binary molecu- 
lar compounds, Greek prefixes are used to denote the number of each 
element in the molecular formula, and the element farthest to the left in 
the periodic table (closest to metallic elements) is generally written first. 


SOME SIMPLE ORGANIC COMPOUNDS (SECTION 2.9) Organic 
chemistry is the study of compounds that contain carbon. The 


simplest class of organic molecules is the hydrocarbons, which con- 
tain only carbon and hydrogen. Hydrocarbons in which each car- 
bon atom is attached to four other atoms are called alkanes. Alkanes 
have names that end in -ane, such as methane and ethane. Other 
organic compounds are formed when an H atom of a hydrocar- 
bon is replaced with a functional group. An alcohol, for example, is 
a compound in which an H atom of a hydrocarbon is replaced by 
an OH functional group. Alcohols have names that end in -ol, such 
as methanol and ethanol. Compounds with the same molecular 
formula but different bonding arrangements of their constituent 
atoms are called isomers. 


Learning Outcomes After studying this chapter, you should be able to: 


e List the basic postulates of Dalton’s atomic theory. (Section 2.1) 
Related Exercises: 2.2, 2.3, 2.60, 2.61 


e Describe the key experiments that led to the discovery of elec- 
trons and to the nuclear model of the atom. (Section 2.2) 
Related Exercises: 2.5, 2.6, 2.62, 2.63 


e Describe the structure of the atom in terms of protons, 
neutrons, and electrons and express the relative electrical 
charges and masses of these subatomic particles. (Section 2.3) 
Related Exercises: 2.10, 2.65 


e Use chemical symbols together with atomic number and mass 
number to express the subatomic composition of isotopes. 
(Section 2.3) Related Exercises: 2.11, 2.12, 2.14, 2.33 


e Calculate the atomic weight of an element from the masses 
of individual atoms and a knowledge of natural abundances. 
(Section 2.4) Related Exercises: 2.18, 2.20, 2.71, 2.72 


e Describe how elements are organized in the periodic table by atomic 
number and by similarities in chemical behavior, giving rise to 
periods and groups. (Section 2.5) Related Exercises: 2.23, 2.76 


e Identify the locations of metals and nonmetals in the periodic 
table. (Section 2.5) Related Exercises: 2.22, 2.75 


e Distinguish between molecular substances and ionic sub- 
stances in terms of their composition. (Section 2.6 and 2.7) 
Related Exercises: 2.32, 2.36, 2.37, 2.87 

e Distinguish between empirical formulas and molecular formulas. 
(Section 2.6) Related Exercises: 2.25, 2.26, 2.27, 2.77 

e Describe how molecular formulas and structural formulas are 
used to represent the compositions of molecules. (Section 2.6) 
Related Exercises: 2.29, 2.81 

e Explain how ions are formed by the gain or loss of electrons 
and use the periodic table to predict the charges of common 
ions. (Section 2.7) Related Exercises: 2.34, 2.82, 2.83 

e Write the empirical formulas of ionic compounds, given the 
charges of their component ions. (Section 2.7) 


Related Exercises: 2.35, 2.36, 2.37, 2.85 


e Write the name of an ionic compound given its chemical for- 
mula or write the chemical formula given its name. (Section 2.8) 
Related Exercises: 2.41, 2.42, 2.90, 2.91 

e Name or write chemical formulas for binary inorganic com- 
pounds and for acids. (Section 2.8) Related Exercises: 2.43, 2.44, 
2.92, 2.93 


e Identify organic compounds and name simple alkanes and alco- 
hols. (Section 2.9) Related Exercises: 2.47, 2.48, 2.49, 2.96 


rr 


Key Equations 


e Atomic weight = $)[(isotope mass) x (fractional isotope abundance) [2.1] 


over 
all isotopes 


Calculating atomic weight as a fractionally weighted 
average of isotopic masses. 


Exercises 


Visualizing Concepts 


These exercises are intended to probe your understanding of key con- 
cepts rather than your ability to utilize formulas and perform calcula- 
tions. Exercises with red numbers have answers in the back of the book. 


2.50 A charged particle moves between two electrically charged 
plates, as shown here. 


(a) What is the sign of the electrical charge on the particle? 
(b) As the charge on the plates is increased, would you ex- 
pect the bending to increase, decrease, or stay the same? 


(c) As the mass of the particle is increased while the speed of 
the particles remains the same, would you expect the bend- 
ing to increase, decrease, or stay the same? [Section 2.2] 


2.51 The following diagram is a representation of 20 atoms of 
a fictitious element, which we will call nevadium (Nv). 
The red spheres are 7°°Nv, and the blue spheres are *?°Nv. 
(a) Assuming that this sample is a statistically representa- 
tive sample of the element, calculate the percent abundance 
of each element. (b) If the mass of Nv is 293.15 u and 
that of 7°°Nv is 295.15 u, what is the atomic weight of Nv? 
[Section 2.4] 


2.52 Four of the boxes in the following periodic table are colored. 
Which of these are metals and which are nonmetals? Which 
one is an alkaline earth metal? Which one is a noble gas? 
[Section 2.5] 


2.53 Does the following drawing represent a neutral atom or 
an ion? Write its complete chemical symbol, including 
mass number, atomic number, and net charge (if any). 
[Sections 2.3 and 2.7] 


16 protons + 16 neutrons 


_7— 18 electrons 


2.54 Which of the following diagrams most likely represents an 
ionic compound, and which represents a molecular one? 
Explain your choice. [Sections 2.6 and 2.7] 


FRR 


(i) (ii) 


2.55 Write the chemical formula for the following compound. Is 
the compound ionic or molecular? Name the compound. 
[Sections 2.6 and 2.8] 


@ 
elo 
oe 


2.56 Five of the boxes in the following periodic table are colored. 
Predict the charge on the ion associated with each of these 
elements. [Section 2.7] 


p 
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2.57 The following diagram represents an ionic compound in 
which the red spheres represent cations and the blue spheres 
represent anions. Which of the following formulas is con- 
sistent with the drawing? KBr, K,SO4, Ca(NO3)z2, Fe2(SO4)3. 
Name the compound. [Sections 2.7 and 2.8] 


2.58 Are these two compounds isomers? Explain. [Section 2.9] 


H Cl 
| | 
a Tilo 
I H H— C—C—C—C—Cl 
| | | | | 
H—C—C—H H H H H 
| | 
H H 


2.59 Inthe Millikan oil-drop experiment (see Figure 2.4), the tiny 
oil drops are observed through the viewing lens as rising, 
stationary, or falling, as shown here. (a) What causes their 
rate of fall to vary from their rate in the absence of an electric 
field? (b) Why do some drops move upward? [Section 2.2] 


The following exercises are divided into sections that deal 
with specific topics in the chapter. The exercises are grouped 
in pairs, with the answers given in the back of the book to 
the odd-numbered exercises, as indicated by the red exercise 
numbers. Those exercises whose numbers appear in brackets 
are more challenging than the nonbracketed exercises. 


The Atomic Theory of Matter and the Discovery 
of Atomic Structure (Sections 2.1 and 2.2) 


2.60 Sodium reacts with oxygen in air to form two compounds: so- 
dium oxide and sodium peroxide. In forming sodium oxide, 23.0 
g of sodium combines with 8.0 g of hydrogen. In forming sodium 
peroxide, 23.0 g of sodium combines with 16.0 g of oxygen. 
(a) What are the mass ratios of oxygen in the two compounds? 
(b) What fundamental law does this experiment demonstrate? 


2.61 In a series of experiments, a chemist prepared three different 
compounds that contain only iodine and fluorine and deter- 
mined the mass of each element in each compound: 


Compound Mass of lodine (g) Mass of Fluorine (g) 
1 4.75 3.56 
2 7.64 3.43 


3 9.41 9.86 
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2.63 
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(a) Calculate the mass of fluorine per gram of iodine in each 
compound. (b) How do the numbers in part (a) support the 
atomic theory? 


Discovering which of the three subatomic particles proved to be 
the most difficult—the proton, neutron, or electron? Why? 


Millikan determined the charge on the electron by study- 
ing the static charges on oil drops falling in an electric 
field (Figure 2.4). A student carried out this experiment us- 
ing several oil drops for her measurements and calculated the 
charges on the drops. She obtained the following data: 


Droplet Calculated Charge (C) 
A 1.60) x MOr 
B 3.15 x 10°” 
C 4.81 x 10° 
D 6.31 x 10° 


(a) What is the significance of the fact that the droplets car- 
ried different charges? (b) What conclusion can the student 
draw from these data regarding the charge of the electron? 
(c) What value (and to how many significant figures) should 
she report for the electronic charge? 


The Modern View of Atomic Structure; 
Atomic Weights (Sections 2.3 and 2.4) 


2.64 


2.65 


2.66 


2.67 


2.68 


2.69 


2.70 


The radius of an atom of copper (Cu) is about 140 pm. (a) 
Express this distance in millimeters (mm). (b) How many Cu 
atoms would have to be placed side by side to span a distance 
of 5.0 mm? (c) If you assume that the Cu atom is a sphere, 
what is the volume in cm? of a single atom? 


Determine whether each of the following statements is true 
or false. If false, correct the statement to make it true: (a) The 
nucleus has most of the mass and comprises most of the vol- 
ume of an atom. (b) Every atom of a given element has the 
same number of protons. (c) The number of electrons in an 
atom equals the number of neutrons in the atom. (d) The 
protons in the nucleus of the helium atom are held together 
by a force called the strong nuclear force. 


Consider an atom of 58Ni. (a) How many protons, neutrons, 
and electrons does this atom contain? (b) What is the sym- 
bol of the ion obtained by removing two electrons from 
58Ni? (c) What is the symbol for the isotope of *®Ni that pos- 
sesses 33 neutrons? 


(a) Which two of the following are isotopes of the same el- 
ement: !26x, 107x, 197X? (b) What is the identity of the ele- 
ment whose isotopes you have selected? 

Each of the following isotopes is used in medicine. Indi- 
cate the number of protons and neutrons in each isotope: 
(a) samarium-153, (b) lutetium-177, (c) bismuth-213, (d) molyb- 
denum-99, (e) lead-212, (f) caesium-131. 


Fill in the gaps in the following table, assuming each column 
represents a neutral atom. 


Symbol 

Protons 89 
Neutrons 

Electrons 

Mass no. 227 


One way in which Earth’s evolution as a planet can be under- 
stood is by measuring the amounts of certain isotopes in 
rocks. One quantity recently measured is the ratio of !?°Xe 


2.71 


2.72 


2.73 


2.74 


to °°Xe in some minerals. In what way do these two isotopes 
differ from one another? In what respects are they the same? 


(a) What is the mass in u of a carbon-12 atom? (b) Why is the 
atomic weight of carbon reported as 12.011 in the table of ele- 
ments and the periodic table in the front inside cover of this text? 


Bromine has two naturally occurring isotopes, bromine-79 
(atomic mass = 78.9183 u; abundance = 50.69%) and 
bromine-81 (atomic mass = 80.9163 u; abundance = 
49.31%). Calculate the atomic weight of bromine. 


Consider the mass spectrometer shown in Figure 2.10. Deter- 
mine whether each of the following statements is true or 
false. If false, correct the statement to make it true: (a) The 
paths of neutral (uncharged) atoms are not affected by the 
magnet. (b) The height of each peak in the mass spectrum 
is inversely proportional to the mass of that isotope. (c) For 
a given element, the number of peaks in the spectrum is 
equal to the number of naturally occurring isotopes of that 
element. 


Mass spectrometry is more often applied to molecules 
than to atoms. We will see in Chapter 3 that the molecular 
weight of a molecule is the sum of the atomic weights of the 
atoms in the molecule. The mass spectrum of H; is taken 
under conditions that prevent decomposition into H at- 
oms. The two naturally occurring isotopes of hydrogen 
are 'H (atomic mass = 1.00783 u; abundance 99.9885%) 
and 7H (atomic mass = 2.01410 u; abundance 0.0115%). 
(a) How many peaks will the mass spectrum have? (b) Give 
the relative atomic masses of each of these peaks. (c) Which 
peak will be the largest, and which the smallest? 


The Periodic Table, Molecules, Molecular 
Compounds, Ions, and Ionic Compounds 
(Sections 2.5, 2.6, and 2.7) 


2.75 


2.76 


2.77 


2.78 


Locate each of the following elements in the periodic table; 
give its name and atomic number, and indicate whether it is 
a metal, metalloid, or nonmetal: (a) Hg, (b) At, (c) Mo, (d) 
W, (e) Sn, (£) V, (g) K. 


For each of the following elements, write its chemical symbol, 
determine the name of the group to which it belongs (Table 
2.3), and indicate whether it is a metal, metalloid, or non- 
metal: (a) polonium, (b) strontium, (c) neon, (d) rubidium, 
(e) bromine. 

Ball-and-stick representations of benzene, a colorless liquid 
often used in organic chemistry reactions, and acetylene, a gas 
used as a fuel for high-temperature welding, are shown here. 
(a) Determine the molecular formula of each. (b) Determine 
the empirical formula of each. 


J 


benzene 


0- 


acetylene 


Two substances have the same molecular and empirical formu- 
las. Does this mean that they must be the same compound? 


2.79 Determine the molecular and empirical formulas of the follow- 
ing: (a) the organic solvent benzene, which has six carbon atoms 
and six hydrogen atoms; (b) the compound silicon tetrachloride, 
which has a silicon atom and four chlorine atoms and is used in 
the manufacture of computer chips; (c) the reactive substance 
diborane, which has two boron atoms and six hydrogen atoms; 
(d) the sugar called glucose, which has six carbon atoms, twelve 
hydrogen atoms, and six oxygen atoms. 


2.80 How many of the indicated atoms are represented by each 
chemical formula: (a) carbon atoms in CyHgCOOCH3, 
(b) oxygen atoms in Ca(ClO3)», (c) hydrogen atoms in 
(NH4)2HPO4? 


2.81 Write the molecular and structural formulas for the com- 
pounds represented by the following models: 


@ ¢ > @ 
X “> 


(a) (b) 


~a a: = 


(0) (d) 


2.82 Fill in the gaps in the following table: 


Protons 
Neutrons 
Electrons 


Net charge 


2.83 Using the periodic table, predict the charge of the most stable 
ion of the following elements: (a) Li, (b) Ba, (c) Po, (d) I, (e) Sb. 


2.84 The most common charge associated with selenium is 2—. 
Indicate the chemical formulas you would expect for com- 
pounds formed between selenium and (a) barium, (b) lithium, 
(c) aluminum. 


2.85 Predict the chemical formulas of the compounds formed by the 
following pairs of ions: (a) Cr?* and CN”, (b) Mn?* and ClO,, 
(©) Nat and Cr,07*", (d) Cd" and CO, (e) Ti** and O2. 

2.86 Complete the table by filling in the formula for the ionic 
compound formed by each pair of cations and anions, as 
shown for the first pair. 


2.87 
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Ion 


Predict whether each of the following compounds is molecu- 
lar or ionic: (a) BI; (b) N(CH3)3 (c) Zr(NO3)2 (d) N2H;, (e) 


Naming Inorganic Compounds; Some Simple 
Organic Compounds (Sections 2.8 and 2.9) 


2.88 


2.89 


2.90 


2.91 


2.92 


2.93 


2.94 


2.95 


2.96 


2.97 


Selenium, an element required nutritionally in trace quanti- 
ties, forms compounds analogous to sulfur. Name the follow- 
ing ions: (a) SeO4”", (b) Se”, (c) HSe, (d) HSeOz. 


Give the names and charges of the cation and anion in 
each of the following compounds: (a) Cus, (b) Ag250;,, 
(c) Al(C1O3)3, (d) Co(OH)s, (e) PhCO3. 


Name the following ionic compounds: (a) KCN, (b) NaBrO,, 
(c) Sr(OH)2, (d) CoTe, (e) Fex(CO3)3, (£) Cr(NOs3)3, 
(g) (NH4)2SO3, (h) NaH2PO;, (i) KMnO;, (j) Ag2Cr207. 


Give the chemical formula for each of the following ionic com- 
pounds: (a) sodium phosphate, (b) zinc nitrate, (c) barium 
bromate, (d) iron(II) perchlorate, (e) cobalt(II) hydrogen car- 
bonate, (f) chromium(III) acetate, (g) potassium dichromate. 


Provide the name or chemical formula, as appropriate, for 
each of the following acids: (a) hydroiodic acid, (b) chloric 
acid, (c) nitrous acid, (d) H,COs, (e) HC10,, (£) CH; COOH. 


The oxides of nitrogen are very important components in 
urban air pollution. Name each of the following compounds: 
(a) N20, (b) NO, (c) NO», (d) N2Os, (e) N204. 


Assume that you encounter the following sentences in your 
reading. What is the chemical formula for each substance men- 
tioned? (a) Sodium hydrogen carbonate is used as a deodorant. 
(b) Calcium hypochlorite is used in some bleaching solutions. 
(c) Hydrogen cyanide is a very poisonous gas. (d) Magnesium 
hydroxide is used as a cathartic. (e) Tin(II) fluoride has been 
used as a fluoride additive in toothpastes. (f) When cadmium 
sulfide is treated with sulfuric acid, fumes of hydrogen sulfide 
are given off. 


(a) What is meant by the term isomer? (b) Among the four 
alkanes, ethane, propane, butane, and pentane, which is ca- 
pable of existing in isomeric forms? 


Consider the following organic substances: ethylethanoate, 
ethylmethylether, hexanol, and propanone. (a) Which of 
these molecules contains three carbons? (b) Which of these 
molecules contain a C = O group? 


Draw the structural formulas for four structural isomers of 
C,4HoBr. 


Additional Exercises 


These exercises are not divided by category, although they are 
roughly in the order of the topics in the chapter. 


2.98 Suppose a scientist repeats the Millikan oil-drop experiment 
but reports the charges on the drops using an unusual (and 
imaginary) unit called the warmomb (wa). The scientist ob- 
tains the following data for four of the drops: 


Droplet Calculated Charge (wa) 


A 3.84 x 10°8 
B 4.80 x 1078 
C PAKS ROR 
D 8.64 x 10° 
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2.100 


2.101 


2.102 


2.103 


2.104 


2.105 
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(a) If all the droplets were the same size, which would fall 
most slowly through the apparatus? (b) From these data, 
what is the best choice for the charge of the electron in war- 
mombs? (c) Based on your answer to part (b), how many 
electrons are there on each of the droplets? (d) What is the 
conversion factor between warmombs and coulombs? 


The natural abundance of *He is 0.000137%. (a) How many 
protons, neutrons, and electrons are in an atom of 3He? 
(b) Based on the sum of the masses of their subatomic parti- 
cles, which is expected to be more massive, an atom of 3He or 
an atom of 3H (which is also called tritium)? (c) Based on your 
answer to part (b), what would need to be the precision of a 
mass spectrometer that is able to differentiate between peaks 
that are due to 7=He* and 7H*? 


A cube of gold that is 1.00 cm on a side has a mass of 19.3 g. 
A single gold atom has a mass of 197.0 u. (a) How many gold 
atoms are in the cube? (b) From the information given, 
estimate the diameter in A of a single gold atom. (c) What as- 
sumptions did you make in arriving at your answer for part (b)? 


The diameter of a rubidium atom is 495 pm We will consider 
two different ways of placing the atoms on a surface. In ar- 
rangement A, all the atoms are lined up with one another 
to form a square grid. Arrangement B is called a close-packed 
arrangement because the atoms sit in the “depressions” 
formed by the previous row of atoms: 


+++ 
eee 


oe 


A B 


(a) Using arrangement A, how many Rb atoms could be 
placed on a square surface that is 1.0 cm on a side? (b) How 
many Rb atoms could be placed on a square surface that is 
1.0 cm on a side, using arrangement B? (c) By what factor 
has the number of atoms on the surface increased in going to 
arrangement B from arrangement A? If extended to three di- 
mensions, which arrangement would lead to a greater density 
for Rb metal? 


(a) Assuming the dimensions of the nucleus and atom 
shown in Figure 2.9, what fraction of the volume of the atom 
is taken up by the nucleus? (b) Using the mass of the proton 
from Table 2.1 and assuming its diameter is 1.0 x 10° m, 
calculate the density of a proton in g/cm’. 


Identify the element represented by each of the following 
symbols and give the number of protons and neutrons in 
each: (a) 5'X (b) 35X (c) 3X (d) SX. 

The nucleus of °Li is a powerful absorber of neutrons. It 
exists in the naturally occurring metal to the extent of 
7.5%. In the era of nuclear deterrence, large quantities 
of lithium were processed to remove °Li for use in hydro- 
gen bomb production. The lithium metal remaining after 
removal of °Li was sold on the market. (a) What are the 
compositions of the nuclei of °Li and ’Li? (b) The atomic 
masses of °Li and ’Li are 6.015122 and 7.016004 u, respec- 
tively. A sample of lithium depleted in the lighter isotope 
was found on analysis to contain 1.442% °Li. What is the 
average atomic weight of this sample of the metal? 


The element argon has three naturally occurring isotopes, with 
18, 20, and 22 neutrons in the nucleus, respectively. (a) Write the 
full chemical symbols for these three isotopes. (b) Describe the 
similarities and differences between the three kinds of atoms 
of argon. 
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2.107 


2.108 


2.109 


2.110 


2.111 


2.112 


2.113 


2.114 


2.115 


The element chromium (Cr) consists of four naturally occur- 
ring isotopes with atomic masses 49.9460, 51.9405, 52.9407, 
and 53.9389 u. The relative abundances of these four iso- 
topes are 4.3, 83.8, 9.5, and 2.4%, respectively. From these 
data, calculate the atomic weight of chromium. 


Copper (Cu) consists of two naturally occurring isotopes with 
masses of 62.9296 and 64.9278 u. (a) How many protons and 
neutrons are in the nucleus of each isotope? Write the com- 
plete atomic symbol for each, showing the atomic number and 
mass number. (b) The average atomic mass of Cu is 63.55 u. 
Calculate the abundance of each isotope. 


Using a suitable reference such as the CRC Handbook of 
Chemistry and Physics or http://www.webelements.com, 
look up the following information for nickel: (a) the num- 
ber of known isotopes, (b) the atomic masses (in u), (c) the 
natural abundances of the five most abundant isotopes. 


There are two different isotopes of bromine atoms. Under 
normal conditions, elemental bromine consists of Br, mole- 
cules, and the mass of a Br molecule is the sum of the masses 
of the two atoms in the molecule. The mass spectrum of Brz 
consists of three peaks: 


Mass (u) Relative Size 
157.836 0.2569 
159.834 0.4999 
161.832 0.2431 


(a) What is the origin of each peak (of what isotopes does 
each consist)? (b) What is the mass of each isotope? (c) 
Determine the average molecular mass of a Br, molecule. 
(d) Determine the average atomic mass of a bromine atom. 
(e) Calculate the abundances of the two isotopes. 


It is common in mass spectrometry to assume that the mass 
of a cation is the same as that of its parent atom. (a) Using data 
in Table 2.1, determine the number of significant figures that 
must be reported before the difference in masses of 1H and 
1H* is significant. (b) What percentage of the mass of an !H 
atom does the electron represent? 


From the following list of elements—Mg, Li, Tl, Pb, Se, Cl, Xe, Si, 
C—pick the one that best fits each description. Use each element 
only once: (a) an alkali metal, (b) an alkaline earth metal, (c) a 
noble gas, (d) a halogen, (e) a metalloidin Group 14, (f) a non- 
metal listed in Group 14, (g) a metal that forms a 3+ ion, (h) a 
nonmetal that forms a 2— ion, (i) an element that is used as radi- 
ation shielding. 


The first atoms of seaborgium (Sg) were identified in 1974. 
The longest-lived isotope of Sg has a mass number of 266. 
(a) How many protons, electrons, and neutrons are in an 
266Sg atom? (b) Atoms of Sg are very unstable, and it is there- 
fore difficult to study this element’s properties. Based on the 
position of Sg in the periodic table, what element should it 
most closely resemble in its chemical properties? 


The explosion of an atomic bomb releases many radioactive 
isotopes, including strontium-90. Considering the location of 
strontium in the periodic table, suggest a reason for the fact 
that this isotope is particularly dangerous for human health. 


A U.S. 1-cent coin (a penny) has a diameter of 19 mm anda 
thickness of 1.5 mm. Assume the coin is made of pure copper, 
whose density and approximate market price are 8.9 g/cm? 
and $2.40 per pound, respectively. Calculate the value of 
the copper in the coin, assuming its thickness is uniform. 


The U.S. Mint produces a dollar coin called the American Sil- 
ver Eagle that is made of nearly pure silver. This coin has a 
diameter of 41 mm and a thickness of 2.5 mm. The density 
and approximate market price of silver are 10.5 g/cm? and 


$0.51 per gram, respectively. Calculate the value of the silver 


in the coin, assuming its thickness is uniform. 


2.116 From the molecular structures shown here, identify the one 
that corresponds to each of the following species: (a) chlo- 
rine gas; (b) propane; (c) nitrate ion; (d) sulfur trioxide; 


(e) methyl chloride, CH3Cl. 


(iii) (iv) 


(v) 


2.117 Name each of the following chlorides. Assuming that the 
compounds are ionic, what charge is associated with the 
metallic element in each case? (a) AgCl, (b) TiCly, (c) IrC1;, 


(d) LiCl. 
2.118 Fill in the blanks in the following table: 


Cation Name 
Sodium carbonate 
Ni2* 
Cu(ClO4)2 
G a2t 


Zinc sulfide 
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2.119 Cyclopropane is an interesting hydrocarbon. Instead of hav- 


ing three carbons in a row, the three carbons form a ring, as 
shown in this perspective drawing (see Figure 2.16 for a prior 
example of this kind of drawing): 


Cyclopropane was at one time used as an anesthetic, but its 
use was discontinued, in part because it is highly flammable. 
(a) What is the empirical formula of cyclopropane? How 
does it differ from that of propane? (b) The three carbon at- 
oms are necessarily in a plane. What do the different wedges 
mean? (c) What change would you make to the structure 
shown to illustrate chlorocyclopropane? Are there isomers of 
chlorocyclopropane? 


Elements in the same group of the periodic table often form 
oxyanions with the same general formula. The anions are 
also named in a similar fashion. Based on these observations, 
suggest a chemical formula or name, as appropriate, for each 
of the following ions: (a) BrO,”, (b) SeO;7 , (c) arsenate ion, 
(d) hydrogen tellurate ion. 


Carbonic acid occurs in carbonated beverages. When al- 
lowed to react with lithium hydroxide, it produces lithium 
carbonate. Lithium carbonate is used to treat depression and 
bipolar disorder. Write chemical formulas for carbonic acid, 
lithium hydroxide, and lithium carbonate. 


Give the chemical names of each of the following familiar 
compounds: (a) NaCl (table salt), (b) NaHCO; (baking soda), 
(c) NaOCl (in many bleaches), (d) NaOH (caustic soda), 
(e) (NH4)2CO3 (smelling salts), (f) CaSO, (plaster of Paris). 


Many familiar substances have common, unsystematic 
names. For each of the following, give the correct systematic 
name: (a) saltpeter, KNO3; (b) soda ash, NazCO3; (c) lime, 
CaO; (d) muriatic acid, HCI; (e) Epsom salts, MgSOu; (£) milk 
of magnesia, Mg(OH)>. 

Because many ions and compounds have very similar names, 
there is great potential for confusing them. Write the correct 
chemical formulas to distinguish between (a) sodium carbonate 
and sodium bicarbonate, (b) potassium peroxide and potassium 
oxide, (c) calcium sulfide and calcium sulfate, (d) manganese (II) 
oxide and manganese (III) oxide, (e) hydride ion and hydroxide 
ion, (£) magnesium nitride and magnesium nitrite, (g) silver ni- 
trate and silver nitrite, (h) cuprous oxide and cupric oxide. 


In what part of the atom does the strong nuclear force operate? 
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Much of the energy that we use in our daily lives, including transportation, comes from 
chemical reactions. In the internal combustion engine, fuel and air react to produce 
energy, along with gaseous byproducts (mostly carbon dioxide and water) that exit the 
exhaust pipes of vehicles, an issue that is central to discussions surrounding climate 
change. Suppose we wanted to know how many molecules of CO, are produced by burn- 
ing a certain amount of fuel. The tools of chemistry we will learn in this section enable us 
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to accurately determine how many molecules of hydrocarbon and oxygen are consumed 
and how many molecules of byproducts are generated. 
When you finish this section, you should be able to: 


e Explain the law of conservation of mass in terms of reactants and products in a chem- 
ical equation 


e Balance chemical equations by writing out the chemical formulas (and appropriate 
coefficients) of the reactants and products in chemical reactions 


Stoichiometry (pronounced stoy-key-OM-uh-tree, roughly meaning “element mea- 
sure” in Greek) is the area of study that examines the quantities of substances consumed 
and produced in chemical reactions. Chemists and chemical engineers use stoichiome- 
try every day in running the reactions of the worldwide chemical industry. 

Stoichiometry is built on an understanding of atomic weights (Section 2.4), chem- 
ical formulas, and the law of conservation of mass (Section 2.1). This important 
principle tells us that: Atoms are neither created nor destroyed during a chemical reaction. The 
changes that occur during any reaction merely rearrange the atoms. The same collection 
of atoms is present both before and after the reaction. 

We represent chemical reactions by chemical equations. When the gas hydrogen 
(H2) burns, for example, it reacts with oxygen (O2) in the air to form water, H2O. We write 
the chemical equation for this reaction as 

2H + O — > 2H,0 [3.1] 

We read the + sign as “reacts with” and the arrow as “produces.” The chemical for- 
mulas on the left side of the arrow represent the starting substances, called reactants. 
The chemical formulas on the right side of the arrow represent substances produced in 
the reaction, called products. The numbers in front of the formulas, called coefficients, 
indicate the relative numbers of molecules of each kind involved in the reaction. (As in 
algebraic equations, the coefficient 1 is usually not written). 

Because atoms are neither created nor destroyed in any chemical reaction, a bal- 
anced chemical equation must have an equal number of atoms of each element on 
each side of the arrow. On the right side of Equation 3.1, for example, there are two 
molecules of H2O, each composed of two atoms of hydrogen and one atom of oxygen 
(Figure 3.1). Thus, 2 H2O (read “two molecules of water”) contains 2 X 2 = 4 H atoms 
and 2 x 1 = 2Oatoms. Notice that the number of atoms is obtained by multiplying each 
subscript in a chemical formula by the coefficient for the formula. Because there are four 
H atoms and two O atoms on each side of the equation, the equation is balanced. 


How to Balance Chemical Equations 


Chemists write chemical equations to identify the reactants and products in a reaction. 
To determine the amount of product that can be made, or the amount of a reactant that 
is required, the equation needs to be balanced using stochiometry. 

To construct a balanced chemical equation, we start by writing the formulas for 
the reactants on the left-hand side of the arrow and the products on the right-hand side. 
We balance the equation by determining the coefficients that provide equal numbers of 
each type of atom on both sides of the equation. For most purposes, a balanced equation 
should contain the smallest possible whole-number coefficients. 

In balancing an equation, you need to understand the difference between coeffi- 
cients and subscripts. As Figure 3.2 illustrates, changing a subscript in a formula—from 
H20 to H20,, for example—changes the identity of the substance. The substance H205, 
hydrogen peroxide, is quite different from the substance H20, water. Never change sub- 
scripts when balancing an equation. In contrast, placing a coefficient in front of a formula 
changes only the amount of the substance and not its identity. Thus, 2 H2O means two 
molecules of water, 3 H2O means three molecules of water, and so forth. 


Reactants Products 
2H,+O, ——> 2H,0 


aa 
2 ð 
> 8 -¢9 


A Figure 3.1 A balanced chemical equation. 
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> Figure 3.2 The difference 
between changing subscripts 
and changing coefficients in 
chemical equations. 


@ "o 


Changing coefficient 
changes amount. 


[se 


Two molecules of water 
2 HO Q © (contain four H atoms 
and two O atoms) 


One molecule of hydrogen 
H207 VƏ peroxide (contains two H 


atoms and two O atoms) 


Changing subscript 
changes identity 
and properties. 


A Step-by-Step Example of Balancing a Chemical Equation 


To illustrate the process of balancing an equation, consider the reaction that occurs 
when methane (CH4), the principal component of natural gas, burns in air to produce 
carbon dioxide gas (CO2) and water vapor (H20) (Figure 3.3). Both products contain 
oxygen atoms that come from O3 in the air. Thus, O2 is a reactant, and the unbalanced 
equation is: 


CH, + O —> CO; + H2O (unbalanced) [3.2] 


It is usually best to first balance those elements that occur in the fewest chemical 
formulas in the equation. In our example, C appears in only one reactant, CH4, and one 
product, CO3. The same is true for H (CH, and H2O). Notice, however, that O appears in 
one reactant (O2) and two products (CO, and H20). So, let’s begin with C. Because one 
molecule of CH, contains the same number of C atoms as one molecule of CO,, the coef- 
ficients for these substances must be the same in the balanced equation. Therefore, we 
start by choosing the coefficient 1 (unwritten) for both CH, and CO3. 

Next we focus on H. On the left side of the equation we have CH4, which has four H 
atoms, whereas on the right side of the equation we have H,O, containing two H atoms. 
To balance the H atoms in the equation we place the coefficient 2 in front of HO. Now 
there are four H atoms on each side of the equation: 


CH, + O} —> CO, + 2H2O (unbalanced) [3.3] 


While the equation is now balanced with respect to hydrogen and carbon, it is not yet 
balanced for oxygen: there are 2 O atoms on the left-hand side, and a total of 4 O atoms 
on the right-hand side. Adding the coefficient 2 in front of O; balances the equation by 
giving four O atoms on each side: 


CH, + 202, — > CO, + 2H,O (balanced) [3.4] 


We can provide even more information in a chemical equation: the physical state of the 
reactants, products, and more details about what conditions are required for the reaction 
to proceed. We use the symbols (8), (/), (s), and (aq) for substances that are gases, liquids, 
solids, and dissolved in aqueous (water) solution, respectively. Thus, Equation 3.4 is fully 
written as: 


CH4(8) + 2. O2(g) —> CO2(g) + 2 H20(8) [3.5] 


Symbols that represent the conditions under which the reaction proceeds can appear 
above or below the reaction arrow. One example that we will encounter later in this 
chapter involves the symbol A (Greek uppercase delta); a delta above the reaction arrow 
indicates the addition of heat. 

For Equation 3.5, Figures 3.3 and 3.4 provide molecular views of the reaction as it 
would happen in a Bunsen burner and the balanced reaction, respectively. 
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Go Figure 


In the molecular level views shown in the figure, how many C, H, and O atoms are 
present as reactants? Are the same number of each type of atom present as products? 


y 


Products 
| 


Reactants 
l 


CHA 
CO, and H,O 


< Figure 3.4 Balanced chemical 
> equation for the combustion of 
CH4. 


» a 
CH4 + 2 Oo => CO, F 2 HO 


(1C,4H, 40) (1C,4H, 40) 


Interpreting and Balancing Chemical Equations 


The following diagram represents a chemical reaction in which the red spheres are oxygen atoms and the blue spheres are 
nitrogen atoms. (a) Write the chemical formulas for the reactants and products. (b) Write a balanced equation for the reaction. 
(c) Is the diagram consistent with the law of conservation of mass? 


SOLUTION the coefficients for NO and NO; equal. Sometimes a trial- 
and-error approach is required; we need to go back and forth 
several times from one side of an equation to the other, 
changing coefficients first on one side of the equation and 
then the other until it is balanced. In our present case, let’s 
start by increasing the number of O atoms on the right side of 
the equation by placing the coefficient 2 in front of NO3: 


(a) The left box, which represents reactants, contains two kinds 
of molecules, those composed of two oxygen atoms (O2) and 
those composed of one nitrogen atom and one oxygen atom 
(NO). The right box, which represents products, contains only 
one kind of molecule, which is composed of one nitrogen 
atom and two oxygen atoms (NO2). 


(b) The unbalanced chemical equation is O2: + NO 2NO, (unbalanced) 


Now the equation gives two N atoms and four O atoms on the 
O2 + NO — NO bal d 
í 2 Ivenalanced) right, so we go back to the left side. Placing the coefficient 2 in 
An inventory of atoms on each side of the equation shows front of NO balances both N and O: 


that there are one N and three O on the left side of the arrow 
and one N and two O on the right. To balance O, we must 
increase the number of O atoms on the right while keeping (2N, 40) (2.N, 40) 


O2 + 2NO —> 2NO, (balanced) 


Continued 
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(c) The reactants box contains four O, and eight NO. Thus, the mo- 
lecular ratio is one O; for each two NO, as required by the bal- 
anced equation. The products box contains eight NO2, which 
means the number of NO, product molecules equals the num- 
ber of NO reactant molecules, as the balanced equation requires. 

There are eight N atoms in the eight NO molecules 
in the reactants box. There are also 4 X 2 = 8 O atoms 
in the Oz molecules and 8 O atoms in the NO molecules, 
giving a total of 16 O atoms. In the products box, we find 
eight NO, molecules, which contain eight N atoms and 
8 x 2 = 16 O atoms. Because there are equal numbers of N 
and O atoms in the two boxes, the drawing is consistent with 
the law of conservation of mass. 


The two reactants combine to form a single product, ammo- 
nia, NH3, which is not shown. Write a balanced chemical 
equation for the reaction. Based on the equation and the 
contents of the left (reactants) box, how many NH3 mole- 
z z cules should be shown in the right (products) box? 
> Practice Exercise (a) 2 (b) 3 (c) 4 (d) 6 (e)9 

In the following diagram, the white spheres represent hydrogen 

atoms and the blue spheres represent nitrogen atoms. 


b> Sample Exercise 3.2 (>) 


D Balancing Chemical Equations h 


Balance the equation 
Na(s) + H20(/) —~ NaOH(aq) + H2(8) 
SOLUTION 


Begin by counting each kind of atom on the two sides of the arrow. 

There are one Na, one O, and two H on the left side, and one Na, one 

O, and three H on the right. The Na and O atoms are balanced, but 

the number of H atoms is not. To increase the number of H atoms on 

the left, let’s try placing the coefficient 2 in front of H20: Na(s) + 2H,O(1) —> NaOH(aq) + H2(g) 


Although beginning this way does not balance H, it does increase 

the number of reactant H atoms, which we need to do. (Also, add- 

ing the coefficient 2 on H2O unbalances O, but we will take care of 

that after we balance H.) Now that we have 2 H20 on the left, we 

balance H by putting the coefficient 2 in front of NaOH: Na(s) + 2H,O(/) — > 2NaOH(aq) + H2(g) 


Balancing H in this way brings O into balance, but now Na is 
unbalanced, with one Na on the left and two on the right. To 
rebalance Na, we put the coefficient 2 in front of the reactant: 2Na(s) + 2H,O(1) —> 2NaOH(aq) + H2(g) 


We now have two Na atoms, four H atoms, and two O atoms on 
each side. The equation is balanced. 


Comment Notice that we moved back and forth, placing a » Practice Exercise 
coefficient in front of H2O, then NaOH, and finally Na. In balanc- Balance these equations by providing the missing 
ing equations, we often find ourselves following this pattern of coefficients: 
moving back and forth from one side of the arrow to the other, (a) __ Fe(s) + __Oo(g) —> __Fe,0;(s) 
lacing coefficients first in front of a formula on one side and 
i front of a formula on the other side until the equation is (b) — A(s) + — HCI(ag) —> —AlCla(aq) + — H2(8) 
balanced. You can always tell if you have balanced your equation (c) — CaCO;(s) + _ HCl(aq) —> _— CaClz(aq) + 
correctly by checking that the number of atoms of each element __COo(g) + __ H20(/) 


is the same on the two sides of the arrow, and that you’ve chosen 
the smallest set of coefficients that balances the equation. 


Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.1 How many atoms of oxygen are represented by the notation 3.2 Inthe following diagram, the white spheres represent hydro- 
3 Mg(OH),? gen atoms and the blue spheres represent nitrogen atoms. 


(jl (2 (3 (5  (e)6 
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many NH, molecules should be shown in the right 
(products) box? 


@)2 (b)3- (4 (6 (@&)9 


3.3 The unbalanced equation for the reaction between 
methane and bromine is 
__CHy4(g) + __Bro(l) —> __CBr,(s) + _HBr(g) 
Once this equation is balanced with the smallest pos- 
sible integers, what is the value of the coefficient in 
front of bromine, Br,? 


The two reactants combine to form a single product, 
ammonia, NH,, which is not shown. Write a balanced 
chemical equation for the reaction. Based on the equa- (a)1 (b) 2 (c)3 (d) 4 (e)6 
tion and the contents of the left (reactants) box, how 


Exercises 
3.4 Write “true” or “false” for each statement. (a) We balance 3.6 Balance the following equations: 
chemical equations as we do because energy must be con- (a) CaS(s) + H,O(1) > Ca(HS)2(aq) + Ca(OH)>(aq) 
served. (b) If the reaction 2 O3(g) —> 3 O2(g) goes to comple- N Lo > NO -HO 
tion and all O; is converted to Oz, then the mass of O; at (b) NH3(g) + O2(8) NO(g) + H20(8) 
the beginning of the reaction must be the same as the mass (c) FeCl;(s) + NagCO3(aq) —> Fe,(CO3)3(s) + NaCl(aq) 
of O; at the end of the reaction. (c) You can balance the (d) FeS,(s) + On(g) —> Fe203(s) + SO2(g) 


i ae D ae mes @) Hale) + Oats) by writing 3.7 Write balanced chemical equations corresponding to each 

ieee ae ; ae of the following descriptions: (a) Potassium cyanide reacts 

3.5 Balance the following equations: with an aqueous solution of sulfuric acid to form hydrogen 
(a) SiCl4(1) + H,O(1) —> Si(OH)4(s) + HCl(aq) cyanide gas. (b) When an aqueous solution of ammonium 


co + HO —> C,;H190,(s) + O nitrite (NH,NO,) reacts with an aqueous solution of po- 
m 2(3) = sHi2O6ls) 2(8) tassium hydroxide, ammonia gas, water and metal nitrate 


(© A(OH)3(s) + H3504(1) — Alz(SOu)3(s) + H20() is formed. (c) When hydrogen gas is passed over solid hot 

(d) H3PO4(aq) —> H4P20,7(aq) + H20() iron(II) oxide, the resulting reaction produces iron and gas- 
eous water. (d) When liquid ethanoic acid (CH;,COOH) is 
combusted, carbon dioxide and water are formed. 
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One of the great triumphs of chemistry over the last hundred years is the development of 
fertilizers that enable us to feed the world. Ammonia, NHs, is one of the principle chemi- 
cals farmers use to increase crop yield. The industrial process that are used to convert the 
elements nitrogen and hydrogen into ammonia is one of the most important chemical 
reactions in the world. 

In this section, we will learn about broad classes of chemical reactions. When you 
finish this section, you should be able to: 


e Recognize chemical reactions that are combination, decomposition, or combustion 
reactions 
e Predict the products of these reactions 


e Balance chemical equations for these reactions 


Combination and Decomposition Reactions 


In combination reactions, two or more substances react to form one product, according to 
A+B—>C [3.6] 
For example, magnesium metal burns brilliantly in air to produce magnesium oxide. 


This reaction is used to produce the bright white flame generated by flares and some fire- 
works (Figure 3.5): 


2Mg(s) + Oo(g) —> 2MgO(s) [3.7] 


A combination reaction between a metal and a nonmetal, as in Equation 3.7, produces 
an ionic solid. Recall that the formula of an ionic compound can be determined from 
the charges of its ions (Section 2.7). When magnesium reacts with oxygen, the magne- 
sium loses electrons and forms the magnesium ion, Mg”* .The oxygen gains electrons and 
forms the oxide ion, O?~ . Thus, the reaction product is MgO. 

You should be able to recognize when a reaction is a combination reaction, and to 
predict the products when the reactants are a metal and a nonmetal. 


Me?* 
o2- 
v = 
The ribbon of magnesium metal is An intense flame is produced as the The reaction forms MgO, a 
surrounded by oxygen gas in the air. Mg atoms react with Oo. white, ionic solid. 


Reactants Products 
2 Mg(s) + O.(9) —————————————————— 2 Me os) 


( ped ) A Figure 3.5 Combustion of magnesium metal in air, a combination reaction. 
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Other examples of combination reactions include the formation of small gaseous 
molecules such as CO; and NH; from their elements; and the reaction of calcium oxide 
with water to produce calcium hydroxide: 


C(s) + O2(g) — > COd(g) 
No(g) + 3 H2(g) —> 2NH3(g) 


CaO(s) + H,O(1) —> Ca(OH)2(aq) [3.10] 


In a decomposition reaction, a single substance undergoes a reaction to produce two 
or more products: 


C —> A+B [3.11] 


An example of a decomposition reaction is when a metal carbonate decomposes to a 
metal oxide and carbon dioxide upon heating: 


CaCO;(s) —— CaO(s) + CO2(8) [3.12] 


Industrially, the decomposition of calcium carbonate at high temperatures is quite im- 
portant. Limestone and seashells, natural sources of calcium carbonate, are heated to pre- 
pare calcium oxide, known as “quicklime” or “lime.” Tens of millions of tons of CaO are 
used each year in making glass, in metallurgy to isolate metals from ores, in cement, and 
in steel manufacturing to remove impurities. 

Another important example of a decomposition reaction is the decomposition of 
sodium azide, NaN3, to form sodium metal and nitrogen gas: 


2 NaN3(s) —> 2 Na(s) + 3 No(g) [3.13] 


This reaction is what you find in automobile airbags (Figure 3.6). Approximately 100 g of 
NaN3, upon physical impact, will explosively produce about 50 L of nitrogen gas. 


Combustion Reactions 


Combustion reactions are rapid reactions that produce a flame. Most combustion re- 
actions involve O from air as a reactant. The combustion of hydrocarbons (compounds 
that contain only carbon and hydrogen) in air, illustrated in Equation 3.5, is a major en- 
ergy-producing process in our world. 

Hydrocarbons combusted in air react with O; to form CO, and H20. The number of 
molecules of O, required, as well as the number of product molecules formed, depend on 
the composition of the hydrocarbon, which acts as the fuel in the reaction. For example, 
the combustion of propane (C3Heg, Figure 3.7), a gas used for cooking and home heating, is 
described by the chemical equation 


C3Hg(g) + 5 O2(g) —> 3 CO2(8) + 4H20(g) [3.14] 


TABLE 3.1 Combination and Decomposition Reactions 
Combination Reactions 
AN ar 13} ——2 © Two or more reactants combine to form a single 


product. Many elements react with one another 


C(s) +O ==> CO 
(s) 2(8) 2(8) in this fashion to form compounds. 


N2(g) + 3 Ho(g) — 2NH3(s) 
CaO(s) + H,O(1) —> Ca(OH).(aq) 
Decomposition Reactions 

C JA ap Ja} 

2 KCI1O3(s) —> 2 KCl(s) + 3 Oo(g) 
PbCO3(s) = PbO(s) + CO2(g) 
Cu(OH)>(s) —> CuO(s) + H,0(g) 


A single reactant breaks apart to form two or 
more substances. Many compounds react this 
way when heated. 


FO43050Z02 


A Figure 3.6 Decomposition of sodium 
azide, NaN,(s), produces N,(g) that inflates 
air bags in automobiles. 


W Go Figure 


Does this reaction produce or 
consume thermal energy (heat)? 


A Figure 3.7 Propane burning in air. 
Liquid propane in the tank, C3Hg, vaporizes 
and mixes with air as it escapes through the 
nozzle. The combustion reaction of C3Hg 
and O, produces a blue flame. 
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The state of the water in this reaction is listed as gas here, since the propane flame burns 
at a high temperature; but depending on conditions, the water molecules that are pro- 
duced could be in the gas or liquid phase. 

Millions of compounds are made only of carbon, hydrogen, and oxygen. Notable 
classes of such molecules are sugars and alcohols. Combustion of these oxygen- 
containing derivatives of hydrocarbons in air also produces CO3, H20 and energy. Many 
of the substances that function as energy sources in metabolism, such as the sugar glucose 
(C6H1206), react with O; to ultimately form CO, and H3O. In our bodies, however, the 
reactions take place in a series of intermediate steps that occur at body temperature. These 
reactions that involve intermediate steps are called oxidation reactions rather than combus- 


tion reactions. 


= Sample Exercise 3.3 


D Writing Balanced Equations for Combination and Decomposition Reactions 


Write a balanced equation for (a) the combination reaction between lithium metal and fluorine gas and (b) the decomposition 
reaction that occurs when solid barium carbonate is heated (two products form, a solid and a gas). 


SOLUTION 


(a) With the exception of mercury, all metals are solids at 


room temperature. Fluorine occurs as a diatomic molecule. 


Thus, the reactants are Li(s) and F,(g). The product will be 
composed of a metal and a nonmetal, so we expect it to be 
an ionic solid. Lithium ions have a 1+ charge, Li*, whereas 
fluoride ions have a 1— charge, F. Thus, the chemical 
formula for the product is Lik The balanced chemical 
equation is 


2 Li(s) + F,(g) —> 2 LiF(s) 
(b) The chemical formula for barium carbonate is BaCO3. As 


mentioned, many metal carbonates decompose to metal 
oxides and carbon dioxide when heated. In Equation 3.7, 


= Sample Exercise 3.4 


D Writing Balanced Equations for Combustion Reactions 


for example, CaCO; decomposes to form CaO and CO3. 
Thus, we expect BaCO; to decompose to BaO and CO3. 
Barium and calcium are both in Group 2 in the periodic 
table, which further suggests they react in the same way: 


BaCO;(s) —> BaO(s) + CO2(8) 


> Practice Exercise 


Which of the following reactions is the balanced equation 

that represents the decomposition reaction that occurs when 
silver(I) oxide is heated? 

(a) AgO(s) —> Ag(s) + O(g) (b) 2 AgO(s) —> 2 Ag(s) + O2(8) 
(c) Ag20(s) —> 2 Ag(s) + O(g) (d) 2Ag20(s) —> 4Ag(s) + O2(8) 
(e)Ag20(s) —> 2 Ag(s) + O2(8) 


Write the balanced equation for the reaction that occurs when methanol, CH30H(/), is burned in air. 


SOLUTION 


When any compound containing C, H, and O is combusted, it re- 
acts with the O2(g) in air to produce CO2(g) and H,0(g). Thus, the 
unbalanced equation is 


CH3OH(/) + O2(g) 


> CO2(8) + H20(g) 


The C atoms are balanced, one on each side of the arrow. Because 
CH3OH has four H atoms, we place the coefficient 2 in front of 
H,0 to balance the H atoms: 


CH30H(!) + O2(g) —> COa(g) + 2 H20(s) 


Adding this coefficient balances H but gives four O atoms in the 
products. Because there are only three O atoms in the reactants, 
we are not finished. We can place the coefficient 3 in front of O; 
to give four O atoms in the reactants (3 x 2 = 3 O atoms in ł O3): 


CH3OH(1) + }O2(g) —> CO2(g) + 2 H20(8) 


Although this equation is balanced, it is not in its most conven- 
tional form because it contains a fractional coefficient. However, 
multiplying through by 2 removes the fraction and keeps the 
equation balanced: 


2 CH3OH(/) + 3 O2(g) — > 2CO,(g) + 4H,O(g) 


> Practice Exercise 


Write the balanced equation for the reaction that occurs when 
ethylene glycol, C2H4(OH)s, burns in air. 


(a) C2H4(OH)a(/) + 5 O2(g) —> 2COz(g) + 3 H20(g) 

(b) 2 C,H4(OH)2(/) + 5 Oo(g) —> 4CO,(g) + 6 H20(8) 
(c) C2H4(0Ħ)2(7) + 3 O2(g) —> 2CO,(g) + 3 H20(8) 
(d) C,H4(OH)a(7) + S O(g) —> 2COd(g) + 3 H2,0(g) 

(e) 4 C2H4(OHĦ)2(1) + 10 O2(g) —> 8 CO2(g) + 12 H20(8) 
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Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.8 When Na and S undergo a combination reaction, what is the 3.10 Write the balanced equation for the reaction that occurs 
chemical formula of the product? when ethylene glycol, C2H,(OH)>, burns in air. 
(a) NaS (c) NaS, (e) Na,S, (a) CyH,(OH),(/) + 5 On(g) —> 2.CO,(g) + 3 H20(8) 
(b) Na, (d) Na,S, (b) 2 C2H4(OH)2(1) + 5 On(¢) —> 4CO,(g) + 6 Hz0(g) 
3.9 Which of the following reactions is the balanced equation (c) C2H4(OH)2(1) + 3 O2(g) —> 2COn2(g) + 3 H20(g) 
ve : Ha) 
for the decomposition of silver(I) oxide? (d) CoHy(OH),(1) + 5 O(g) > 2CO,(g) + 3H,0(g) 
(a) AgO(s) —> Ag(s) + O(g) (e) 4CH,(OH),(1) + 10 02(g) —> 8 CO,(g) + 12 H,O(g) 


(b) 2 AgO(s) —> 2 Ag(s) + O2(8) 
(c) Ag,O(s) —> 2 Ag(s) + O(g) 

(d) 2Ag,0(s) —> 4Ag(s) + O2(8) 
(e) Ag,O(s) —> 2 Ag(s) + O2(8) 


a a 
Exercises 


3.11 (a) When the metallic element lithium combines with the combusted in air; (d) dimethylether, CH;0CH3(g), is com- 
nonmetallic element chlorine, Cl,(g), what is the chemical busted in air. 
formula of the product? (b) Is the product a solid, liquid, or 3.13 Balance the following equations and indicate whether 
gas at room temperature? (c) In the balanced chemical equa- they are combination, decomposition, or combustion 


tion for this reaction, what is the coefficient in front of the 
product if the coefficient in front of CL,(g) is 1? 


reactions: 


3.12 Write a balanced chemical equation for the reaction that (@) C7Aie(s) + O28) —> Coz(8) t MOU) 
occurs when (a) Mg(s) reacts with Clo(g); (b) barium car- (b) LisN(s) + BN(s) — LiBN2(3) 
bonate decomposes into barium oxide and carbon dioxide (c) Zn(OH):(s) —> ZnO(s) + H2O(1) 
gas when heated; (c) the hydrocarbon styrene, CgHg(J), is (d) Ag,O(s) — Ag(s) + O2(g) 
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Sulfuric acid, H,SO,(/), is a common laboratory chemical that is used by the metric ton 
in many reactions in the chemical industry. We can see from the molecular model on the 
left that one molecule of H,SO, contains one sulfur atom (yellow), four oxygen atoms 
(red), and two hydrogen atoms (white). But in the lab, we dispense milliliters of liquid 
H,SO,, or more commonly, milliliters of its aqueous solution, H,SO,4(aq). How can we 
connect the chemical equations that we write, which represent individual molecules, 
to the reactions we do in the lab, where quantities are measured in grams or milliliters? 
That is the topic we explore in this section. 
When you finish this section, you should be able to: 


e Calculate the formula weight of a substance from its empirical formula or it’s molec- 
ular weight from its molecular formula 


e Calculate the elemental composition of a substance from the mass percentages of the 
elements that make up the substance 


Formula and Molecular Weights 


The formula weight (FW) of a substance is the sum of the atomic weights (AW) of the 
atoms in the chemical formula of the substance. Using the atomic weights from the pe- 
riodic table, we find, for example, that the formula weight of sulfuric acid, H2SOx, is 98.1 
u (atomic mass units): 


FW of HSO, = 2(AW of H) + (AWofS) + 4(AW of O) 


= 2(1.0amu) + (32.1 amu) + 4(16.0 amu) 
= 98.1 amu 


For convenience, we have rounded off the atomic weight to one decimal place, a practice 
we will follow in most calculations in this book. 

If the chemical formula is the chemical symbol of an element, such as Na, the for- 
mula weight equals the atomic weight of the element (for Na, this would be 23.1 amu). 
If the chemical formula is that of a molecule, like H2SO,, the formula weight can also be 
called the molecular weight (MW). 

Not all substances, though, are molecules. For instance, ionic substances such as cal- 
cium chloride exist as three-dimensional arrays of ions (see Figure 2.18). In these cases, 
the empirical formula is used as the formula unit, and the formula weight is the sum of 
the atomic weights of the atoms in the empirical formula. For example, the formula unit 
of CaCl, consists of one Ca?* ion and two Cl ions. Thus, the formula weight of CaCl; is 


FW of CaCl, = (AW Ca) + 2 (AW Cl) = 40.1 amu + 2(35.5 amu) = 111.1 amu 


Elemental Compositions of Substances 


Let’s say you are a forensic chemist, working in a crime lab. Your colleagues find a mys- 
terious white powder at a crime scene. Is it salt, sugar, methamphetamine, cocaine or 
something else? 

One way to determine the identity of a substance is to measure its elemental 
composition and compare it to the calculated elemental compositions of possible can- 
didate substances. We do these calculations based on the masses of each element in the 
compound: 


Gees of a) AW ) 
% mass composition of element of element 
of element FW of substance 


x 100% [3.15] 


The sum of all the mass percentages of each element in the compound must add up to 
100%. 

As an example, let’s calculate the mass percentage of sulfur in sulfuric acid. Based 
on atoms we can see that for each H,SO, molecule, one atom out of seven is sulfur. But 
that does not mean that 1/7 of the mass of the compound is sulfur, since the atoms weigh 
different amounts: 
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i (1)(32.1 amu) 
% Sin HS0, = Sami x 100% = 32.7% 


So we find that almost a third of the mass of a given quantity of pure H2SO, is due 
to sulfur. 


= Sample Exercise 3.5 ©) 
D Calculating Formula Weights 


Calculate the formula weight of (a) sucrose, C12H2201; (table sugar); and (b) calcium nitrate, Ca( NO3)2. 


SOLUTION 1Caatom = 1(40.lamu) = 40.1 amu 
(a) By adding the atomic weights of the atoms in sucrose, we find 2Natoms = 2(14.0amu) = 28.0amu 
the formula weight to be 342.0 amu: 6Oatoms = 6(16.0amu) = 96.0amu 
12Catoms = 12(12.0amu) = 144.0amu 164.1 amu 


22 Hatoms = 22(1.0amu) = 22.0amu 
11 Oatoms = 11(16.0amu) = 176.0 amu 


342.0 amu 
(b) Ifa chemical formula has parentheses, the subscript outside > Practice Exercise 
the parentheses is a multiplier for all atoms inside. Thus, for Calculate the formula weight of (a) Al(OH)3, (b) CH30H, 
Ca(NO3)2 we have and (c) TaON. 


STRATEGIES FOR SUCCESS GiiNii 


Practice is the key to success in solving problems. As you practice, your plan may involve either a single step or a series of steps with 
you can improve your skills by following these steps: intermediate answers. 

1. Analyze the problem. Read the problem carefully. What does 3. Solve the problem. Use the known information and suitable 
it say? Draw a picture or diagram that will help you to visualize equations or relationships to solve for the unknown. Dimen- 
the problem. Write down both the data you are given and the sional analysis (Section 1.7) is a useful tool for solving a great 
quantity you need to obtain (the unknown). number of problems. Be careful with significant figures, signs, 

and units. 


2. Develop a plan for solving the problem. Consider a possi- 
ble path between the given information andthe unknown. What 4. Check the solution. Read the problem again to make sure you 


principles or equations relate the known data to the unknown? have found all the solutions asked for in the problem. Does your 
Recognize that some data may not be given explicitly in the prob- answer make sense? That is, is the answer outrageously large or 
lem; you may be expected to know certain quantities or look small or is it in the ballpark? Finally, are the units and significant 
them up in tables (such as atomic weights). Recognize also that figures correct? 


Sample Exercise 3.6 


PF Calculating Percentage Composition 


Calculate the percentage of carbon, hydrogen, and oxygen (by mass) in C12H22011. 


22)(1.0 4 
SOLUTION %H = yoo x 100% = 6.4% 
We’ll use the steps outlined in the Strategies For Success: Problem 342.0u 
Solving feature to answer the question. (11)(16.0 4) 
%0 = —>>>— X 100% = 51.5% 


Analyze We are given a chemical formula and asked to calculate 342.0 x 

the percentage by mass of each element. Check Our calculated percentages must add up to 100%, which 
they do. We could have used more significant figures for our 
atomic weights, giving more significant figures for our percentage 
composition, but we have adhered to our suggested guideline of 
rounding atomic weights to one digit beyond the decimal point. 


Plan We use Equation 3.10, obtaining our atomic weights from a 
periodic table. We know the denominator in Equation 3.10, the for- 
mula weight of C12H22011, from Sample Exercise 3.5. We must use 
that value in three calculations, one for each element. 

Solve > Practice Exercise 

(12)(12.0 x4) What is the percentage of nitrogen, by mass, in calcium nitrate? 


say ee (a) 8.54% (b) 17.1% (c) 13.7% (d) 24.4% (e) 82.9% 
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Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.14 Which of the following is the correct formula weight for cal- 3.16 A mysterious white powder found at a crime scene is ana- 
cium phosphate? lyzed and contains 66.8 + 0.5% carbon by mass. One of the 
(a) 310.2 amu (b) 135.1 amu investigators hypothesizes that the substance is cocaine 
(C17H21NO,). What percent carbon, by mass, is in cocaine? 
(c) 182.2 amu (d) 278.2 amu 
(a) 39.5% (b) 64.3% 
(e) 175.1 amu 
(c) 67.3% (d) 70.6% 
3.15 Whatis the percentage of nitrogen, by mass, in calcium nitrate? (e) 72.5% 
(a) 8.54% (b) 17.1% 
(c) 13.7% (d) 24.4% 
(e) 82.9% 
_ aa 
Exercises 
3.17 Determine the formula weights of each of the following H.co H 
compounds: (a) lead (IV) chloride; (b) copper(II) oxide; 3 
(c) iodic acid, HIO,; (d) sodium perchlorate, NaClO,; C=C O 
(e) indium nitride, (f) phosphorus pentoxide, P,O,9; / \ l Vanillin 
(g) boron trichloride. (b) aa E (vanilla flavor) 
3.18 Calculate the percentage by mass of oxygen in the following C—C 
compounds: (a) vanillin, C,H,O,; (b) isopropyl alcohol, C,H,O; / \ 
(c) acetaminophen, C,H,NO,; (d) cyclopropanone, C,H,O; H H 
(e) dioxin, C,,H,C1,0,; (£) penicillin, C,H, .N,O,S. uu oH 
3.19 Based on the following structural formulas, calculate the | | | I 
percentage of carbon by mass present in each compound: (c) H3C—C—C—C—O—C—CH, 
H H H3C H H 
C=C O Isopentyl acetate 
/ OAO Benzaldehyde (banana flavor) 
(a) HEN F C—H (almond fragrance) 
C—C 
/ X 
H H (0) 91'e (q) sre (e) pe 
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3.4 | Avogadro’s Number and 
the Mole; Molar Mass 


SECTION 3.4 Avogadro’s Number and the Mole; Molar Mass 


Even the smallest samples in the laboratory contain enormous numbers of atoms, ions 
or molecules.For example, a teaspoon (about 5 mL) of water contains 2 x 107? water 
molecules, a number so large it defies comprehension. Chemists, therefore, have devised 
a way to conveniently count such enormous numbers. 

When you finish this section, you should be able to: 


e Explain the mole and the origin of Avogadro’s number 
e Calculate the molar mass for a compound and relate this to its formula weight 


e Convert between grams, molecules, and moles of a substance 


The Mole and Avogadro’s Number 


In everyday life, we use counting units such as dozen (12 objects), score (20 objects), gross 
(144 objects) or ream (500 objects).In chemistry, the counting unit for numbers of atoms, 
ions, or molecules in a laboratory-size sample is the mole, abbreviated mol.One mole is 
the amount of matter that contains as many objects as the number of atoms in exactly 
12 g of isotopically pure !7C. From experiments, scientists have determined this number 
to be 6.0221415 x 107°, which we usually round to 6.02 x 107°. Scientists call this value 
Avogadro’s number, N,, in honor of the Italian scientist Amedeo Avogadro (1776- 
1856), and it is often cited with units of reciprocal moles, 6.02 x 1073 mol !.* The unit 
(read as either “inverse mole” or “per mole”) reminds us that there are 6.02 x 107? objects 
per one mole.A mole of atoms, a mole of molecules, or a mole of anything else all contain 
Avogadro’s number of objects: 


1 mol !?C atoms = 6.02 x 1073 !?C atoms 
1 mol H,0 molecules = 6.02 x 1073 H,O molecules 
1 mol NO; ions = 6.02 x 1073NO; ions 


Avogadro’s number is so large that it is difficult to imagine.Spreading 6.02 x 107 
marbles over the Earth’s surface would produce a layer about 3 miles thick.Avogadro’s 
number of pennies placed side by side in a straight line would encircle the Earth 300 tril- 
lion(3 x 10!*) times. 


Molar Mass 


A dozen is the same number, 12, whether we have a dozen eggs or a dozen elephants. 
Clearly, however, a dozen eggs does not have the same mass as a dozen elephants. Sim- 
ilarly, a mole is always the same number (6.02 x 1073), but 1 mol samples of different 
substances have different masses. 

Compare, for example, 1 mol of !2C and 1 mol of 74Mg. A single !2C atom has a mass 
of 12 amu, whereas a single 74Mg atom is twice as massive, 24 amu (to two significant fig- 
ures).Because a mole of anything always contains the same number of particles, a mole 
of *4Mg must be twice as massive as a mole of !2C. Because 1 mol of !7C has a mass of 12 g 
(by definition), 1 mol of Mg must have a mass of 24 g.This example illustrates a general 
rule relating the mass of an atom the mass of Avogadro’s number (1 mol) of these atoms: 
The atomic weight of an element in atomic mass units is numerically equal to the mass in grams 
of 1 mol of that element. 


For example, Cl has an atomic weight of 35.5 amu; therefore, 1 mol of Cl atoms has a 
mass of 35.5 g. 

Au has an atomic weight of 197 amu; therefore, 1 mol of Au atoms has a mass of 197 g. 
The same relationship holds for the formula weight or molecular weight of a sub- 

stance and the mass of 1 mol of that substance: 

H20 has a molecular weight of 18.0 amu; therefore, 1 mol of H2O has a mass of 18.0 g 
NaCl has a formula weight of 58.5 amu; therefore 1 mol of NaCl has a mass of 58.5 g. 
The mass in grams of one mole of a substance is called the molar mass of the sub- 


stance.The units of molar mass are g/mol, or g mol !.The molar mass in grams per mole of 
any substance is numerically equal to its formula weight in atomic mass units.For NaCl, for 
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W Go Figure TABLE 3.2 Mole Relationships 
What number do you get if you Name of Formula Molar Mass Number and Kind of 
divide the mass of 1 mol of water Substance Formula Weight(amu) (g/mol) Particles in One Mole 
by the mass of 1 molecule of water? Atomic nitrogen N 14.0 14.0 6.02 x 1023N atoms 
: Molecular nitrogen { 6.02 x 1073 N, molecules 
Single molecule or “dinitrogen” 2 28.0 28.0 2(6.02 x 1073) N atoms 
Silver Ag 107.9 107.9 6.02 x 1073 Ag atoms 
Silver ions Ag* 107.9° 107.9 6.02 x 10? Ag* ions 
— — 6.02 X 10” BaCl; formula units 
1 molecule H,O Barium chloride BaCl 208.2 208.2 6.02 x 102 Ba2* ions 
(18.0 u) 2(6.02 x 1073) Cl ions 


‘Recall that the mass of an electron is more than 1800 times smaller than the masses of the proton and the 
neutron; thus, ions and atoms have essentially the same mass. 


Avogadro's number of water 
molecules in a mole of water 


Laboratory-size 
sample 


T 


1 mol O2(g) has a mass of 32.0 g. 


1 mol H,O 
(18.0 g) 


1 mol H2O(/) has a mass of 18.0 g. 


A Figure 3.8 Comparing the mass of 

1 molecule and 1 mol of H20. Both masses 
have the same number but different units 
(atomic mass units and grams). Expressing 
both masses in grams indicates their huge : 
difference: 1 molecule of H20 has a mass = ad f ay 1 mol NaC\(s) has a mass of 58.45 g. 
of 2.99 x 107? g, whereas 1 mol H20 
has a mass of 18.0 g. 


A Figure 3.9 One mole each of a solid (NaCl), a liquid (H30), and a gas (03). In each case, the 
mass in grams of 1 mol—that is, the molar mass—is numerically equal to the formula weight in 
atomic mass units. Each of these samples contains 6.02 x 102° formula units. 


instance, the formula weight is 58.5 amu and therefore its molar mass is 58.5 g/mol.Mole 
relationships for several substances are shown in Table 3.1, and Figures 3.8 and 3.9 illus- 
trate 1 mol quantities of common substances. 

The entries in Table 3.2 for N and N, point out the importance of stating the chem- 
ical form of a substance when using the mole concept. For instance, suppose you read 
that 1 mol of nitrogen is used to make ammonia.You might interpret this statement to 
mean that 1 mol of nitrogen atoms was used (14.0 g). Unless otherwise stated, however, 
what is meant is 1 mol of nitrogen molecules, N, (28.0 g), was used, because N; is the 
naturally occurring form of the element. To avoid ambiguity, it is important to explic- 
itly state the chemical form being discussed.Using the chemical formula—N or Ng, for 
instance—avoids any confusion. 


Converting Between Masses, Moles, and 
Atoms/Molecules/Ions 
Now we are ready to learn how to relate chemical equations to the amounts of chemicals 


used and produced in reactions.We will use the mole concept with dimensional analysis 
(Section 1.7) to help us (Figure 3.10). 
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V Go Figure What units would you put under “molar mass” and “Avogadro’s number” on this diagram? 


Use Use 
Grams 4— molar —> Moles <— Avogadro's ——» Formula units 
mass number 


A Figure 3.10 Procedure for interconverting mass and number of formula units. The number of moles of the substance is central to the calculation. 
Thus, the mole concept can be thought of as the bridge between the mass of a sample in grams and the number of formula units contained in 
the sample. 


For example, let’s calculate how many copper atoms are in an old copper penny. 
Such a penny has a mass of about 3 grams, and let’s assume for simplicity that the penny 
is pure copper: 


1 mol Cu (7 x 1073 Cu atoms) 
63.5 g Cu 1 mol Cu 


= 3 X 10? Cu atoms 


Number of Cu atoms = (3g cu)( 


We have rounded the answer to one significant figure because we only used one signif- 
icant figure for the mass of the penny. Notice how dimensional analysis provides a straight- 
forward route from grams to number of atoms.The molar mass and Avogadro’s number are 
used as conversion factors to convert grams to moles and then moles to atoms.Also notice 
that our answer is a very large number: this makes sense, since there are enormous numbers 
of atoms in a macroscopic sample we can pick up with our hands.Any time that you calculate 
the number of atoms, ions, or molecules in a laboratory-scale sample, you should expect the 
number to be very large.However, if you were to calculate number of moles in a laboratory 
sample, the number may not be that large, and in fact might be less than 1.That is true for the 
moles of copper in our old penny: 


Moles of Cu 


1 mol Cu 
(G gcu aa g =) 


5 x 107°? mol Cu 


Il 


CHEMISTRY AND LIFE KAMANA 


Our body converts most of the food we eat into glucose. After diges- small electrical current or a measurement of light produced in a 
tion, glucose is delivered to cells via the blood. Cells need glucose to chemical reaction. Depending on the reading on any given day, 
live, and the hormone insulin must be present in order for glucose a diabetic person may need to receive an injection of insulin or 
to enter the cells. Normally, the body adjusts the concentration of simply limit his or her intake of sugar-rich foods for a while. 
insulin automatically, in concert with the glucose concentration 
after eating, so that normal blood glucose levels are 70-120 mg/dL. 
However, in a diabetic person, either little or no insulin is produced 
(Type 1 diabetes) or insulin is produced but the cells cannot take it up 
properly (Type 2 diabetes). In either case the blood glucose levels are 
higher than they are in a normal person. A person who has not eaten 
for 8 hours or more is diagnosed as diabetic if his or her glucose level 
is 126 mg/dL or higher. 

Glucose meters work by the introduction of blood from a 
person, usually by a prick of the finger, onto a small strip of pa- 
per that contains chemicals that react with glucose. Insertion of 
the strip into a small battery-operated reader gives the glucose 
concentration (Figure 3.11). The mechanism of the readout var- 
ies from one monitor to another—it may be a measurement ofa A Figure 3.11 Glucose meter. 
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a Sample Exercise 3.7 
D Estimating Numbers of Atoms 


Without using a calculator, arrange these samples in order of increasing numbers of carbon atoms: 


12g 1°C, 1 mol C2H2, 9 X 1023 molecules of CO3. 


SOLUTION 


Analyze We are given amounts of three substances expressed in 
grams, moles, and number of molecules and asked to arrange the 
samples in order of increasing numbers of C atoms. 


Plan To determine the number of C atoms in each sample, we 
must convert 12 g !2C, 1 mol C,H», and 9 x 10? molecules CO; to 
numbers of C atoms. To make these conversions, we use the defi- 
nition of mole and Avogadro’s number. 


Solve One mole is defined as the amount of matter that 
contains as many units of the matter as there are C atoms 
in exactly 12 g of "°C. Thus, 12 g of "°C contains 1 mol of 
Catoms = 6.02 x 10” C atoms. 


One mol of C2H; contains 6.02 X 107° C,H» molecules. Because 
there are two C atoms in each molecule, this sample contains 
12.04 x 10? C atoms. 


Bs Sample Exercise 3.8 


PF Converting Grams to Moles 


Because each CO? molecule contains one C atom, the CO; sample 
contains 9 x 10? C atoms. 


Hence, the order is 12 g °C (6 x 10”? C atoms) < 9 x 1073 CO, 
molecules (9 x 1072 C atoms) < 1 mol C,H, (12 x 10% C atoms). 


Check We can check our results by comparing numbers of moles 
of C atoms in the samples because the number of moles is propor- 
tional to the number of atoms. Thus, 12 g of !?C is 1 mol C, 1 mol 
of C,H, contains 2 mol C, and 9 x 10%? molecules of CO, contain 
1.5 mol C, giving the same order as stated previously. 


> Practice Exercise 
Which of the following samples contains the fewest sodium atoms? 
(a) 1 mol sodium oxide (b) 45 g sodium fluoride 
(c) 50 g sodium chloride (d) 1 mol sodium nitrate 


Calculate the number of moles of glucose (CgH)20¢) in a 5.380 g sample. 


SOLUTION 


Analyze We are given the number of grams of a substance and its 
chemical formula and asked to calculate the number of moles. 


Plan The molar mass of a substance provides the factor for 
converting grams to moles. The molar mass of CgH120, is 
180.0 g/mol (Sample Exercise 3.9). 


Solve Using 1 mol C6H1206 = 180.0 g C6H1206 to write the appro- 
priate conversion factor, we have 


1 mol C6H1206 
Moles C6H1206 = (5.380 g CgH420¢) 180.0 g Ch720; 


= 0.02989 mol C6H1206 


> Sample Exercise 3.9 


tt Converting Moles to Grams 


Calculate the mass, in grams, of 0.433 mol of calcium nitrate. 


SOLUTION 


Analyze We are given the number of moles and the name of a 
substance and asked to calculate the number of grams in the 
substance. 


Plan To convert moles to grams, we need the molar mass, 
which we can calculate using the chemical formula and 
atomic weights. 


Check Because 5.380 g is less than the molar mass, an answer less 
than 1 mol is reasonable. The unit mol is appropriate. The original 
data had four significant figures, so our answer has four significant 
figures. 


P Practice Exercise 
How many moles of water are in 1.00 L of water, whose den- 
sity is 1.00 g/mL? 


Solve Because the calcium ion is Ca?* and the nitrate ion is NO;, 
the chemical formula for calcium nitrate is Ca(NO3). Adding the 
atomic weights of the elements in the compound gives a formula 
weight of 164.1 u. Using 1 mol Ca(NO3)2 = 164.1 g Ca(NO3), to 
write the appropriate conversion factor, we have 


164.1 Seu) 


Grams Ca(NO3)2 = (0.433 mol Canora SO 
mol CGa({NO3)> 
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Check The number of moles is less than 1, so the number of grams 


must be less than the molar mass, 164.1 g. Using rounded num- 
bers to estimate, we have 0.5 X 150 = 75 g, which means the 
magnitude of our answer is reasonable. Both the units (g) and the 
number of significant figures (3) are correct. 


> Practice Exercise 
What is the mass, in grams, of (a) 6.33 mol of NaHCO; and 
(b) 3.0 x 10-° mol of sulfuric acid? 


\m Sample Exercise 3.10 


(a) How many glucose molecules are in 5.23 g of C6H1206? 
(b) How many oxygen atoms are in this sample? 


SOLUTION 


Analyze We are given the number of grams and the chemical 
formula of a substance and asked to calculate (a) the number 
of molecules and (b) the number of O atoms in the substance. 


Plan (a) The strategy for determining the number of molecules in 
a given quantity of a substance is summarized in Figure 3.12. We 
must convert 5.23 g to moles of C6H1206 and then convert moles to 


Solve 


(a) Convert grams C6H1206 to 
molecules CgH120.¢. 


PF Calculating Numbers of Molecules and Atoms from Mass 


Molecules CgH,,0¢ = (5.23 BCoH209( 


molecules of C6H 120. The first conversion uses the molar mass of 
C6H1206, 180.0 g/mol, and the second conversion uses Avogadro’s 
number. 


(b) To determine the number of O atoms, we use the fact that there are 
six O atoms in each C6H1206 molecule. Thus, multiplying the number 
of molecules we calculated in (a) by the factor (6 atoms O/1 molecule 
CH 20¢) gives the number of O atoms. 


1 mol GgHy305 ee x 1073 molecules Saas) 
180.0 g C5H7206 1 mol CsH1206 


= 1.75 X 10? molecules C6H1206 


Atoms O 


(b) Convert molecules C6eH1206 
to atoms O. 


Check 


(a) Because the mass we began with is less than a mole, there 
should be fewer than 6.02 x 107? molecules in the sample, 
which means the magnitude of our answer is reasonable. 

A ballpark estimate of the answer comes reasonably close to the 
answer we derived in this exercise: 5/200 = 2.5 x 107? mol; 
(2.5 x 107) x 10%) = 15 x 107! = 1.5 x 10”? molecules. 
The units (molecules) and the number of significant figures 
(three) are appropriate. 

(b) The answer is six times as large as the answer to part (a), 
exactly what it should be. The number of significant 

figures (three) and the units (atoms O) are correct. 


(1.75 X 10°? molecules €sH1z05)( 


dee) 
molecule €¢H{70¢ 


= 1.05 x 1072 atoms O 


> Practice Exercise 
How many chlorine atoms are in 12.2 g of CCl4? 
(a) 4.77 x 1072 
(b) 7.34 x 1074 
(c) 1.91 x 1078 
(d) 2.07 x 1078 


Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.20 Which of the following samples contains the fewest sodium 
atoms? 


(a) 1.0 mol sodium oxide 
(b) 45 g sodium fluoride 
(c) 50 g sodium chloride 
(d) 1.0 mol sodium nitrate 
3.21 Asample ofan ionic compound containing iron and chlorine 
is analyzed and found to have a molar mass of 126.8 g/mol. 


What is the charge of the iron in this compound? 
(a) 1+ (b) 2+ (c) 3+ (d) 4+ 


3.22 How many chlorine atoms are in 12.2 g of CCl,? 
(a) 4.77 x 107? 
(b) 7.34 x 10% 
(c) 1.91 x 1073 
(d) 2.07 x 10” 
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a 


Exercises 


3.23 (a) Write “true” or “false” for each statement. (a) A mole of 
ducks contain a mole of feathers. (b) A mole of ammonia gas 
has a mass of 17.0 g. (c) The mass of 1 ammonia molecule is 
17.0 g. (d) A mole of MgSO, (s) contains 4 moles of oxygen 
atoms. 

3.24 Without doing any detailed calculations (but using a peri- 
odic table to give atomic weights), rank the following sam- 
ples in order of increasing numbers of atoms: 0.5 mol BCI, 
molecules, 197 g gold, 6.0 x 10? CCl, molecules. 

3.25 Calculate the following quantities: 

(a) mass, in grams, of 0.105 mol sucrose (C12H22011) 

(b) moles of Zn(NO3)> in 143.50 g of this substance 

(c) number of molecules in 1.0 x 10-° mol CH;CH,OH 

(d) number of N atoms in 0.410 mol NH3 

3.26 (a) What is the mass, in grams, of 2.50 x 10° mol of 

ammonium phosphate? 

(b) How many moles of chloride ions are in 0.2550 g of 
aluminum chloride? 


3.27 


3.28 


3.29 


(c) What is the mass, in grams, of 7.70 x 107° molecules of 
caffeine, CgHjgN4O2? 

(d) What is the molar mass of cholesterol if 0.00105 mol has 
a mass of 0.406 g? 


The molecular formula of saccharin, an artificial sweetener, is 
C,H;NO.5S. (a) What is the molar mass of saccharin? (b) How 
many moles of sachharin are in 2.00 mg of this substance? 
(c) How many molecules are in 2.00 mg of this substance? 
(d) How many C atoms are present in 2.00 mg of saccharin? 


A sample of glucose, C6H1206, contains 1.250 x 10! carbon 
atoms. (a) How many atoms of hydrogen does it contain? 
(b) How many molecules of glucose does it contain? (c) How 
many moles of glucose does it contain? (d) What is the mass 
of this sample in grams? 


The allowable concentration level of vinyl chloride, C2.H3Cl, 
in the atmosphere in a chemical plant is 2.0 x 10° g/L. 
How many moles of vinyl chloride in each liter does this rep- 
resent? How many molecules per liter? 


(0) oz'e 


y 


(0) zz'e (a) Lee 
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3.5 | Formula Weights and Elemental 
Compositions of Substances 


The empirical formula for a substance tells us the relative number of atoms of each ele- 
ment in the substance. (Section 2.6) The empirical formula H2O shows that water con- 
tains two H atoms for each O atom. This ratio also applies on the molar level: 1 mol of 
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H20 contains 2 mol of H atoms and 1 mol of O atoms. Conversely, the ratio of the num- 
bers of moles of all elements in a compound gives the subscripts in the compound’s empirical 
formula. Thus, the mole concept provides a way of calculating empirical formulas from 
experimental data. 

When you finish this section, you should be able to: 


e Calculate the empirical formula of a compound from the mass percentages of the 
elements that make up the compound. 


e Calculate the molecular formula of a compound from its molar mass and empirical 
formula. 


Mercury and chlorine combine to form a compound that is measured to be 74.0% 
mercury and 26.0% chlorine by mass. Thus, if we had a 100.0 g sample of the compound, 
it would contain 74.0 g of mercury and 26.0 g of chlorine. (Samples of any size can be 
used in problems of this type, but we will generally use 100.0 g to simplify the calculation 
of mass from percentage.) Using atomic weights to get molar masses, we calculate the 
number of moles of each element in the sample: 


74.0 (EE) = 0.369 1H 

ANEN ogag] Veba molNg 
1 mol Cl 

26. = | = 0.732 mol Cl 

(26.0gen( 2 ) 0.732 mol C 


We then divide the larger number of moles by the smaller number to obtain the Cl:Hg 
mole ratio: 

molesofCl _ 0.732molCl _ 1.98 mol Cl 

molesofHg 0.369 mol Hg 1 mol Hg 


Because of experimental errors, calculated values for a mole ratio may not be whole 
numbers, as in the calculation here. The number 1.98 is very close to 2, however, and so 
we can confidently conclude that the empirical formula for the compound is HgCl,. The 
empirical formula is correct because its subscripts are the smallest integers that express 
the ratio of atoms present in the compound. 

The general procedure for determining empirical formulas is outlined in Figure 3.12 


Given: Find: 
Mass % ASSUME Grams of Use Moles of Calculate Empirical 
— 100- —> — > molar —> : 
elements each element each element mole ratio formula 


sample mass 


a E O a E 
@ (2) (37 


A Figure 3.12 Procedure for calculating an empirical formula from percentage composition. 


= Sample Exercise 3.11 


D Calculating an Empirical Formula 


Ascorbic acid (vitamin C) contains 40.92% C, 4.58% H, and 54.50% O by mass. What is the empirical formula of ascorbic acid? 


SOLUTION 
Analyze We are to determine the empirical formula of a compound Plan The strategy for determining the empirical formula involves 
from the mass percentages of its elements. the three steps given in Figure 3.13. 


Continued 
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Solve 


(1) For simplicity we assume we have exactly 100 g of material, although any other mass could also be used. 


Assume Use a 
Grams of Moles of Calculate Empirical 
— 100g, — —> molar —> i ms ne 
each element each element mole ratio formula 
sample mass 


Mass % 
elements 


In 100.00 g of ascorbic acid we have 40.92 g C, 4.58 g H, and 54.50 g O. 


(2) Next we calculate the number of moles of each element. We use atomic masses with four significant figures to match the precision 
of our experimental masses. 


Assume Use o 
Mass % Grams of Moles of Calculate Empirical 
— 100g — —> molar —> i S 
elements E each element each element mole ratio formula 
sample mass 


1molC 
12.01 g€ 


1molC 
1.008 gH 


1molO 
16.00 g0 


Moles C = (40.9280)( ) = 3.407 mol C 


Moles H = (4.5854)( ) = 4.54 mol H 


Moles O = (54.5080)( ) = 3.406 mol O 


(3) We determine the simplest whole-number ratio of moles by dividing each number of moles by the smallest number of moles. 


A Assume mE Use ni 
Mass % E Grams of eh lan ah Moles of Calculate Empirical 
elements o each element each element mole ratio formula 
sample mass 
3.407 4.54 3.406 
“3406 1.000 Aes 406 oe 1.33 0:3 406 =? 1.000 


The ratio for H is too far from 1 to attribute the difference to experimental error; in fact, it is quite close to 13. This suggests we should 
multiply the ratios by 3 to obtain whole numbers: 


C:H:O0=(3X1:3%X 1.33:3 x1) =(3:4:3) 


Thus, the empirical formula is C3H403. 


Check It is reassuring that the subscripts are moderate-size whole > Practice Exercise 
numbers. Also, calculating the percentage composition of C3H403 A 2.144-g sample of phosgene, a compound used as a chemical 
gives values very close to the original percentages. warfare agent during World War I, contains 0.260 g of carbon, 


0.347 g of oxygen, and 1.537 g of chlorine. What is the 
empirical formula of this substance? 
(a) CO2Cl6 (b) COCI; (c) Co.02200.022Cl0.044 (d) C2OCl, 


Molecular Formulas from Empirical Formulas 


For molecular substances, the empirical formula and the molecular formula are often dif- 
ferent. For example, benzene has a molecular formula of C6He, but it’s empirical formula 
CH is the same as that of the gas acetylene, whose molecular formula is C2H2. Knowledge 
of the empirical formula is not sufficient to differentiate these two very different com- 
pounds. Fortunately, we can obtain the molecular formula for any compound from its 
empirical formula if we know either the molecular weight of the compound, which can 
be measured by a variety of methods, including mass spectrometry (link to Section 2.4). 
The subscripts in the molecular formula of a substance are always whole-number multiples of 
the subscripts in its empirical formula. (Section 2.6) This multiple can be found by dividing 


the molecular weight by the empirical formula weight: 


molecular weight 


Whole- b Itipl 
Sica empirical formula weight 
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For example, the empirical formula of ascorbic acid (vitamin C) is C3H4,O3.. This means 
the empirical formula weight is 3(12.0 amu) + 4(1.0 amu) + 3(16.0 amu) = 88.0 amu. 
The experimentally determined molecular weight is 176 amu. Thus, we find the whole- 
number multiple that converts the empirical formula to the molecular formula by 
dividing 

molecular weight 176amu 
~ 88.0amu — 


Whole- Itiple = 
ee ee empirical formula weight 


Consequently, we multiply the subscripts in the empirical formula by this multiple, 
giving the molecular formula: CgHgOg. 


SWA Sample Exercise 3.12 


Ja Determining a Molecular Formula 


Mesitylene, a hydrocarbon found in crude oil, has an empirical formula of C3H4 and an experimentally determined molecular 
weight of 121 amu. What is its molecular formula? 


SOLUTION 


Analyze We are given an empirical formula and a molecular 


Only whole-number ratios make physical sense because molecules 
contain whole atoms. The 3.03 in this case could result from a 
small experimental error in the molecular weight. We therefore 


weight of a compound and asked to determine its molecular 
formula. 


Plan The subscripts in a compound’s molecular formula are 


multiply each subscript in the empirical formula by 3 to give the 
molecular formula: CgHjp. 


Check We can have confidence in the result because dividing 


whole-number multiples of the subscripts in its empirical 


molecular weight by empirical formula weight yields nearly a 
formula. We find the appropriate multiple by using Equation 3.11. 


whole number. 
Solve The formula weight of the empirical formula C3H, is 


3(12.0amu) + 4(1.0amu) = 40.0amu 

> Practice Exercise 
Cyclohexane, a commonly used organic solvent, is 85.6% C 
and 14.4% H by mass with a molar mass of 84.2 g/mol. 
What is its molecular formula? 
(a) C6H (b) CH3 (c) CsH24 (d) C6H12 (e) C4Hg 


Next, we use this value in Equation 3.11: 


molecular weight 


Whole-number multiple E : 
empirical formula weight 


121 
= 400 3.03 


Combustion Analysis 


One technique for determining empirical formulas in the laboratory is combustion 
analysis, commonly used for compounds containing principally carbon and hydrogen. 

When a compound containing carbon and hydrogen is completely combusted in 
an apparatus such as that shown in Figure 3.13, the carbon is converted to CO; and the 
hydrogen is converted to H20. (Section 3.2). From the masses of CO, and H2O we can cal- 
culate the number of moles of C and H in the original sample and thereby the empirical 
formula. If a third element is present in the compound, its mass can be determined by 
subtracting the measured masses of C and H from the original sample mass. 


<4 Figure 3.13 Apparatus for combustion 


Sample combusted, HbO and CO) are trapped : 
= CO, and HO in separate absorbers analysis. 
Or _ 


H,O absorber CO, absorber 
Vo 


Mass gained by each absorber corresponds to mass of 


CO» or H20 produced. 
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= Sample Exercise 3.13 


D Determining an Empirical Formula by Combustion Analysis 


2-propanol, sold as rubbing alcohol, is composed of C, H, and O. Combustion of 0.255 g of 2-propanol produces 0.561 g of CO, 
and 0.306 g of H20. Determine the empirical formula of 2-propanol. 


SOLUTION 

Analyze We are told that 2-propanol contains C, H, and O atoms Plan We can use the mole concept to calculate grams of C in the CO 
and are given the quantities of CO, and HO produced when a and grams of H in the HyO—the masses of C and H in the alcohol 
given quantity of the alcohol is combusted. We must determine before combustion. The mass of O in the compound equals the mass 
the empirical formula for 2-propanol, a task that requires us to cal- of the original sample minus the sum of the C and H masses. Once we 
culate the number of moles of C, H, and O in the sample. have the C, H, and O masses, we can proceed as in Sample Exercise 3.13. 


Solve Because all of the carbon in the sample is converted to CO, we can use dimensional analysis and the following steps to calculate the 
mass C in the sample. 


Molar 1Catom Molar P 
nes Bie: See eee m e mas nes T 
44.0 g/mol molecule 12.0 g/mol 


Using the values given in this example, the mass of C is 


Grams C = (0.561 gcoz( 
= 0.153gC 


e 1 motC e 
44.0 gC037/ \ 1 mol€O;/\ 1 motC 


Because all of the hydrogen in the sample is converted to H2O, we can use dimensional analysis and the following steps to calculate the mass 
Hin the sample. We use three significant figures for the atomic mass of H to match the significant figures in the mass of H2O produced. 


Molar 2 H atoms Molar 


o m e ee —> ce —> 
P 18.0 g/mol P molecule 8 P 1.01 g/mol sm P 
Using the values given in this example, we find that the mass of H is 
_ 1 moHtz0 2 met H 1.01g =) 
Grams H = (0.306 smo) a ; \G : )( I 0.0343 gH 


The mass of the sample, 0.255 g, is the sum of the masses of C, H, and O. Thus, the O mass is 
Mass of O = mass of sample — (massof C + mass of H) = 0.255 g — (0.153 g + 0.0343 g) = 0.068 gO 


The number of moles of C, H, and O in the sample is therefore 


Moles C = (0.153 so( re) = 0.0128 mol C 

Moles H = (0.0343 e) = 0.0340 mol H 
1molO 

Moles O = (0.068 soy( to) = 0.0043 mol O 


To find the empirical formula, we must compare the relative number of moles of each element in the sample, as illustrated in Sample 
Exercise 3.13. 


The first two numbers are very close to the whole numbers 3 and 8, giving the empirical formula C3HgO. 


> Practice Exercise 4.401 g CO, and 1.802 g H3O. A separate experiment shows 
The compound dioxane, which is used as a solvent in vari- that it has a molar mass of 88.1 g/mol. Which of the follow- 
ous industrial processes, is composed of C, H, and O atoms. ing is the correct molecular formula for dioxane? 


Combustion of a 2.203-g sample of this compound produces (a) C,H4O (b) CyH4O2 (c) CH; (d) CyHgO2 
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Self 


-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.30 A2.144-g sample of phosgene, a compound used as a chem- 


3.31 


ical warfare agent during World War I, contains 0.260 g of 
carbon, 0.347 g of oxygen, and 1.537 g of chlorine. What is 
the empirical formula of this substance? 


(a) CO, 
(b) COCL 


(c) Co.02200.022Clo.044 
(d) C,0Cl, 


Cyclohexane, a commonly used organic solvent, is 85.6% 
carbon and 14.4% hydrogen by mass, with a molar mass of 
84.2 g/mol. What is its molecular formula? 

(a) CoH 

(b) CH, 

(c) CsH4 

(d) CgHi2 

(e) C4Hg 


3.32 The compound dioxane, which is used as a solvent in vari- 


ous industrial processes, is composed of C, H, and O atoms. 
Combustion of a 2.203-g sample of this compound produces 
4.401 g CO, and 1.802 g H20. A separate experiment shows 
that it has a molar mass of 88.1 g/mol. Which of the follow- 
ing is the correct molecular formula for dioxane? 


(a) C2H40 
(b) C4H,O2 
(c) CH2 

(d) C4HgO2 


ťa 


Exercises 


3.33 


3.34 


3.35 


3.36 


3.37 


Give the empirical formula of each of the following com- 
pounds if a sample contains (a) 0.052 mol C, 0.103 mol 
H, and 0.017 mol O; (b) 2.10 g nickel and 0.58 g oxygen; 
(c) 26.56% K, 35.41% Cr, and 38.03% O by mass. 


Determine the empirical formulas of the compounds with 
the following compositions by mass: 


(a) 74.0% C, 8.7% H, and 17.3% N 
(b) 57.5% Na, 40.0% O, and 2.5% H 
(c) 41.1% N, 11.8% H, and the remainder S 


A compound whose empirical formula is XF, consists of 65% 
F by mass. What is the atomic mass of X? 


What is the molecular formula of each of the following 
compounds? 

(a) empirical formula CH, molar mass = 78.0 g/mol 

(b) empirical formula OH, molar mass = 34.0 g/mol 
Determine the empirical and molecular formulas of each of 
the following substances: 


(a) Styrene, a compound used to make Styrofoam? cups and 
insulation, contains 92.3% C and 7.7% H by mass and 
has a molar mass of 104 g/mol. 


(b) Caffeine, a stimulant found in coffee, contains 49.5% C, 
5.15% H, 28.9% N, and 16.5% O by mass and has a molar 
mass of 195 g/mol. 


3.38 


3.39 


3.40 


(c) Monosodium glutamate (MSG), a flavor enhancer in 
certain foods, contains 35.51% C, 4.77% H, 37.85% O, 
8.29% N, and 13.60% Na, and has a molar mass of 
169 g/mol. 


(a) Combustion analysis of toluene, a common organic 
solvent, gives 5.86 mg of CO, and 1.37 mg of H20. If the 
compound contains only carbon and hydrogen, what is its 
empirical formula? (b) Menthol, the substance we can smell 
in mentholated cough drops, is composed of C, H, and O. 
A 0.1005-g sample of menthol is combusted, producing 
0.2829 g of CO, and 0.1159 g of HO. What is the empiri- 
cal formula for menthol? If menthol has a molar mass of 
156 g/mol, what is its molecular formula? 


Valproic acid, used to treat seizures and bipolar disorder, is 
composed of C, H, and O. A 0.165-g sample is combusted 
to produce 0.166 g of water and 0.403 g of carbon dioxide. 
What is the empirical formula for valproic acid? If the molar 
mass is 144 g/mol, what is the molecular formula? 


Washing soda, a compound used to prepare hard water for 
washing laundry, is a hydrate, which means that a certain 
number of water molecules are included in the solid struc- 
ture. Its formula can be written as NayCO3- xH,O, where x is 
the number of moles of H,O per mole of NaCO}. When a 
2.558-g sample of washing soda is heated at 125 °C, all the 
water of hydration is lost, leaving 0.948 g of NaCO}. What is 
the value of x? 


(a) ose 


y 


(p) ze'e (p) e'e 
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3.6 | Reaction Stoichiometry 


When a chemical reaction is carried out, it’s vital to understand how much of each 
product will be produced and how much of each reactant will be consumed. To carry 
out chemical reactions without this knowledge can lead to unintended consequences. 
Maybe an expensive reactant will be wasted because much more of it was added than was 
needed. A reaction might generate more gas than the reaction container can hold, lead- 
ing to an explosion. In some reactions, particularly those involving solids, it can be diffi- 
cult to separate the desired product from excess reactants. In this section, you will learn 
how to calculate the quantities of reactants consumed and products produced, given a 
balanced chemical equation representing the reaction. 
When you finish this section, you should be able to: 


e Determine the number of grams (or moles) of a product formed in a chemical reaction 
given the number of grams (or moles) of the reactants, and vice versa 


The coefficients in a chemical equation represent the relative numbers of molecules in 
a reaction. The mole concept allows us to convert this information to the masses of the 
substances in the reaction. For instance, the coefficients in the balanced equation: 


2 H2(8) + O2(g) —> 2H20(/) [3.16] 
indicate that two molecules of H; react with one molecule of O, to form two molecules 


of H2O. It follows that the relative numbers of moles are identical to the relative numbers 
of molecules: 


2 H2(8) + O2(8) = 2 H20(1) 
2 molecules 1 molecule 2 molecules 
2(6.02 x 10%” molecules) 1(6.02 x 10%” molecules) 2(6.02 x 107° molecules) 
2mol 1 mol 2 mol 


We can generalize this observation to all balanced chemical equations: The coefficients in a 
balanced chemical equation indicate both the relative numbers of molecules (or formula units) in 
the reaction and the relative numbers of moles. Figure 3.14 shows how this result corresponds 
to the law of conservation of mass. 


SECTION 3.6 Reaction Stoichiometry 


Chemical < Figure 3.14 Interpreting a balanced 
equation: 2 Hy(g) + O2(g) —_ è 2 H,0(/) chemical equation quantitatively. 

2 molecules H> 1 molecule O; 2 molecules HO 
Molecular 
interpretation: @ Q Q 
Mole-level 2 mol Hy 1 mol O, 2 mol HO 
interpretation: 

y Convert to grams (using molar masses) n 


Notice the conservation of mass 
(4.0 g + 32.0 g = 36.0 g) 


The quantities 2 mol H3, 1 mol O2, and 2 mol H2O given by the coefficients in 
Equation 3.16 are called stoichiometrically equivalent quantities. The relationship 
between these quantities can be represented as 


2mol H, = 1 mol O; = 2 mol H2O 


where the = symbol means “is stoichiometrically equivalent to.” Stoichiometric relations 
such as these can be used to convert between quantities of reactants and products in a chemi- 
cal reaction. For example, the number of moles of H2O produced from 1.57 mol of O3 is 


2 mol HO 


Moles H,0 = (1.57 moron ABO 
motOz 


) = 3.14molH,0 


As an additional example, consider the combustion of butane (C4Hj9), the fuel in 
disposable lighters: 


Let’s calculate the mass of CO, produced when 1.00 g of C4Hjo is burned. The coefficients 
in Equation 3.17 tell us how the amount of C,H; 9 consumed is related to the amount of 
CO, produced: 2 mol C4H;g = 8 mol CO3. To use this stoichiometric relationship, we 
must convert grams of C4H1ọ to moles using the molar mass of C4Hjo, 58.0 g/mol: 


1 mol C4H10 
Moles C4H10 = (1.00 g C4HĦī0) 58.0 g Caio 


= 1.72 X 10? mol C4H9 


We then use the stoichiometric factor from the balanced equation to calculate moles of CO3: 


E 8 mol CO, 
Moles CO, = (1.72 x 107° mol €7Hio) mol GH 
allio 


= 6.88 x 10°? mol CO, 
Finally, we use the molar mass of CO3, 44.0 g/mol, to calculate the CO, mass in grams: 


Grams CO, = (6.88 x 10-2 mel€O; GS) 
rams CO, = (6. 2) I > 
= 3.03 g CO 


This conversion sequence involves three steps, as illustrated in Figure 3.15. These three 
conversions can be combined in a single equation: 

1 See) 8 mol €O2 (EEE) 
58.0 g Gao /\ 2 mol €qHj9/\ 1 moł€03 


Grams CO; = (1.00 gcatio)( 
= 3.03 g CO, 
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Given: Find: 
Use Use coefficients Use 
substance A TP molar — ee A > fom balanced —b iiaee n tb molar —p an 
mass of A equation mass of B E ee 


© (27 © 


A Figure 3.15 Procedure for calculating amounts of reactants consumed or products formed in a reaction. The number of grams of a reactant 
consumed or product formed can be calculated in three steps, starting with the number of grams of any reactant or product. 


To calculate the amount of O, consumed in the reaction of Equation 3.17, we 
again rely on the coefficients in the balanced equation for our stoichiometric factor, 
2 mol C4H 0 = 13 mol Oo: 


1 mol€qHjo \/ 13 moelOz \/32.0g0 
Grams O; = (1.00 ¢CsHho)( eye cure) amorees)(qaactos) 
= 3.59905 


Many chemical reactions either consume or produce heat (Figure 3.7). This heat is 
also a stoichiometric quantity. For instance, if a reaction of a given number of reactant 
moles produces 100 J of energy in the form of heat, performing the reaction with twice 
the number of reactant moles will produce 200 J of heat. We will explore these ideas 
further in Chapter 5. 


= Sample Exercise 3.14 


lt Calculating Amounts of Reactants and Products 


Determine how many grams of water are produced in the oxidation of 1.00 g of glucose, CgH 120s: 


CoH i206(s) + 6 O2(g) —> 6 CO2(g) + 6 H20(/) 


SOLUTION (1) Convert grams of C6H1206 to moles using the molar mass of 
CoH 206. 


(2) Convert moles of C6H1206 to moles of H20 using the stoichio- 
metric relationship 1 mol CgH,,0, = 6 mol H,0. 


Plan We follow the general strategy outlined in Figure 3.16: (3) Convert moles of H20 to grams using the molar mass of H20. 


Analyze We are given the mass of a reactant and must determine 
the mass of a product in the given reaction. 


Solve 


(1) First we convert grams of CgH,2O, to moles using the molar mass of C6H1206- 


Use Moles of Use coefficients MoE Use 
—> molar == — > from balanced =——> —> molar —> 
substance A : substance B 
mass of A equation mass of B 


Grams of 
substance B 


Grams of 
substance A 


1 mol C6H 1206 ) 
180.0 g CoHx05 


(2) Next we convert moles of C6H1206 to moles of H2O using the stoichiometric relationship 1 mol C6H1206 = 6 mol H,0. 


Moles C6H1206 = (1.00 BCoH209( 


Use 
—> molar —> 
mass of B 


Use Moles of Use coefficients 
—> molar ==> =—> from balanced —> 
Di substance A i 
mass of A equation 


Moles of 
substance B 


Grams of 
substance B 


Grams of 
substance A 


1 mol CHO% )( 6 mol H,O ) 


Moles H,O = (Loog cnoo) oe we 1 mol CsH1206 
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(3) Finally, we convert moles of H2O to grams using the molar mass of H20. 


Grams of USE Moles of Use coetficienits Moles of Use Grams of 
See N —> molar —> ENN —> from balanced ——>> bA B —> molar —> ie B 
mass of A ° equation SHADE LEIS mass of B substance 


Grams H20 = (1.00g Cet41206)( 
= 0.600 g H2O 


Check We can check how reasonable our result is by doing a 
ballpark estimate of the mass of H,O. Because the molar mass of 
glucose is 180 g/mol, 1 g of glucose equals 1/180 mol. Because 

1 mol of glucose yields 6 mol H2O, we would have 6/180 = 

1/30 mol HO. The molar mass of water is 18 g/mol, so we have 
1/30 x 18 = 6/10 = 0.6 g of H20, which agrees with the full cal- 


culation. The units, grams H2O, are correct. The initial data had three 
significant figures, so three significant figures for the answer is correct. 


1 mol GgHy205 )( 6 mol 13,0 oe) 
180.0 g CHO; 


1 mol CsH72065/ \ 1 moHiz0 


> Practice Exercise 
Sodium hydroxide reacts with carbon dioxide to form sodium 
carbonate and water: 


2 NaOH(s) + CO,(¢) —> Na,CO;(s) + H,O(1) 


How many grams of NaCO; can be prepared from 2.40 g of 
NaOH? (a) 3.18 g (b) 6.36 g (c) 1.20 g (d) 0.0300 g 


B Sample Exercise 3.15 


s Calculating Amounts of Reactants and Products 


by 1.00 g of lithium hydroxide? 


SOLUTION 


Analyze We are given a verbal description of a reaction and asked 
to calculate the number of grams of one reactant that reacts with 
1.00 g of another. 


Plan The verbal description of the reaction can be used to write a 
balanced equation: 


2 LiOH(s) ae CO2(g) = LizCO3(s) oh H20(1) 


We are given the mass in grams of LiOH and asked to calculate 
the mass in grams of CO,. We can accomplish this with the three 
conversion steps in Figure 3.15. The conversion of Step 1 requires 
the molar mass of LiOH (6.94 + 16.00 + 1.01 = 23.95 g/mol). 
The conversion of Step 2 is based on a stoichiometric relationship 
from the balanced chemical equation: 2 mol LiOH = 1 mol CO. 
For the Step 3 conversion, we use the molar mass of 

CO,:12.01 + 2(16.00) = 44.01 g/mol. 


Solid lithium hydroxide is used in space vehicles to remove the carbon dioxide gas exhaled by astronauts. The hydroxide reacts 
with the carbon dioxide to form solid lithium carbonate and liquid water. How many grams of carbon dioxide can be absorbed 


Solve 


1 molLiOH = 
(1.00 gu0M)( 5 oe rg) gmertiori 1 mol€O 
= 0.919 g CO, 


Check Notice that 23.95 g LiOH/mol ~ 24 gLiOH/mol, 

24 g LiOH/mol x 2 mol LiOH = 48 g LiOH, and (44 g CO,/mol)/ 
(48 g LiOH) is slightly less than 1. Thus, the magnitude of our answer, 
0.919 g CO,, is reasonable based on the amount of starting LiOH. The 
number of significant figures and units are also appropriate. 


> Practice Exercise 
Propane, C3Hg (Figure 3.7), isa common fuel used for cooking 
and home heating. What mass of O; is consumed in the com- 
bustion of 1.00 g of propane? 
(a) 5.00 g (b) 0.726 g (c) 2.18 g (d) 3.63 g 


Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.41 In this section, we learned that when 1.00 g of butane 
(C4H10) reacts with 3.59 g of oxygen (Oz) it produces 3.03 g 
of carbon dioxide (CO2). True or False: Is it possible using 
only addition and/or subtraction, to calculate the number of 
grams H,O produced. 


3.42 Sodium hydroxide reacts with carbon dioxide to form sodium 
carbonate and water: 


2 NaOH(s) + CO2(g) —> NazCO3(s) + H20(1) 

How many grams of NaCO; can be prepared from 2.40 g of 
NaOH? 

(a) 3.18g 

(b) 6.36g 

(c) 1.20g 

(d) 0.0300 g 


3.43 Propane, C3Hg, isa common fuel used for cooking and home 
heating. What mass of O, is consumed in the combustion of 
1.00 g of propane? 
(a) 5.00g 
(b) 0.726 g 
(c) 2.18 g 
(d) 3.63 g 
3.44 Calcium hydride reacts with water to form calcium hydrox- 
ide and hydrogen gas. How many grams of calcium hydride 
are needed to form 4.50 g of hydrogen? 
(a) 1.11g 
(b) 2.25g 
(c) 46.9g 
(d) 93.8 g 
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ťa 


Exercises 


3.45 


Hydrofluoric acid, HF(aq), cannot be stored in glass bottles 
because compounds called silicates in the glass are attacked 
by the HF(aq). Sodium silicate (Na2SiO3), for example, reacts 
as follows: 


Na2SiO3(s) + 8 HF(aq) —> H)SiFs(aq) + 2 NaF(aq) + 3 H2O(1) 


3.46 


3.47 


3.48 


(a) How many moles of HF are needed to react with 0.300 
mol of Na,SiO3? 


(b) How many grams of NaF form when 0.500 mol of HF 
reacts with excess Na,SiO3? 


(c) How many grams of Na2SiO; can react with 0.800 g of HF? 


Several brands of antacids use Al(OH); to react with stomach 
acid, which contains primarily HCl: 


Al(OH)3(s) + HCl(aq) —> AICl;(aq) + H,O(/) 


(a) Balance this equation. 
(b) Calculate the number of grams of HCI that can react 
with 0.500 g of Al(OH)3. 


(c) Calculate the number of grams of AlCl; and the number 
of grams of H2O formed when 0.500 g of Al(OH); reacts. 


(d) Show that your calculations in parts (b) and (c) are con- 
sistent with the law of conservation of mass. 

Aluminum sulfide reacts with water to form aluminum hydr- 

oxide and hydrogen sulfide. (a) Write the balanced chemical 


equation for this reaction. (b) How many grams of aluminum 
hydroxide are obtained from 14.2 g of aluminum sulfide? 


Automotive air bags inflate when sodium azide, NaNs, 
rapidly decomposes to its component elements: 


2 NaN3(s) —> 2Na(s) + 3.No(g) 


3.49 


3.50 


(a) How many moles of N, are produced by the decomposi- 
tion of 1.50 mol of NaN3? 


(b) How many grams of NaN; are required to form 10.0 g of 
nitrogen gas? 

(c) How many grams of NaN; are required to produce 
10.0 ft? of nitrogen gas, about the size of an automotive 
air bag, if the gas has a density of 1.25 g/L? 


A piece of aluminum foil 1.00 cm’ and 0.550-mm thick is 
allowed to react with bromine to form aluminum bromide. 


(a) How many moles of aluminum were used? (The density of 
aluminum is 2.699 g/cm*.) (b) How many grams of aluminum 
bromide form, assuming the aluminum reacts completely? 

The complete combustion of octane, C,H)., produces 5470 kJ 


of heat. Calculate how many grams of octane is required to 
produce 20,000 kJ of heat. 


(p) ere (e) ave 
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3.7 | Limiting Reactants 


Often, the reactants used in a chemical reaction are not present in precise stoichiometric 
amounts. For example, a natural gas-fired power plant generates electricity by produc- 
ing hot gases that drive turbines, predominantly through the following combustion 
reaction: 


CHa(g) + 2 O2(g) —> CO2(g) + 2 H20(8) [3.18] 


Power plants typically operate with an excess of O2(g) to achieve the maximum energy 
from the hydrocarbon fuel and minimize production of harmful byproducts, like car- 
bon monoxide, that result from incomplete combustion. Consequently, the amount of 
CH; introduced determines how much CO, and H2O water are produced, as well as the 
amount of energy released. In this section, we will learn how to do quantitative calcula- 
tions for reactions where the reactants are not present in stoichiometrically equivalent 
quantities. 
When you have completed this section, you should be able to: 


e Identify limiting reactants and calculate amounts, in grams or moles, of reactants 
consumed and products formed in chemical reactions. 


e Calculate the percent yield of a chemical reaction from the actual yield and the quan- 
tities of each reactant. 


Suppose you wish to make several sandwiches using one slice of cheese and two slices of 
bread for each. Using Bd = bread, Ch = cheese, and BdzCh = sandwich, we can repre- 
sent the recipe for making a sandwich like a chemical equation: 


2Bd + Ch —> Bd,Ch [3.19] 


If you have ten slices of bread and seven slices of cheese, you can make only five sand- 
wiches and will have two slices of cheese left over. The amount of bread available limits 
the number of sandwiches. 

An analogous situation occurs in chemical reactions when one reactant is used up 
before the others. The reaction stops as soon as any reactant is totally consumed, leaving 
the excess reactants as leftovers. Suppose, for example, we have a mixture of 10 mol H3 
and 7 mol Op, which react to form water: 


2 H2(g) + O2(g) —> 2 H20(g) [3.20] 
Because 2 mol Hz = 1 mol Og, the number of moles of O needed to react with all the H3 is 


1 mol O3 


Moles O, = (10 molt) (5 
motH) 


) = 5 mol O; 
Because 7 mol O; is available at the start of the reaction, 7 mol O2 — 5 mol O, = 2 mol O, 
is still present when all the Hz is consumed. 

The reactant that is completely consumed in a reaction is called the limiting 
reactant because it determines, or limits, the amount of product formed. The other 
reactants are sometimes called excess reactants. In our example, shown in Figure 3.16, H2 
is the limiting reactant, which means that once all the H; has been consumed, the reac- 
tion stops. At that point some of the excess reactant Oy is left over. 

There are no restrictions on the starting amounts of reactants in any reaction. 
Indeed, many reactions are carried out using an excess of one reactant. The quantities 
of reactants consumed and products formed, however, are restricted by the quantity of 
the limiting reactant. For example, when a combustion reaction takes place in the open 
air, oxygen is plentiful and is therefore the excess reactant. If you run out of fuel while 
driving, the car stops because the fuel is the limiting reactant in the combustion reaction 
that moves the car. Before we leave the example illustrated in Figure 3.16, let’s summarize 
the data: 


2H2(g) + O2(g) —> 2H20(g) 


Before reaction: 10 mol 7 mol 0 mol 


Change (reaction): —10 mol —5 mol +10 mol 


After reaction: 0 mol 2 mol 10 mol 
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V Go Figure If the amount of H3 is doubled, how many moles of HO would 
have formed? 


Before reaction After reaction 


10 H; and 7 O; 10 H,O and 2 O; (no H, molecules) 


A Figure 3.16 Limiting reactant. Because H3 is completely consumed, it is the limiting reactant. 
Because some Oz is left over after the reaction is complete, it is the excess reactant. The amount 
of H20 formed depends on the amount of limiting reactant, Ho. 


The second line in the table (Change) summarizes the amounts of reactants con- 
sumed (where this consumption is indicated by the minus signs) and the amount of 
the product formed (indicated by the plus sign). These quantities are restricted by the 
quantity of the limiting reactant and depend on the coefficients in the balanced equa- 
tion. The mole ratio H2:02:H,0 = 10:5:10 is a multiple of the ratio of the coefficients 
in the balanced equation, 2:1:2. The after quantities are found by adding the before and 
change quantities for each column. The amount of the limiting reactant (H3) must be 
zero at the end of the reaction. What remains is 2 mol O, (excess reactant) and 10 mol 
H,0 (product). 


SSA Sample Exercise 3.16 (>) 
s Calculating the Amount of Product Formed from a Limiting Reactant 


The most important commercial process for converting Nọ from the air into nitrogen-containing compounds is based on the 
reaction of No and H2 to form ammonia (NH3): 


N2(8) + 3 H2(8) —> 2 NH3(8) 


How many moles of NH3 can be formed from 3.0 mol of N and 6.0 mol of H2? 


SOLUTION Notice that we can calculate not only the number of moles of 
NH; formed but also the number of moles of each reactant 
Analyze We are asked to calculate the number of moles of product, remaining after the reaction. Notice also that although the 
NH;, given the quantities of each reactant, Ny and Hp, available in initial (before) number of moles of H; is greater than the final 
a reaction. This is a limiting reactant problem. (after) number of moles of No, H3 is nevertheless the limit- 
ing reactant because of its larger coefficient in the balanced 


Plan If we assume one reactant is completely consumed, we can cal- 


culate how much of the second reactant is needed. By comparing the eguation, 

calculated quantity of the second reactant with the amount avail- Check Examine the change row of the summary table to see that 
able, we can determine which reactant is limiting. We then proceed the mole ratio of reactants consumed and product formed, 2:6:4, 
with the calculation, using the quantity of the limiting reactant. is a multiple of the coefficients in the balanced equation, 1:3:2. 


We confirm that H3 is the limiting reactant because it is completely 


Solve : i : 
. consumed in the reaction, leaving 0 mol at the end. Because 
The number of moles of Hz needed for complete consumption of 6.0 mol H; has two significant figures, our answer has two 
3.0 mol of N3 is significant figures. 
Moles H, = (3.0 molNs)(7 mol <2) = 9.0 mol H, Comment It is useful to summarize the reaction data in a table: 
moIN2 


N + 3H — 2NH 
Because only 6.0 mol H; is available, we will run out of H; before the (8) 2(8) 3(8) 


Nz is gone, which tells us that H; is the limiting reactant. Therefore, Before reaction: 3.0 mol 6.0 mol 0 mol 

we use the quantity of H; to calculate the quantity of NH; produced: Change (reaction): —2.0 mol —6.0 mol +4.0 mol 

2 mol NH; 
3 moli; 


After reaction: 1.0 mol Omol 4.0 mol 


Moles NH; = (6.0 molHs)( ) = 4.0 mol NH; 


SECTION 3.7 Limiting Reactants 165 


> Practice Exercise many moles of it remains at the end of the reaction? 
(a) 9 mol CH30H(/) (b) 10 mol CO;(g) (c) 10 mol CH30H(/) 


(d) 14 mol CH30H(/) (e) 1 mol O2(g) 


When 24 mol of methanol and 15 mol of oxygen combine 
in the combustion reaction 2 CH3;OH(/) + 3 O2(g) —> 
2 CO2(g) + 4 H2O(g), what is the excess reactant and how 


a Sample Exercise 3.17 


PF Calculating the Amount of Product Formed from a Limiting Reactant 


The reaction 
2 Ha(g) + O2(g) —> 2H20(g) 


is used to produce electricity in a hydrogen fuel cell. Suppose a fuel cell contains 150 g of H2(g) and 1500 g of O2(g) (each 
measured to two significant figures). How many grams of water can form? 


SOLUTION with the given H; mass, 150 g, but we can save a step by starting 
Analyze We are asked to calculate the amount of a product, with the moles of Hp, 74 mol, we just calculated: 
given the amounts of two reactants, so this is a limiting reactant 18.02 H-O 
problem. Grams H;O = (74 mot i ( BEE) ( .0 g H3 ) 

2 mołĦz 1 molHzO 


Plan To identify the limiting reactant, we can calculate the 
number of moles of each reactant and compare their ratio with 
the ratio of coefficients in the balanced equation. We then use the 
quantity of the limiting reactant to calculate the mass of water 
that forms. 


= 1.3 x 10? g H2O 


Check The magnitude of the answer seems reasonable based on 
the amounts of the reactants. The units are correct, and the 

number of significant figures (two) corresponds to those in the 
Solve From the balanced equation, we have the stoichiometric values given in the problem statement. 


Telatigns Comment The quantity of the limiting reactant, Hz, can also be 


used to determine the quantity of O; used: 
2molH, = 1molO, = 2 mol H,O 


Using the molar mass of each substance, we calculate the number Grams O, = (74 molH5)( 1 zaa 3205 52) 
of moles of each reactant: 2 mol Hy, /\ 1 mel 
= 1.2 x 10g O, 
1 mol H, 
Moles H, = (150 g Hp) (oer) = 74mol Hz The mass of O; remaining at the end of the reaction equals the 
starting amount minus the amount consumed: 
1molO = 
Moles O, = (1500 soo os) = 47 mol O; 1500 g — 1200 g = 3008. 


The coefficients in the balanced equation indicate that the reaction 
requires 2 mol of H; for every 1 mol of Op. Therefore, for all the 

O, to completely react, we would need 2 x 47 = 94 mol of H3. 
Since there are only 74 mol of Hg, all of the Oz cannot react, so it is 
the excess reactant, and Hz must be the limiting reactant. (Notice 
that the limiting reactant is not necessarily the one present in the 
lowest amount.) 


We use the given quantity of H, (the limiting reactant) to calcu- 
late the quantity of water formed. We could begin this calculation 


> Practice Exercise 
Molten gallium reacts with arsenic to form the semiconductor, 
gallium arsenide, GaAs, used in light-emitting diodes and 
solar cells: 


Ga(l) + As(s) —> GaAs(s) 


If 4.00 g of gallium is reacted with 5.50 g of arsenic, how many 
grams of the excess reactant are left at the end of the reaction? 
(a) 1.20 g As (b) 1.50 g As (c) 4.30 g As (d) 8.30 g Ga 


Theoretical and Percent Yields 


The quantity of product calculated to form when all the limiting reactant is consumed 
is called the theoretical yield. The amount of product actually obtained, called the 
actual yield, is almost always less than (and can never be greater than) the theoretical 
yield. There are many reasons for this difference. Some of the reactants may not react, 
for example, or they may react in a way different from that desired (side reactions). In 
addition, it is not always possible to recover all of the product from the reaction mixture. 
The percent yield of a reaction is the actual yield divided by the theoretical yield, mul- 
tiplied by 100 to convert to percent: 


actual yield 
theoretical yield 


Percent yield = x 100% 
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= Sample Exercise 3.18 
Vt Calculating Theoretical Yield and Percent Yield 


SOLUTION 


Analyze We are given a chemical equation and the quantity of the 
limiting reactant (25.0 g of C6H2). We are asked to calculate the 
theoretical yield of a product HyCsHgO, and the percent yield if 
only 33.5 g of product is obtained. 


Solve 
(a) The theoretical yield is: 


Grams H2C6Hg0, = (25.0 sCati)( 


Adipic acid, H2CgHgQO,, used to produce nylon, is made commercially by a reaction between cyclohexane (CsH12) and Oo: 
2C6H12(/) + 5 O2(g) —> 2 H2C6H804(/) + 2 H20(g) 


(a) Assume that you carry out this reaction with 25.0 g of cyclohexane and that cyclohexane is the limiting reactant. What is the 
theoretical yield of adipic acid? (b) If you obtain 33.5 g of adipic acid, what is the percent yield for the reaction? 


Plan 


(a) The theoretical yield, which is the calculated quantity of 
adipic acid formed, can be calculated using the sequence of 
conversions shown in Figure 3.15. 


(b) The percent yield is calculated by using Equation 3.14 to com- 
pare the given actual yield (33.5 g) with the theoretical yield. 


1 moh eatin) Ce Na 146.0 gCo) 
84.0 gCeHi2 2 mol €¢Hi2 1 mol Hz,€gHg04 
= 43.5 g H2C6H8014 


(b) The percent yield is: Percent yield = 


Check We can check our answer in (a) by doing a ballpark calcula- 
tion. From the balanced equation we know that each mole of cy- 
clohexane gives 1 mol adipic acid. We have 25/84 ~ 25/75 = 0.3 
mol hexane, so we expect 0.3 mol adipic acid, which equals about 
0.3 X 150 = 45 g, about the same magnitude as the 43.5 g 
obtained in the more detailed calculation given previously. In 
addition, our answer has the appropriate units and number of sig- 
nificant figures. In (b) the answer is less than 100%, as it must be 
from the definition of percent yield. 


theoretical yield 


actual yield 33.5 g 


x 100% = x 100% = 77.0% 
0% 43.58 00% o 


> Practice Exercise 
If 3.00 g of titanium metal is reacted with 6.00 g of chlorine 
gas, Clp, to form 7.7 g of titanium(IV) chloride in a combina- 
tion reaction, what is the percent yield of the product? 
(a) 65% (b) 96% (c) 48% (d) 86% 


STRATEGIES FOR SUCCESS [DESUETESataitain 


One of the most important skills you can learn in school is how to 
think like a scientist. Questions such as: “What experiment might 
test this hypothesis?”, “How do I interpret these data?”, and “Do 
these data support the hypothesis?” are asked every day by chemists 
and other scientists as they go about their work. 

We want you to become a good critical thinker as well as an 
active, logical, and curious learner. For this purpose, starting in this 
chapter, we include at the end of each chapter a special exercise 
called “Design an Experiment.” Here is an example: 

Is milk a pure liquid or a mixture of chemical components in water? 
Design an experiment to distinguish between these two possibilities. 

You might already know the answer—milk is indeed a mixture 
of components in water—but the goal is to think of how to demon- 
strate this in practice. Upon thinking about it, you will likely realize 
that the key idea for this experiment is separation: You can prove 
that milk is a mixture of chemical components if you can figure out 
how to separate these components. 

Testing a hypothesis is a creative endeavor. While some exper- 
iments may be more efficient than others, there is often more than 
one good way to test a hypothesis. Our question about milk, for 
example, might be explored by an experiment in which you boil a 
known quantity of milk until it is dry. Does a solid residue form in 
the bottom of the pan? If so, you could weigh it and calculate the per- 
centage of solids in milk, which would offer good evidence that milk 
is a mixture. If there is no residue after boiling, then you still cannot 
distinguish between the two possibilities. 

What other experiments might you do to demonstrate that milk 
is a mixture? You could put a sample of milk in a centrifuge, which 


you might have used in a biology lab, spin your sample, and observe 
if any solids collect at the bottom of the centrifuge tube; large mole- 
cules can be separated in this way from a mixture. Measurement of 
the mass of the solid at the bottom of the tube is a way to obtain a 
value for the % solids in milk and also tells you that milk is indeed a 
mixture. 

Keep an open mind: Lacking a centrifuge, how else might you 
separate solids in the milk? You could consider using a filter with re- 
ally tiny holes in it or perhaps even a fine strainer. You could propose 
that if milk were poured through this filter, some (large) solid com- 
ponents should stay on the top of the filter, while water (and really 
small molecules or ions) would pass through the filter. That result 
would be evidence that milk is a mixture. Does such a filter exist? Yes! 
But for our purposes, the existence of such a filter is not the point: 
The point is, can you use your imagination and your knowledge of 
chemistry to design a reasonable experiment? Don’t worry too much 
about the exact apparatus you need for the Design an Experiment ex- 
ercises. The goal is to imagine what you would need to do, or what 
kind of data you would need to collect, in order to answer the ques- 
tion. If your instructor allows it, you can collaborate with others in 
your class to develop ideas. Scientists discuss their ideas with other 
scientists all the time. We find that discussing ideas, and refining 
them, makes us better scientists and helps us collectively answer im- 
portant questions. 

The design and interpretation of scientific experiments is at the 
heart of the scientific method. Think of the Design an Experiment 
exercises as puzzles that can be solved in various ways, and enjoy 
your explorations! 
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Self-Assessment Exercises 


Here are a few problems designed to test your understanding of the material. 


3.51 


3.52 


When 24 mol of methanol and 15 mol of oxygen combine 
in the combustion reaction 2 CH3;OH(/) + 3 O2(g) —> 
2 CO2(g) + 4H2O(g), what is the excess reactant and how 
many moles of it remains at the end of the reaction? 


(a) 9 mol CH30H(/) 
(b) 10 mol CO,(g) 
(c) 10 mol CH3OH(/) 
(d) 14 mol CH30H(/) 
(e) 1 mol 0,(g) 


Molten gallium reacts with arsenic to form the semiconduc- 
tor, gallium arsenide, GaAs, used in light-emitting diodes 
and solar cells: 


Ga(l) + As(s) —> GaAs(s) 


3.53 


If 4.00 g of gallium reacted with 5.50 g of arsenic, how many 
grams of the excess reactant are left at the end of the reaction? 
(a) 1.20 g As 

(b) 1.50 g As 

(c) 4.30 g As 

(d) 8.30 g Ga 

If 3.00 g of titanium metal is reacted with 6.00 g of chlorine 
gas, Cl, to form 7.7 g of titanium(IV) chloride in a combina- 
tion reaction, what is the percent yield of the product? 

(a) 65% 

(b) 96% 

(c) 48% 

(d) 86% 


e 
Exercises 


3.54 (a) Define the terms limiting reactant and excess reactant. 


3.55 


3.56 


3.57 


(b) Why are the amounts of products formed in a reaction 
determined only by the amount of the limiting reactant? 
(c) Why should you base your choice of which compound is 
the limiting reactant on its number of initial moles, not on 
its initial mass in grams? 

Consider the mixture of ethanol, C2?H;OH, and O, shown in 
the accompanying diagram. (a) Write a balanced equation 
for the combustion reaction that occurs between ethanol 
and oxygen. (b) Which reactant is the limiting reactant? 
(c) How many molecules of CO7, H20, C2H;OH, and O; will 
be present if the reaction goes to completion? 


Sodium hydroxide reacts with carbon dioxide as follows: 
2 NaOH(s) + CO2(g) —> NazCO3(s) + H20(1) 


Which is the limiting reactant when 1.85 mol NaOH and 
1.00 mol CO, are allowed to react? How many moles of 
Na2CO0; can be produced? How many moles of the excess 
reactant remain after the completion of the reaction? 


The fizz produced when an Alka-Seltzer tablet is dissolved 
in water is due to the reaction between sodium bicarbonate 
(NaHCOs) and citric acid (H3C6H507): 


3 NaHCO3;(aq) + H3CgH;O7(aq) ? 
3 CO,(g) + 3H,O(1) + NazC6H;0;(aq) 


In a certain experiment 1.00 g of sodium bicarbonate and 
1.00 g of citric acid are allowed to react. (a) Which is the 


3.58 


3.59 


3.60 


limiting reactant? (b) How many grams of carbon dioxide 
form? (c) How many grams of the excess reactant remain 
after the limiting reactant is completely consumed? 


Solutions of sodium carbonate and silver nitrate react to 
form solid silver carbonate and a solution of sodium nitrate. 
A solution containing 3.50 g of sodium carbonate is mixed 
with one containing 5.00 g of silver nitrate. How many 
grams of sodium carbonate, silver nitrate, silver carbonate, 
and sodium nitrate are present after the reaction is complete? 


When benzene (C6H6) reacts with bromine (Brz), bromo- 
benzene (C6Hs5Br) is obtained: 

C6Hes + Bro —> C6H;Br + HBr 
(a) When 30.0 g of benzene reacts with 65.0 g of bromine, what 


is the theoretical yield of bromobenzene? (b) If the actual yield 
of bromobenzene is 42.3 g, what is the percentage yield? 


Hydrogen sulfide is an impurity in natural gas that must be 
removed. One common removal method is called the Claus 
process, which relies on the reaction: 


8 H)S(g) + 4 O2(8) > Sg(1) 4 


8 H,0(g) 


Under optimal conditions the Claus process gives 98% yield of Sg 
from H,S. If you started with 30.0 g of H2S and 50.0 g of O2, how 
many grams of Sg would be produced, assuming 98% yield? 


(p) LS"e 


y 


(a) ese (e) @g"e 
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(a 
Chapter Summary and Key Terms 


CHEMICAL EQUATIONS (INTRODUCTION AND SECTION 3.1) 
The study of the quantitative relationships between chemical 
formulas and chemical equations is known as stoichiometry. One of 
the important concepts of stoichiometry is the law of conservation 
of mass, which states that the total mass of the products of a chem- 
ical reaction is the same as the total mass of the reactants. The same 
numbers of atoms of each type are present before and after a chem- 
ical reaction. A balanced chemical equation shows equal numbers of 
atoms of each element on each side of the equation. Equations are 
balanced by placing coefficients in front of the chemical formu- 
las for the reactants and products of a reaction, not by changing the 
subscripts in chemical formulas. 


SIMPLE PATTERNS OF CHEMICAL REACTIVITY (SECTION 3.2) 
Among the reaction types described in this chapter are (1) combination 
reactions, in which two reactants combine to form one product; 
(2) decomposition reactions, in which a single reactant forms two or 
more products; and (3) combustion reactions in oxygen, in which a 
substance, typically a hydrocarbon, reacts rapidly with O2 to form 
CO, and H,0. 


FORMULA WEIGHTS (SECTION 3.3) Much quantitative infor- 
mation can be determined from chemical formulas and balanced 
chemical equations by using atomic weights. The formula weight of a 
compound equals the sum of the atomic weights of the atoms in its 
formula. If the formula is a molecular formula, the formula weight is 
also called the molecular weight. Atomic weights and formula weights 
can be used to determine the elemental composition of a compound. 


AVOGADRO’S NUMBER AND THE MOLE (SECTION 3.4) A mole of 
any substance contains Avogadro's number (6.02 x 107°) of formula 


units of that substance. The mass of a mole of atoms, molecules, or ions 
(the molar mass) equals the formula weight of that material expressed 
in grams. The mass of 1 molecule of H,O, for example, is 18.0 u, 
so the mass of 1 mol of H2O is 18.0 g. That is, the molar mass of 
H2O is 18.0 g/mol. 


EMPIRICAL FORMULAS FROM ANALYSIS (SECTION 3.5) The em- 
pirical formula of any substance can be determined from its percent 
composition by calculating the relative number of moles of each 
atom in 100 g of the substance. If the substance is molecular in na- 
ture, its molecular formula can be determined from the empirical 
formula if the molecular weight is also known. Combustion analysis 
is a special technique for determining the empirical formulas of com- 
pounds containing only carbon, hydrogen, and/or oxygen. 


QUANTITATIVE INFORMATION FROM BALANCED EQUATIONS 
AND LIMITING REACTANTS (SECTIONS 3.6 AND 3.7) The mole 
concept can be used to calculate the relative quantities of reactants 
and products in chemical reactions. The coefficients in a balanced 
equation give the relative numbers of moles of the reactants and 
products. To calculate the number of grams of a product from the 
number of grams of a reactant, first convert grams of reactant to 
moles of reactant. Then use the coefficients in the balanced equa- 
tion to convert the number of moles of reactant to moles of product. 
Finally, convert moles of product to grams of product. 

A limiting reactant is completely consumed in a reaction. When 
it is used up, the reaction stops, thus limiting the quantities of prod- 
ucts formed. The theoretical yield of a reaction is the quantity of prod- 
uct calculated to form when all of the limiting reactant reacts. The 
actual yield of a reaction is always less than the theoretical yield. The 
percent yield compares the actual and theoretical yields. 


Learning Outcomes After studying this chapter, you should be able to: 


e Balance chemical equations. (Section 3.1) 
Related Exercises: 3.5, 3.70 


e Predict the products of simple combination, decomposition, and 
combustion reactions. (Section 3.2) Related Exercises: 3.12, 3.74 


e Calculate formula weights. (Section 3.3) Related Exercises: 3.17, 3.76 


e Convert grams to moles and vice versa using molar masses. 
(Section 3.4) Related Exercises: 3.25, 3.81 


e Convert number of molecules to moles and vice versa using 
Avogadro’s number. (Section 3.4) Related Exercises: 3.27, 3.83 


e Calculate the empirical and molecular formulas of a com- 
pound from percentage composition and molecular weight. 
(Section 3.5) Related Exercises: 3.37, 3.90 


e Identify limiting reactants and calculate amounts, in grams or 
moles, of reactants consumed and products formed for a reac- 
tion. (Section 3.6) Related Exercises: 3.47, 3.96 


e Calculate the percent yield of a reaction. (Section 3.7) 
Related Exercises: 3.59, 3.105 


Key Equations 


number of nae ( atomic | 
of element of element 
formula weight of compound 


% mass composition ( 


. of element 


actual yield 
e Percent yield = x 100% 


theoretical yield 


x 100% [3.15] 


This is the formula to calculate the mass percentage 
of each element in a compound. The sum of all the 
percentages of all the elements in a compound should 
add up to 100%. 


This is the formula to calculate the percent yield of a 
reaction. The percent yield can never be more than 
100%. 
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Exercises 


Visualizing Concepts 


3.61 


3.62 


3.63 


3.64 


The reaction between reactant A (blue spheres) and reactant 
B (red spheres) is shown in the following diagram: 


ae 


Based on this diagram, which equation best describes the 
reaction? [Section 3.1 ] 


(a) A) + B —> AB 

(b) Az + 4B —> 2 AB2 

(c) 2A + By —> 2AB; 

(d) A + B, —> AB, 

The following diagram shows the combination reaction 
between hydrogen, Hj, and carbon monoxide, CO, to 
produce methanol, CH30H (white spheres are H, black spheres 


are C, red spheres are O). The correct number of CO molecules 
involved in this reaction is not shown. [Section 3.1] 


(a) Determine the number of CO molecules that should be 
shown in the left (reactants) box. 


(b) Write a balanced chemical equation for the reaction. 


CO molecules 
not shown 


The following diagram represents the collection of elements 
formed by a decomposition reaction. (a) If the blue spheres 
represent N atoms and the red ones represent O atoms, 
what was the empirical formula of the original compound? 
(b) Could you draw a diagram representing the molecules 
of the compound that had been decomposed? Why or why 
not? [Section 3.2 | 


The following diagram represents the collection of CO, and 
H2O molecules formed by complete combustion of a hydro- 
carbon. What is the empirical formula of the hydrocarbon? 
[Section 3.2] 


3.65 Glycine, an amino acid used by organisms to make proteins, 


3.66 


3.67 


is represented by the following molecular model. 
(a) Write its molecular formula. 
(b) Determine its molar mass. 


(c) Calculate how many moles of glycine are in a 100.0-g 
sample of glycine. 


(d) Calculate the percent nitrogen by mass in glycine. 
[Sections 3.3 and 3.5] 


° 


The following diagram represents a high-temperature 
reaction between CH, and H,O. Based on this reaction, find 
how many moles of each product can be obtained starting 
with 4.0 mol CH4. [Section 3.6] 


olf 


Nitrogen (N2) and hydrogen (H3) react to form ammonia 
(NH3). Consider the mixture of Nz and H; shown in the 
accompanying diagram. The blue spheres represent N, and 
the white ones represent H. (a) Write the balanced chemical 
equation for the reaction. (b) What is the limiting reactant? 
(c) How many molecules of ammonia can be made, assum- 
ing the reaction goes to completion, based on the diagram? 
(d) Are any reactant molecules left over, based on the diagram? 
If so, how many of which type are left over? [Section 3.7] 
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3.68 
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Nitrogen monoxide and oxygen react to form nitrogen dioxide. 
Consider the mixture of NO and O; shown in the accompany- 
ing diagram. The blue spheres represent N, and the red ones 
represent O. (a) How many molecules of NO, can be formed, 
assuming the reaction goes to completion? (b) What is the lim- 
iting reactant? (c) If the actual yield of the reaction was 75% 
instead of 100%, how many molecules of each kind would be 
present after the reaction was over? 


Chemical Equations and Simple Patterns 
of Chemical Reactivity (Section 3.1) 


3.69 


3.70 


3.71 


3.72 


A key step in balancing chemical equations is correctly iden- 
tifying the formulas of the reactants and products. For exam- 
ple, consider the reaction between calcium oxide, CaO(s), and 
H,O(/) to form aqueous calcium hydroxide. (a) Write a bal- 
anced chemical equation for this combination reaction, hav- 
ing correctly identified the product as Ca(OH)2(aq). (b) Is it 
possible to balance the equation if you incorrectly identify the 
product as CaOH(aq), and if so, what is the equation? 


Balance the following equations: 

(a) HC1O,(aq) + PyOjo(s) —> HPO3(aq) + C10,(1) 

(b) AupS3(s) + Ho(g) —> Au(s) + H2S(g) 

(c) Ba3Na(s) + H2O(aq) —> Ba(OH)2(aq) + NH3(g) 

(d) Na,CO3(aq) + HCl(aq) —> NaCl(aq) + H20(1) + CO2(g) 
Balance the following equations: 

(a) CF4(1) + Br(g) —> CBr(/) + F2(3) 

(b) Cu(s) + HNO3(aq) —> Cu(NOs)2(aq) + NO2(8) + H20() 
(c) MnO2(s) + HCl(aq) —> MnCl,(s) + H2O(1) + Clo(g) 
(d) KOH(aq) + H3POq(aq) — K;PO4(aq) + H20(1) 

Write balanced chemical equations to correspond to each 
of the following descriptions: (a) When sulfur trioxide gas 
reacts with water, a solution of sulfuric acid forms.(b) Boron 
sulfide, B2S3(s), reacts violently with water to form dissolved 
boric acid, H3BO3, and hydrogen sulfide gas. (c) Phosphine, 
PH3(g), combusts in oxygen gas to form water vapor and 
solid tetraphosphorus decaoxide. (d) When solid mercury(ID 
nitrate is heated, it decomposes to form solid mercury(I) 
oxide, gaseous nitrogen dioxide, and oxygen. (e) Copper 


metal reacts with hot concentrated sulfuric acid solution to 
form aqueous copper(II) sulfate, sulfur dioxide gas, and water. 


Patterns of Chemical Reactivity (Section 3.2) 


3.73 
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(a) When a compound containing C, H, and O is completely 
combusted in air, what reactant besides the hydrocarbon 
is involved in the reaction? (b) What products form in this 
reaction? (c) What is the sum of the coefficients in the bal- 
anced chemical equation for the combustion of one mole of 
acetone, C3H,O(/), in air? 

Write a balanced chemical equation for the reaction that oc- 
curs when (a) titanium metal reacts with O2(g); (b) silver(I) 
oxide decomposes into silver metal and oxygen gas when 
heated; (c) propanol, C;H,OH(/) burns in air; (d) methyl 
tert-butyl ether, CsH120(1), burns in air. 


3.75 


Balance the following equations and indicate whether 
they are combination, decomposition, or combustion 
reactions: 


(a) NaClO3(s) —> NaCl(s) + O2(g) 

(b) NH,OH(aq) —> H,O(1) + NH3(g) 

(c) K(s) + Cla) —> KC\s) 

(d) C,HsOH(/) + O28) —> CO2(g) + H200) 


Formula Weights (Section 3.3) 


3.76 


3.77 


3.78 


Determine the formula weights of each of the following 
compounds: (a) Butyric acid, CH,CH,CH,COOH, which is 
responsible for the rotten smell of spoiled food; (b) sodium 
perborate, NaBO,, a substance used as bleach; (c) calcium 
carbonate, CaCO, a substance found in marble. (c) CF,CL,, 
a refrigerant known as Freon; (d) NaHCO,, known as baking 
soda and used in bread and pastry baking; (e) iron pyrite, FeS,, 
which has a golden appearance and is known as “Fool’s Gold.” 


Calculate the percentage by mass of the indicated element in the 
following compounds: (a) hydrogen in methane, CH,, the major 
hydrocarbon in natural gas; (b) oxygen in vitamin E, C,,H,,O,; 
(c) sulphur in magnesium sulphate, MgSO,, a substance used 
as a drying agent; (d) nitrogen in epinephrine, C,H,,NO, , also 
known as adrenalin, a hormone that is important for the fight- 
or-flight response; (e) oxygen in the insect pheromone sulcatol, 
C,H,,O; (£) carbon in sucrose, C,,H,,O,,, the compound that is 
responsible for the sweet taste of table sugar. 


Calculate the percentage of carbon by mass in each of the 
compounds represented by the following models: 


qa 2o 


(a) (b) 


Sa 


(c) (d) 


Avogadro’s Number and the Mole (Section 3.4) 


3.79 


3.80 


3.81 


3.82 


(a) What is the mass, in grams, of one mole of 7°Br? (b) How 
many bromine atoms are present in one mole of 7°Br? 


Without doing any detailed calculations (but using a periodic 
table to give atomic weights), rank the following samples in 
order of increasing numbers of atoms: 0.2 mol PCI, mole- 
cules, 80 g Fe,O3, 3.0 X 1073 CO molecules. 


Calculate the following quantities: 

(a) mass, in grams, of 1.50 Xx 107? mol CdS 

(b) number of moles of NH,Cl in 86.6 g of this substance 
(c) number of molecules in 8.447 X 10-7 mol C6H6 

(d) number of O atoms in 6.25 x 10 mol Al(NO3)3 


(a) What is the mass, in grams, of 1.223 mol of iron(II) 
sulfate? 


(b) How many moles of ammonium ions are in 6.955 g of 
ammonium carbonate? 


3.83 


3.84 


3.85 


(c) What is the mass, in grams, of 1.50 x 107! molecules of 
aspirin, CgHgO4? 

(d) What is the molar mass of diazepam (Valium?) if 0.05570 
mol has a mass of 15.86 g? 


The molecular formula of salicylic acid, a compound com- 
monly found in facial cleanser, is C,H,O3. (a) What is the 
molar mass of salicylic acid? (b) How many moles of salicylic 
acid are present in 0.5 mg of this substance? (c) How many 
molecules of salicylic acid are in 0.5 mg of this substance? 
(d) How many oxygen atoms are present in 0.5 mg of salicylic 
acid? 

A sample of the male sex hormone testosterone, Cy9H2gO2, 
contains 3.88 x 107! hydrogen atoms. (a) How many atoms 
of carbon does it contain? (b) How many molecules of 
testosterone does it contain? (c) How many moles of testos- 
terone does it contain? (d) What is the mass of this sample in 
grams? 


At least 25 ug of tetrahydrocannabinol (THC), the active 
ingredient in marijuana, is required to produce intoxi- 
cation. The molecular formula of THC is Cy,H3 902. How 
many moles of THC does this 25 wg represent? How many 
molecules? 


Empirical Formulas from Analyses (Section 3.5) 


3.86 


3.87 


3.88 


3.89 


3.90 


3.91 


Determine the empirical formula of each of the following 
compounds if a sample contains (a) 3.92 mol C, 5.99 mol H, 
and 2.94 mol O; (b) 12.0 g calcium and 2.8 g nitrogen; (c) 
89.14% Au and 10.86% O by mass. 


Determine the empirical formulas of the compounds with 
the following compositions by mass: 


(a) 42.1% Na, 18.9% P and 39.0% O 
(b) 18.7% Li, 16.3% C, and 65.0% O 
(c) 60.0% C, 4.4% H, and the remainder O 


The compound XCl, contains 75.0% Cl by mass. What is the 
element X? 


What is the molecular formula of each of the following 
compounds? 


(a) empirical formula CH,O, molar mass = 62.0 g/mol 
(b) empirical formula NH,, molar mass = 32.0 g/mol 


Determine the empirical and molecular formulas of each 
of the following substances: 


(a) Ibuprofen, a headache remedy, contains 75.69% C, 
8.80% H, and 15.51% O by mass and has a molar mass 
of 206 g/mol. 


(b) Cadaverine, a foul-smelling substance produced by 
the action of bacteria on meat, contains 58.55% C, 
13.81% H, and 27.40% N by mass; its molar mass is 
102.2 g/mol. 


(c) Epinephrine (adrenaline), a hormone secreted into the 
bloodstream in times of danger or stress, contains 59.0% 
C, 7.1% H, 26.2% O, and 7.7% N by mass; its molar mass 
is about 180 u. 


(a) The characteristic odor of pineapple is due to ethyl butyr- 
ate, a compound containing carbon, hydrogen, and oxygen. 
Combustion of 2.78 mg of ethyl butyrate produces 6.32 mg 
of CO, and 2.58 mg of H,O. What is the empirical formula 
of the compound? (b) Nicotine, a component of tobacco, is 
composed of C, H, and N. A 5.250-mg sample of nicotine was 
combusted, producing 14.242 mg of CO, and 4.083 mg of 
H20. What is the empirical formula for nicotine? If nicotine 
has a molar mass of 160 + 5 g/mol, what is its molecular 
formula? 


3.92 


3.93 
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Propenoic acid, C3H4Oz, is a reactive organic liquid that is used 
in the manufacturing of plastics, coatings, and adhesives. 
An unlabeled container is thought to contain this liquid. 
A0.275-g sample of the liquid is combusted to produce 0.102 g 
of water and 0.374 g carbon dioxide. Is the unknown liquid 
propenoic acid? Support your reasoning with calculations. 


Epsom salts, a strong laxative used in veterinary medicine, is 
a hydrate, which means that a certain number of water mol- 
ecules are included in the solid structure. The formula for 
Epsom salts can be written as MgSO, + xH20, where x indicates 
the number of moles of H20 per mole of MgSO,. When 5.061 g 
of this hydrate is heated to 250 °C, all the water of hydration is 
lost, leaving 2.472 g of MgSO,. What is the value of x? 


Reaction Stoichiometry (Section 3.6) 


3.94 


3.95 


3.96 


3.97 


The reaction between potassium superoxide, KO2, and CO, 
4KO, + 2CO, —> 2K,CO3 + 3 Oo 

is used as a source of O, and absorber of CO, in self- 

contained breathing equipment used by rescue workers. 


(a) How many moles of O; are produced when 0.400 mol of 
KO, reacts in this fashion? 


(b) How many grams of KO; are needed to form 7.50 g of O2? 


(c) How many grams of CO, are used when 7.50 g of O; are 
produced? 


An iron ore sample contains Fe2O0; together with other sub- 
stances. Reaction of the ore with CO produces iron metal: 


Fe,O3(s) + CO(g) CO2(g) 


> Fe(s) 4 
(a) Balance this equation. 


(b) Calculate the number of grams of CO that can react 
with 0.350 kg of Fe,O3. 

(c) Calculate the number of grams of Fe and the number of 
grams of CO, formed when 0.350 kg of Fe2O3 reacts. 


(d) Show that your calculations in parts (b) and (c) are con- 
sistent with the law of conservation of mass. 


Calcium hydride reacts with water to form calcium hy- 
droxide and hydrogen gas. (a) Write a balanced chemical 
equation for the reaction. (b) How many grams of calcium 
hydride are needed to form 4.500 g of hydrogen? 


The complete combustion of octane, CgH;g, a component of 
gasoline, proceeds as follows: 


2 CgHj(1) + 25 Oo(g) —> 16 CO2(g) + 18 H2O(g) 

(a) How many moles of O; are needed to burn 1.50 mol of 
CsH18? 

(b) How many grams of O; are needed to burn 10.0 g of CsH18? 


(c) Octane has a density of 0.692 g/mL at 20 °C. How many 
grams of O, are required to burn 15.0 gal of CgHjg (the 
capacity of an average fuel tank)? 


(d) How many grams of CO, are produced when 15.0 gal of 
CsHıg are combusted? 
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Detonation of nitroglycerin proceeds as follows: 
4 C3HsN300(!) —> 

12 CO2(g) + 6 Na(g) + O2(8) + 10 H20(g) 
(a) Ifa sample containing 2.00 mL of nitroglycerin (density = 
1.592 g/mL) is detonated, how many moles of gas are pro- 
duced? (b) If each mole of gas occupies 55 L under the condi- 


tions of the explosion, how many liters of gas are produced? 
(c) How many grams of N; are produced in the detonation? 


The combustion of one mole of liquid octane, CH3(CH2)sCH3, 
produces 5470 kJ of heat. Calculate how much heat is pro- 
duced if 1.000 gallon of octane is combusted. See Exercise 3.97 
for necessary information about octane. 


Limiting Reactants (Section 3.7) 


3.100 


3.101 


Define the terms theoretical yield, actual yield, and percent 
yield. (b) Why is the actual yield in a reaction almost always 
less than the theoretical yield? (c) Can a reaction ever have 
110% actual yield? 


Consider the mixture of propane, C3Hg, and Oz shown here. 
(a) Write a balanced equation for the combustion reaction that 
occurs between propane and oxygen. (b) Which reactant is the 
limiting reactant? (c) How many molecules of CO2, H20, C3Hg, 
and O, will be present if the reaction goes to completion? 


3.102 


3.103 


3.104 


3.105 


3.106 


Aluminum hydroxide reacts with sulfuric acid as follows: 

2 Al(OH)3(s) + 3 H2SO4(aq) —> Alo(SO4)3(aq) + 6 H20(1) 
Which is the limiting reactant when 0.500 mol Al(OH); and 
0.500 mol H2SO, are allowed to react? How many moles of 


Al,(SO4)3 can form under these conditions? How many moles of 
the excess reactant remain after the completion of the reaction? 


One of the steps in the commercial process for converting 
ammonia to nitric acid is the conversion of NH3 to NO: 


4NH3(g) + 5 O2(g) — 4NO(g) + 6 H20(g) 


In a certain experiment, 2.00 g of NH; reacts with 2.50 g of 
Op. (a) Which is the limiting reactant? (b) How many grams 
of NO and H,O form? (c) How many grams of the excess re- 
actant remain after the limiting reactant is completely con- 
sumed? (d) Show that your calculations in parts (b) and (c) 
are consistent with the law of conservation of mass. 


Solutions of sulfuric acid and lead(II) acetate react to form solid 
lead (II) sulfate and a solution of acetic acid. If 5.00 g of sulfuric 
acid and 5.00 g of lead(II) acetate are mixed, calculate the num- 
ber of grams of sulfuric acid, lead(II) acetate, lead(II) sulfate, and 
acetic acid present in the mixture after the reaction is complete. 


When ethane (C2H6) reacts with chlorine (Cl,), the main 
product is C,H;Cl, but other products containing Cl, such 
as CyH4Cly, are also obtained in small quantities. The for- 
mation of these other products reduces the yield of C,H;Cl. 
(a) Calculate the theoretical yield of C,H;Cl when 125 g of 
C2H6 reacts with 255 g of Cl, assuming that C2H6 and Cly 
react only to form C,H,Cl and HCI. (b) Calculate the percent 
yield of C2H;Cl if the reaction produces 206 g of C,H;Cl. 


When hydrogen sulfide gas is bubbled into a solution of 
sodium hydroxide, the reaction forms sodium sulfide and 
water. How many grams of sodium sulfide are formed if 
1.25 g of hydrogen sulfide is bubbled into a solution contain- 
ing 2.00 g of sodium hydroxide, assuming that the sodium 
sulfide is made in 92.0% yield? 


Additional Exercises 


3.107 


3.108 


3.109 


3.110 


Write balanced chemical equations for (a) the complete 
combustion of acetone (CH,COCH,), a common or- 
ganic solvent; (b) the decomposition of solid mercury (I) 
carbonate into carbon dioxide gas, mercury, and solid mer- 
cury oxide; (c) the combination reaction between sulphur 
dioxide gas and liquid water to produce sulfurous acid. 


If 2.0 mol CH,CH,CH,COOH, 2.0 mol C,H,,, and 2.0 mol 
C,H, are completely combusted in oxygen, which one 
produces the largest number of moles of H,O? Which one 
produces the least? Explain. 


Calcium is an essential nutrient in our body. It is important for 
bone health. Four common calcium-containing supplements 
are calcium carbonate (CaCO,), calcium citrate (Ca,C,,H,.0j,), 
calcium gluconate (CaC,,H,,O,,), and calcium lactate 
(CaC,H,,O,). Rank these calcium supplements in terms of the 
mass percentage of calcium they contain. 


(a) Ibuprofen is a common over-the-counter analgesic with 
the formula C,,H,,O,. How many moles of C,,H,,O, are in a 
500-mg tablet of ibuprofen? Assume the tablet is composed 
entirely of ibuprofen. (b) How many molecules of C,,H,.0, 
are in this tablet? (c) How many oxygen atoms are in the 
tablet? 


3.111 Very small semiconductor crystals, composed of approx- 


imately 1000 to 10,000 atoms, are called quantum dots. 
Quantum dots made of the semiconductor CdSe are now 
being used in electronic reader and tablet displays because 
they emit light efficiently and in multiple colors, depending 
on dot size. The density of CdSe is 5.82 g/cm?. 


(a) What is the mass of one 2.5-nm CdSe quantum dot? 


(b) CdSe quantum dots that are 2.5 nm in diameter emit 
blue light upon stimulation. Assuming that the dot is a 
perfect sphere and that the empty space in the dot can 
be neglected, calculate how many Cd atoms are in one 
quantum dot of this size. 

(c) What is the mass of one 6.5-nm CdSe quantum dot? 

(d) CdSe quantum dots that are 6.5 nm in diameter emit 

red light upon stimulation. Assuming that the dot is a 

perfect sphere, calculate how many Cd atoms are in one 

quantum dot of this size. 


(e) If you wanted to make one 6.5-nm dot from multiple 
2.5-nm dots, how many 2.5-nm dots would you need, 
and how many CdSe formula units would be left over, 
if any? 


3.112 
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3.116 


3.117 


3.118 
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(a) One molecule of the antibiotic penicillin G has a mass 
of 5.342 x 10-7! g. What is the molar mass of penicillin G? 
(b) Hemoglobin, the oxygen-carrying protein in red blood cells, 
has four iron atoms per molecule and contains 0.340% iron by 
mass. Calculate the molar mass of hemoglobin. 


Cinnamaldehyde is a compound that is responsible for the 
characteristic aroma of cinnamon. It contains 81.79% C, 
6.10% H, and the remaining is oxygen. Its molar mass is 
132 g/mol. Determine its molecular formula. 


Fructose, commonly called fruit sugar, is a monosaccha- 
ride found in many plants. It contains 40% C, 6.71% H, 
and the remainder O. (a) What is the empirical formula 
for fructose? (b) A mass spectrum of fructose shows a 
peak at about 180 u. What is the molecular formula of the 
substance? 


Vanillin, the dominant flavoring in vanilla, contains C, H, 
and O. When 1.05 g of this substance is completely com- 
busted, 2.43 g of CO, and 0.50 g of H2O are produced. What 
is the empirical formula of vanillin? 


An organic compound was found to contain only C, H, and Cl. 
When a 1.50-g sample of the compound was completely com- 
busted in air, 3.52 g of CO, was formed. In a separate experi- 
ment, the chlorine in a 1.00-g sample of the compound was 
converted to 1.27 g of AgCl. Determine the empirical formula 
of the compound. 


A compound, Na,Cr,O,, where x is unknown, is analyzed 
and found to contain 39.70% Cr. What is the value of x? 


An element X forms an iodide (XI;) and a chloride (XCl;). 
The iodide is quantitatively converted to the chloride when 
it is heated in a stream of chlorine: 

2 Xl; + 3 Cl; > 2XCl; + 31 


If 0.5000 g of XI; is treated with chlorine, 0.2360 g of XCl; is 
obtained. (a) Calculate the atomic weight of the element X. 
(b) Identify the element X. 


A method used by the U.S. Environmental Protection Agency 
(EPA) for determining the concentration of ozone in air is to pass 
the air sample through a “bubbler” containing sodium iodide, 
which removes the ozone according to the following equation: 
O3(g) + 2 Nal(aq) + H,O(1) —> 

O2(g) + (s) + 2 NaOH(aq) 


3.120 


3.121 


3.122 


3.123 


3.124 


3.125 
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(a) How many moles of sodium iodide are needed to remove 
5.95 x 10° mol of O03? (b) How many grams of sodium 
iodide are needed to remove 1.3 mg of O3? 


A chemical plant uses electrical energy to decompose aque- 
ous solutions of NaCl to give Cl), H2, and NaOH: 


2 NaCl(aq) + 2H,O(1) —> 2 NaOH(aq) + H2(g) + Clo(g) 


If the plant produces 1.5 X 10° kg (1500 metric tons) of Cl, 
daily, estimate the quantities of H and NaOH produced. 


The fat stored in a camel’s hump is a source of both energy and 
water. Calculate the mass of H2O produced by the metabolism 
of 1.0 kg of fat, assuming the fat consists entirely of tristearin 
(Cs7H11006), a typical animal fat, and assuming that during me- 
tabolism, tristearin reacts with O, to form only CO, and H,0. 


When hydrocarbons are burned in a limited amount of air, both 
CO and CO, form. When 0.450 g of a particular hydrocarbon was 
burned in air, 0.467 g of CO, 0.733 g of COz, and 0.450 g of HzO 
were formed. (a) What is the empirical formula of the compound? 
(b) How many grams of O; were used in the reaction? (c) How 
many grams would have been required for complete combustion? 


A mixture of N2(g) and H2(g) reacts in a closed container 
to form ammonia, NH3(g). The reaction ceases before 
either reactant has been totally consumed. At this stage 
3.0 mol Nz, 3.0 mol Hz, and 3.0 mol NH; are present. How 
many moles of N and H; were present originally? 


A mixture containing KC1O3, KyCO3, KHCO3, and KCl was 
heated, producing CO, Oz, and H2O gases according to the 
following equations: 


2 KC1O3(s) —> 2 KCl(s) + 3 Oo(g) 
2 KHCO3(s) —> K20(s) + H2O(g) + 2 CO2(g) 
K,CO3(s) —> K20(s) + CO2(8) 
The KCI does not react under the conditions of the reaction. If 
100.0 g of the mixture produces 1.80 g of H2O, 13.20 g of CO,, 


and 4.00 g of O2, what was the composition of the original 
mixture? (Assume complete decomposition of the mixture.) 


When a mixture of 10.0 g of acetylene (C2H2) and 10.0 g of 
oxygen (O2) is ignited, the resulting combustion reaction 
produces CO, and H,O. (a) Write the balanced chemical 
equation for this reaction. (b) Which is the limiting reac- 
tant? (c) How many grams of C2H3, O2, COz, and H,O are 
present after the reaction is complete? 


E 
Integrative Exercises 


These exercises require skills from earlier chapters as well as skills 
from the present chapter. 


3.126 


3.127 


3.128 


Boron nitride, BN, is an electrical insulator with remarkable 
thermal and chemical stability. Its density is 2.1 g/cm?. It can 
be made by reacting boric acid, H,BO,, with ammonia. The 
other product of the reaction is water. (a) Write a balanced 
chemical equation for the synthesis of BN. (b) If you made 
225 g of boric acid react with 150 g ammonia, what mass of 
BN could you make? (c) Which reactant, if any, would be 
left over, and how many moles of leftover reactant would re- 
main? (d) One application of BN is as thin film for electrical 
insulation. If you take the mass of BN from part (a) and make a 
0.4 mm thin film from it, what area, in cm2, would it cover? 


Viridicatumtoxin B, C,)H,NO,o, is a natural antibiotic com- 
pound. It requires a synthesis of 12 steps in the laboratory. 
Assuming all steps have equivalent yields of 85%, which is 
the final percent yield of the total synthesis? 


Consider a sample of calcium carbonate in the form of a cube 
measuring 2.005 in. on each edge. If the sample has a density 
of 2.71 g/cm’, how many oxygen atoms does it contain? 


3.129 
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(a) You are given a cube of silver metal that measures 1.000 
cm on each edge. The density of silver is 10.5 g/cm’. How 
many atoms are in this cube? (b) Because atoms are spher- 
ical, they cannot occupy all of the space of the cube. The 
silver atoms pack in the solid in such a way that 74% of the 
volume of the solid is actually filled with the silver atoms. 
Calculate the volume of a single silver atom. (c) Using the 
volume of a silver atom and the formula for the volume of a 
sphere, calculate the radius in angstroms of a silver atom. 


(a) If an automobile travels 350 km with a gas mileage of 9.0 
km/L, how many kilograms of CO, are produced? Assume 
that the gasoline is composed of octane, CgH;.(/), whose 
density is 0.692 g/mL. (b) Repeat the calculation for a truck 
that has a gas mileage of 2 km/L. 


Section 2.9 introduced the idea of structural isomerism, with 
1-propanol and 2-propanol as examples. Determine which 
of these properties would distinguish these two substances: 
(a) boiling point, (b) combustion analysis results, (c) molec- 
ular weight, (d) density at a given temperature and pressure. 
You can check on the properties of these two compounds in 
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Wolfram Alpha (http://www.wolframalpha.com/) or the CRC 
Handbook of Chemistry and Physics. 


3.132 NO, is a generic term for the nitrogen oxides, NO and NO,. 
NO, gases are air pollutants that react to form smog and acid 
rain. In order to reduce NO, emission from vehicle, catalytic 
converters are installed in car exhausts to decompose NO 
and NO, respectively into N, and O, (a) Write the balanced 
chemical equations for the decomposition of NO and NO, 
respectively. (b) If the car produces 100 g NO, a day, with 
equal mole ratio of NO and NO,, how many grams of NO 
and NO, are produced respectively? 


3.133 Hydrogen cyanide, HCN, is a poisonous gas. The lethal dose is 
approximately 300 mg HCN per kilogram of air when inhaled. 
(a) Calculate the amount of HCN that gives the lethal dose 
in a small laboratory room measuring 3.5 X 4.5 X 2.5m. 
The density of air at 26 °C is 0.00118 g/cm’. (b) If the HCN 
is formed by reaction of NaCN with an acid such as H2SOq4, 
what mass of NaCN gives the lethal dose in the room? 


2NaCN(s) + H2SO4(aq) —> Na2SO,4(aq) + 2 HCN(g) 


(c) HCN forms when synthetic fibers containing Orlon? or Ac- 
rilan® burn. Acrilan® has an empirical formula of CH2,CHCN, 
so HCN is 50.9% of the formula by mass. A rug measures 
3.5 x 4.5m and contains 850 g of Acrilan® fibers per square 
yard of carpet. If the rug burns, will a lethal dose of HCN be 
generated in the room? Assume that the yield of HCN from 
the fibers is 20% and that the carpet is 50% consumed. 


3.134 The source of oxygen that drives the internal combustion 
engine in an automobile is air. Air is a mixture of gases, prin- 
cipally N2(~79%) and O2(~20%). In the cylinder of an au- 
tomobile engine, nitrogen can react with oxygen to produce 
nitric oxide gas, NO. As NO is emitted from the tailpipe of 
the car, it can react with more oxygen to produce nitrogen 
dioxide gas. (a) Write balanced chemical equations for both 
reactions. (b) Both nitric oxide and nitrogen dioxide are 
pollutants that can lead to acid rain and global warming; 
collectively, they are called “NO,” gases. In 2009, the United 
States emitted an estimated 19 million tons of nitrogen di- 
oxide into the atmosphere. How many grams of nitrogen 
dioxide is this? (c) The production of NO, gases is an un- 
wanted side reaction of the main engine combustion pro- 
cess that turns octane, CgHjg, into CO, and water. If 85% of 
the oxygen in an engine is used to combust octane and the 


remainder used to produce nitrogen dioxide, calculate how 
many grams of nitrogen dioxide would be produced during 
the combustion of 500 g of octane. 


3.135 The thermite reaction, 
Fe,03 ote Al —> Al,O3 + Fe 


produces so much heat that the Fe product melts. This re- 
action is used industrially to weld metal parts under water, 
where a torch cannot be employed. It is also a favorite chem- 
ical demonstration in the lecture hall (on a small scale). 


(a) Balance the chemical equation for the thermite reaction, 
and include the proper states of matter. 

(b) Calculate how many grams of aluminum are needed to 
completely react with 500.0 g of Fe2O0; in this reaction. 

(c) This reaction produces 852 kJ of heat per mole of Fe,O3 
reacted. How many grams of Fe,O3 are needed to pro- 
duce 1.00 X 10* kJ of heat? 

(d) If you performed the reverse reaction— aluminum oxide 
plus iron makes iron oxide plus aluminum—would that 
reaction have heat as a reactant or a product? 


3.136 One of the most bizarre reactions in chemistry is called the 
Ugi reaction: 
R,C(=O)R, + R3 — NH; + R4COOH + R;NC > 
R4yC(=O)N(R3)C(RiR2) C=ONHRs + H20 
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(a) Write out the balanced chemical equation for the Ugi re- 
action, for the case where R = CH3CH,CH,CH,CH,CH,— 
(this is called the hexyl group) for all compounds. (b) What 
mass of the “hexyl Ugi product” would you form if 435.0 mg of 
CH; CHzCH2CH,CH,CH,NH, was the limiting reactant? 


Design an Experiment 


You will learn later in this book that sulfur is capable of forming two 
common oxides, SO, and SO3. One question that we might ask is 
whether the direct reaction between sulfur and oxygen leads to the 
formation of SO2, SO}, or a mixture of the two. This question has prac- 
tical significance because SO; can go on to react with water to form 
sulfuric acid, HzSO4, which is produced industrially on a very large 
scale. Consider also that the answer to this question may depend on 
the relative amount of each element that is present and the tempera- 
ture at which the reaction is carried out. For example, on the one 
hand, carbon and oxygen normally react to form CO, but when 
not enough oxygen is present, CO can form. On the other hand, 
under normal reaction conditions Hz and O; react to form water, 
H,0 (rather than hydrogen peroxide H202), regardless of the starting 
ratio of hydrogen to oxygen. 

Suppose you are given a bottle of sulfur, which is a yellow solid, 
a cylinder of O}, a transparent reaction vessel that can be evacu- 
ated and sealed so that only sulfur, oxygen, and the product(s) of 
the reaction between the two are present, an analytical balance so 


that you can determine the masses of the reactants and/or products, 
and a furnace that can be used to heat the reaction vessel to 200 °C 
where the two elements react. (a) If you start with 0.10 mol of sulfur 
in the reaction vessel how many moles of oxygen would need to be 
added to form SO,, assuming SO, forms exclusively? (b) How many 
moles of oxygen would be needed to form SO3, assuming SO3 forms 
exclusively? (c) Given the available equipment, how would you de- 
termine you had added the correct number of moles of each reac- 
tant to the reaction vessel? (d) What observation or experimental 
technique would you use to determine the identity of the reaction 
product(s)? Could differences in the physical properties of SO, and 
SO; be used to help identify the product(s)? Have any instruments 
been described in Chapters 1-3 that would allow you to identify the 
product(s)? (e) What experiments would you conduct to determine 
if the product(s) of this reaction (either SO, or SO; or a mixture of 
the two) can be controlled by varying the ratio of sulfur and oxygen 
that are added to the reaction vessel? What ratio(s) of S to O, would 
you test to answer this question? 
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Water is the most abundant liquid on our planet. It covers nearly two-thirds of our planet, 
and this simple substance has been the key to much of Earth’s evolutionary history. Life 
almost certainly originated in water, and the need for water by all forms of life has helped 
determine diverse biological structures. Indeed, most of the mass of our bodies is water, 
and it has a composition close to that of seawater. The chemical reactions responsible for 
life occur in water. By the end of this section, you should be able to 


e Identify what occurs when a substance dissolves in water 


A solution is a homogeneous mixture of two or more substances. The substance present 
in the greatest quantity is usually called the solvent, and the other substances are called 
solutes; they are said to be dissolved in the solvent. When a small amount of sodium 
chloride (NaCl) is dissolved in a large quantity of water, for example, water is the solvent 
and sodium chloride is the solute. 


Electrolytes and Nonelectrolytes 


At a young age we learn not to bring electrical devices into the bathtub so as not to elec- 
trocute ourselves. That is a useful lesson because most of the water we encounter in daily 
life is electrically conducting. Pure water, however, is a very poor conductor of electricity. 
The conductivity of bathwater originates from the substances dissolved in the water, not 
from the water itself. 

Not all substances that dissolve in water make the resulting solution conducting. 
Figure 4.1 shows a simple experiment to test the electrical conductivity of three solu- 
tions: pure water, a solution of table sugar (sucrose) in water, and a solution of table salt 
(sodium chloride) in water. A light bulb is connected to a battery-powered electrical cir- 
cuit that contains two electrodes submerged in a beaker of each solution. In order for the 
light bulb to turn on, there must be an electrical current (that is, a flow of electrically 
charged particles) between the two electrodes immersed in the solution. Because the 
light bulb does not turn on in pure water, we conclude that there are not enough charged 
particles in pure water to create a circuit; water must then mostly exist as H,O molecules. 
The solution containing sucrose (C 2H 201) also does not turn on the light bulb; there- 
fore, we conclude that the sucrose molecules in solution are uncharged. But the solution 
containing NaCl does provide enough charged particles to create an electrical circuit and 
turn on the light bulb. This is experimental evidence that Na* and Cl ions are formed in 
aqueous solution. 

A substance (such as NaCl) whose aqueous solutions contain ions is called an 
electrolyte. A substance (such as C,H 20 ,) that does not form ions in solution is 
called a nonelectrolyte. The different classifications of NaCl and C,2H 20), arise 
largely because NaCl is an ionic compound, whereas C,H 20), isa molecular compound. 


Pure water does not A nonelectrolyte solution An electrolyte solution 
conduct electricity. does not conduct electricity. conducts electricity. 


Pure water, Sucrose solution, Sodium chloride solution, 
H,O() Cy9H5.044 (aq) NaCl(aq) 


A Figure 4.1 Completion of an electrical circuit with an electrolyte turns on the light. 
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How Compounds Dissolve in Water 


Recall from Figure 2.17 that solid NaCl consists of an orderly arrangement of Na* and Cl- 
ions. When NaCl dissolves in water, each ion separates from the solid structure and disperses 
throughout the solution [Figure 4.2(a)]. The ionic solid dissociates into its component 
ions as it dissolves. 

Water is a very effective solvent for ionic compounds. 

Although H20 has no overall charge, the O atom is rich in elec- \ 6t 
trons and has a partial negative charge relative to the H atoms, 

while each H atom has a partial positive charge. The lowercase 

Greek letter delta (6) is used to denote partial charge: A partial neg- ) &t 
ative charge is denoted 6 (“delta minus”), and a partial positive aa 

charge is denoted by 5* (“delta plus”). Cations are attracted by the 

negative end of H2O, and anions are attracted by the positive end. 

As an ionic compound dissolves, the ions become surrounded by H2O molecules, as 
shown in Figure 4.2(a). The ions are said to be solvated. In chemical equations, we denote 
solvated ions by writing them as Na‘(aq) and Cl (aq), where aq is an abbreviation for 
“aqueous.” Solvation helps stabilize the ions in solution and prevents cations and 
anions from recombining. Furthermore, because the ions and their shells of surrounding 
water molecules are free to move about, the ions become dispersed uniformly through- 
out the solution. 

We can usually predict the nature of the ions in a solution of an ionic compound 
from the chemical name of the substance. Sodium sulfate (Na2SOx4), for example, 


W Go Figure Do both, just one, or neither of the following solutions conduct 


i) H2O molecules 
separate Nat and CIT 
ions from solid NaCl. 


electricity? If just one, which one? 


ions disperse 
throughout the 
solution. 


D 


4 2-3. g 


ooy 


? 9 È, 


A Figure 4.2 Dissolution in water. (a) When an ionic compound, such as sodium chloride, 

NaCl, dissolves in water, H2O molecules separate, surround, and uniformly disperse the ions 
into the liquid. (b) Molecular substances that dissolve in water, such as methanol, CH30H, 
usually do so without forming ions. We can think of methanol in water as a simple mixing of two 
molecular species. In both (a) and (b) the water molecules have been moved apart so that the 
solute particles can be seen clearly. 


(a) Ionic compounds like sodium chloride, (b) Molecular substances like methanol, 
NaCl, form ions when they dissolve. CH3OH, dissolve without forming ions. 
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dissociates into sodium ions (Na*) and sulfate ions (SO). You must remember the 
formulas and charges of common ions (Tables 2.4 and 2.5) to understand the forms in 
which ionic compounds exist in aqueous solution. 

When a molecular compound such as sucrose or methanol [Figure 4.2(b)] dissolves 
in water, the solution usually consists of intact molecules dispersed throughout the solu- 
tion. Consequently, most molecular compounds are nonelectrolytes. A few molecular 
substances do have aqueous solutions that contain ions. Acids are the most important of 
these solutions. For example, when HCl(g) dissolves in water to form HCl(aq), the mole- 
cule ionizes; that is, it dissociates into H'(aq) and CI (aq) ions. 


Strong and Weak Electrolytes 


Electrolytes differ in the extent to which they conduct electricity. Strong electrolytes 
are those solutes that exist in solution completely or nearly completely as ions. Essen- 
tially all water-soluble ionic compounds (such as NaCl) and a few molecular compounds 
(such as HCl) are strong electrolytes. Weak electrolytes are those solutes that exist in 
solution mostly in the form of neutral molecules with only a small fraction in the form 
of ions. For example, in a solution of acetic acid (CH;COOH), most of the solute is pres- 
ent as CH;COOH(aq) molecules. Only a small fraction (about 1%) of the CH;COOH has 
dissociated into H*(aq) and CH3COO (aq) ions.* 

We must be careful not to confuse the extent to which an electrolyte dissolves (its 
solubility) with whether it is strong or weak. For example, CH;COOH is extremely solu- 
ble in water but is a weak electrolyte. Ca(OH), in contrast, is not very soluble in water, 
but the amount that does dissolve dissociates almost completely. Thus, Ca(OH), is a 
strong electrolyte. 

When a weak electrolyte, such as acetic acid, ionizes in solution, we write the reac- 
tion in the form 


CH3COOH(aq) == CH3COO (aq) + H*(aq) [4.1] 


The half-arrows pointing in opposite directions mean that the reaction is significant in 
both directions. At any given moment some CHCOOH molecules are ionizing to form 
H* and CH3;COO7 ions, and some of the H* and CH3COO’ ions are recombining to form 
CHCOOH. The balance between these opposing processes determines the relative num- 
bers of ions and neutral molecules. This balance produces a state of chemical equilib- 
rium in which the relative numbers of each type of ion or molecule in the reaction are 
constant over time. Chemists use half-arrows pointing in opposite directions to represent 
reactions that go both forward and backward to achieve equilibrium, such as the ioniza- 
tion of weak electrolytes. In contrast, a single reaction arrow is used for reactions that 
largely go forward, such as the ionization of strong electrolytes. Because HCl is a strong 
electrolyte, we write the equation for the ionization of HCl as 


HCl(aq) —> H*(aq) + Cl (aq) [4.2] 


The absence of a left-pointing half-arrow indicates that the H* and Cl” ions have no ten- 
dency to recombine to form HCI molecules in aqueous solution. 

In the following sections, we will look at how a compound’s composition lets us pre- 
dict whether it is a strong electrolyte, weak electrolyte, or nonelectrolyte. For the moment, 
you need only to remember that water-soluble ionic compounds are strong electrolytes. Ionic 
compounds can usually be identified by the presence of both metals and nonmetals [for 
example, NaCl, FeSO4, and Al(NO3)3]. Ionic compounds containing the ammonium ion, 
NH, * [for example, NH,Br and (NH4)CO3], are exceptions to this rule of thumb. 


*The chemical formula of acetic acid is sometimes written HC,H30, so that the formula looks 
like that of other common acids such as HCl. The formula (CH3COOH) conforms to the molec- 
ular structure of acetic acid, with the acidic H on the O atom at the end of the formula. 


> Sample Exercise 4.1 


D Relating Relative Numbers of Anions and Cations to 


SOLUTION 


Analyze We are asked to associate the charged spheres in the diagram 
with ions present in a solution of an ionic substance. 


Plan We examine each ionic substance given to determine the relative 
numbers and charges of its ions. We then correlate these ionic 
species with the ones shown in the diagram. 


Solve The diagram shows twice as many cations as anions, 
consistent with the formulation K,SO,. 


Check Notice that the net charge in the diagram is zero, as it must 
be if it is to represent an ionic substance. 
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Chemical Formulas 


The accompanying diagram represents an aqueous solution of either MgCl», 
KCl, or K,SO, with the water molecules left out for clarity. Which solution 
does the drawing best represent? 


© 


> Practice Exercise 
If you were to draw diagrams representing aqueous solutions of 
(a) NiSOg, (b) Ca(NO3)o, (c) Na3POu, (d) Alp(SO4)3, how many 
anions would you show if each diagram contained six cations? 


Self-Assessment Exercise 


4.1 


Which of the following groups of substances contain only 
strong electrolytes? 


(a) KBr, SO,, CaCl, 
(b) HCl, NH,, NaOH 
(c) NaNO,, HCI, Rb,SO, 


Exercises 


4.2 


4.3 


State whether each of the following statements is true or 
false. Justify your answer in each case. 


(a) Electrolyte solutions conduct electricity because elec- 
trons are moving through the solution. 


(b) If you add a nonelectrolyte to an aqueous solution that 
already contains an electrolyte, the electrical conduc- 
tivity will not change. 


We have learned in this chapter that many ionic solids dis- 
solve in water as strong electrolytes; that is, as separated 
ions in solution. Which statement is most correct about 
this process? (a) Water is a strong acid and therefore is good 
at dissolving ionic solids. (b) Water is good at solvating 


4.4 


4.5 


ions because the hydrogen and oxygen atoms in water mol- 
ecules bear partial charges. (c) The hydrogen and oxygen 
bonds of water are easily broken by ionic solids. 


Ignoring protolysis reactions (i.e. proton transfer reaction), 
specify what ions are present in a solution upon dissolving 
each of the following substances in water: (a)Li,CO,, 
(b)(NH,),PO,, (c) Na,Cr,0,, (d) NaPF,. 


When carbon dioxide dissolves in water, it is in equilibrium 
with carbonic acid H,CO,, which is a weak electrolyte. 
What solutes are present in an aqueous solution of this 
compound? Write the chemical equation for the ioniza- 
tion of H,CO,. 
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4.2 | Precipitation Reactions 


“Hard” water contains calcium and magnesium ions. These ions can react with soap to 
form a white solid that forms around baths, showers and basins. This is an example of 
a chemical reaction between two soluble materials to form an insoluble product. Scum, 
as it is called, is harmless, though unsightly, and there are many cleaning products de- 
signed to remove it. 

By the end of this section, you should be able to 


e Predict if a precipitate forms when two aqueous solutions are mixed 


Figure 4.3 shows two clear solutions being mixed. One solution contains potassium 
iodide, KI, dissolved in water, and the other contains lead nitrate, Pb(NO3)2, dis- 
solved in water. The reaction between these two solutes produces a water-insoluble 
yellow solid. Reactions that result in the formation of an insoluble product are called 
precipitation reactions. A precipitate is an insoluble solid formed by a reaction 
in solution. In Figure 4.3 the precipitate is lead iodide (PbI,), a compound that has a very 
low solubility in water: 


Pb(NO3)2(aq) + 2 KI(aq) —> Pblo(s) + 2 KNO3(aq) [4.3] 


The other product of this reaction, potassium nitrate (KNO3), remains in solution. 

Precipitation reactions occur when pairs of oppositely charged ions attract each 
other so strongly that they form an insoluble ionic solid. To predict whether certain 
combinations of ions form insoluble compounds, we must consider some guidelines 
concerning the solubilities of common ionic compounds. 


Solubility Guidelines for Ionic Compounds 


The solubility of a substance at a given temperature is the amount of the substance 
that can be dissolved in a given quantity of solvent at that temperature. Any substance 
with a solubility less than 0.01 mol/L will be considered insoluble. In these cases, 
the attraction between the oppositely charged ions in the solid is too great for the water 
molecules to separate the ions to any significant extent; the substance remains largely 
undissolved. 

Unfortunately, there are no rules based on simple physical properties such as ionic 
charge to guide us in predicting whether a particular ionic compound will be soluble. 
Experimental observations, however, have led to guidelines for predicting solubility for 
ionic compounds. For example, experiments show that all common ionic compounds 
that contain the nitrate anion, NO3, are soluble in water. Table 4.1 summarizes the 


SECTION 4.2 Precipitation Reactions 181 


VY Go Figure Which ions remain in solution after Pbl, precipitation is complete? 


Pb?t (aq) and |” (aq) combine 
to form a precipitate. 


Because Pbl» 
is ionic, it forms 
a 3-dimensional 
structure. 


Reactants Products 


2 KI(aq) + Pb(NO3)(aq) 2 KNO;(aq) + PbI,(s) 
©) A Figure 4.3 A precipitation reaction. 


TABLE 4.1 Solubility Guidelines for Common Ionic Compounds in Water 


Soluble lonic Compounds Important Exceptions 
Compounds containing NO; None 
CH3COO- None 
cl Compounds of Ag*, Hg”, and Pb?* 
Bro Compounds of Ag*, Hg”, and Pb?* 
r Compounds of Ag*, Hg,”*, and Pb?” 
S0- Compounds of Sr?*, Ba”*, Hg,”*, and Pb** 
Insoluble lonic Compounds Important Exceptions 
Compounds containing S Compounds of NH", the alkali metal cations, Ca?*, Sr?*, and Ba”* 
CO3” Compounds of NH,” and the alkali metal cations 
BO Compounds of NH,” and the alkali metal cations 
OH” Compounds of NH,", the alkali metal cations, Ca?*, Sr?*, and Ba?” 


solubility guidelines for common ionic compounds. The table is organized according to 
the anion in the compound, but it also reveals many important facts about cations. Note 
that all common ionic compounds of the alkali metal ions (group 1 of the periodic table) and of 
the ammonium ion (NH,4") are soluble in water. 
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How to Predict Whether a Precipitate Forms When Strong Electrolytes Mix 
1. Note the ions present in the reactants. 


2. Consider the possible cation-anion combinations. 
3. Use Table 4.1 to determine if any of the combinations is insoluble. 


For example, will a precipitate form when solutions of Mg(NO3), and NaOH are 
mixed? Both substances are soluble ionic compounds and strong electrolytes. Mixing 
the solutions first produces a solution containing Mg”*, NO3 , Na*, and OH” ions. Will 
either cation interact with either anion to form an insoluble compound? Knowing from 
Table 4.1 that Mg(NO3)2 and NaOH are both soluble in water, our only possibilities are 
Mg” with OH” and Na* with NO; . From Table 4.1 we see that hydroxides are generally 
insoluble. Because Mg?” is not an exception, Mg(OH); is insoluble and thus forms a pre- 
cipitate. NaNO3, however, is soluble, so Nat and NO; remain in solution. The balanced 
equation for the precipitation reaction is 


Mg(NO3)2(aq) + 2 NaOH(aq) —> Mg(OH),(s) + 2 NaNO3(aq) [4.4] 


Exchange (Metathesis) Reactions 


Notice in Equation 4.4 that the reactant cations exchange anions—Mg”* ends up with 
OH, and Na* ends up with NO3 . The chemical formulas of the products are based on 
the charges of the ions—two OH ions are needed to give a neutral compound with 
Mg”*, and one NO; ion is needed to give a neutral compound with Na’. The equation can be 
balanced only after the chemical formulas of the products have been determined. 
Reactions in which cations and anions appear to exchange partners conform to the 
general equation 
AX + BY —> AY + BX [4.5] 


Example: AgNO3(aq) + KCl(aq) —> AgCl(s) + KNO3(aq) 
Such reactions are called either exchange reactions or metathesis reactions (meh- 


TATH-eh-sis, Greek for “to transpose”). Precipitation reactions conform to this pattern, as 
do many neutralization reactions between acids and bases, as we will see in Section 4.3. 


How To Balance a Metathesis Reaction 
1. Use the chemical formulas of the reactants to determine which ions are present. 


2. Write the chemical formulas of the products by combining the cation from one 
reactant with the anion of the other, using the ionic charges to determine the sub- 
scripts in the chemical formulas. 


3. Check the water solubilities of the products. For a precipitation reaction to occur, 
at least one product must be insoluble in water. 


4. Balance the equation. 


p Sample Exercise 4.2 
I Using Solubility Rules 


Classify these ionic compounds as soluble or insoluble in water: (a) sodium carbonate, Na2CO3, (b) lead sulfate, PbSO,. 


SOLUTION exception to this rule and are soluble. Thus, NazCO3 is soluble 
i ter. 

Analyze We are given the names and formulas of two ionic com- eee 

pounds and asked to predict whether they are soluble or insoluble (b) Table 4.1 indicates that although most sulfates are water soluble, 

in water. the sulfate of Pb?* is an exception. Thus, PbSO, is insoluble 
i ter. 

Plan We can use Table 4.1 to answer the question. Thus, we need eee 

to focus on the anion in each compound because the table is orga- 

nized by anions. 

Solve > Practice Exercise 

(a) According to Table 4.1, most carbonates are insoluble. But car- Which of the following compounds is insoluble in water? 


bonates of the alkali metal cations (such as sodium ion) are an (a) (NH,)2S (b) CaCO; (c) NaOH (d) Ag250; (e) Pb(CH3COO)2 
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> Sample Exercise 4.3 ( >) 


PF Predicting a Metathesis Reaction 


(a) Predict the identity of the precipitate that forms when aqueous solutions of BaCl and KSO; are mixed. (b) Write the 
balanced chemical equation for the reaction. 


SOLUTION most compounds of SO,” are soluble but those of Ba?* are 
not. Thus, BaSO, is insoluble and will precipitate from solu- 


Analyze We are given two ionic reactants and asked to predict the 
y 8 P tion. KCl is soluble. 


insoluble product that they form. 
(b) From part (a) we know the chemical formulas of the products, 


Plan We need to write the ions present in the reactants and ex- 
P BaSO, and KCI. The balanced equation is 


change the anions between the two cations. Once we have written 
the chemical formulas for these products, we can use Table 4.1 to BaCl,(aq) + K2SO4(aq) —> BaSO,(s) + 2 KCl(aq) 
determine which is insoluble in water. Knowing the products also 


allows us to write the equation for the reaction. 3 3 
> Practice Exercise 


Solve (a) What compound precipitates when aqueous solutions of 
(a) The reactants contain Ba?", Cl”, K*, and $O,?" ions. Exchang- Fe,(SO4)3 and LiOH are mixed? (b) Write a balanced equation 
ing the anions gives us BaSO, and KCl. According to Table 4.1, for the reaction. 


Ionic Equations and Spectator Ions 


In writing equations for reactions in aqueous solution, it is often useful to indicate 
whether the dissolved substances are present predominantly as ions or as molecules. 
Let’s reconsider the precipitation reaction between Pb(NO3)> and 2 KI (Eq. 4.3): 


Pb(NO3)2(aq) + 2 KI(aq) —— PbI,(s) + 2 KNO3(aq) 


An equation written in this fashion, showing the complete chemical formulas of reac- 
tants and products, is called a molecular equation because it shows chemical formulas 
without indicating ionic character. Because Pb(NO3)2, KI, and KNO; are all water-soluble 
ionic compounds and therefore strong electrolytes, we can write the equation in a form 
that indicates which species exist as ions in the solution: 


Pb?*(aq) + 2NOz3 (aq) + 2K*(aq) + 21 (aq) —> 
PbI,(s) + 2K*(aq) + 2NO3 (aq) [4.6] 


An equation written in this form, with all soluble strong electrolytes shown as ions, is 
called a complete ionic equation. 

Notice that K*(aq) and NO3 (aq) appear on both sides of Equation 4.6. Ions that 
appear in identical forms on both sides of a complete ionic equation, called specta- 
tor ions, play no direct role in the reaction. Spectator ions can be canceled, like alge- 
braic quantities, on either side of the reaction arrow, since they are not reacting with 
anything. Once we cancel the spectator ions, we are left with the net ionic equa- 
tion, which is one that includes only the ions and molecules directly involved in the 
reaction: 


Pb**(aq) + 2T (aq) —> PbI,(s) [4.7] 


Because charge is conserved in reactions, the sum of the ionic charges must be 
the same on both sides of a balanced net ionic equation. In this case, the 2+ charge 
of the cation and the two 1- charges of the anions add to zero, the charge of the 
electrically neutral product. If every ion in a complete ionic equation is a spectator, no 
reaction occurs. 

Net ionic equations illustrate the similarities between various reactions involving 
electrolytes. For example, Equation 4.7 expresses the essential feature of the precipita- 
tion reaction between any strong electrolyte containing Pb?*(aq) and any strong electro- 
lyte containing I (aq): The ions combine to form a precipitate of PbI. Thus, a net ionic 
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equation demonstrates that more than one set of reactants can lead to the same net reac- 
tion. For example, aqueous solutions of KI and Mgl; share many chemical similarities 
because both contain I ions. Either solution when mixed with a Pb(NO3)> solution pro- 
duces PbI,(s). The complete ionic equation, however, identifies the actual reactants that 
participate in a reaction. 


(— F F F 
How to Write a Net lonic Equation 
1. Write a balanced molecular equation for the reaction. 


2. Rewrite the equation to show the ions that form in solution when each soluble 
strong electrolyte dissociates into its ions. Only strong electrolytes dissolved in aqueous 
solution are written in ionic form. 


3. Identify and cancel spectator ions. 


= Sample Exercise 4.4 
D Writing a Net lonic Equation 


© 


Write the net ionic equation for the precipitation reaction that occurs when aqueous solutions of calcium chloride and sodium 
carbonate are mixed. 


electrolytes. CaCO; is an ionic compound, but it is not soluble. 
We do not write the formula of any insoluble compound as its 
component ions. Thus, the complete ionic equation is 


Ca**(aq) + 2 CI (aq) + 2.Na*(aq) + CO3* (aq) —> 


SOLUTION 


Analyze Our task is to write a net ionic equation for a precipitation 
reaction, given the names of the reactants present in solution. 


Plan We write the chemical formulas of the reactants and products and 


then determine which product is insoluble. We then write and balance 
the molecular equation. Next, we write each soluble strong electrolyte 
as separated ions to obtain the complete ionic equation. Finally, we 
eliminate the spectator ions to obtain the net ionic equation. 


Solve Calcium chloride is composed of calcium ions, Ca?*, and 
chloride ions, Cl"; hence, an aqueous solution of the substance is 
CaCl,(aq). Sodium carbonate is composed of Na* ions and CO;7— 


ions; hence, an aqueous solution of the compound is Na,CO3(aq). 


In the molecular equations for precipitation reactions, the anions 
and cations appear to exchange partners. Thus, we put Ca** and 
CO,” together to give CaCO; and Na* and Cl together to give 
NaCl. According to the solubility guidelines in Table 4.1, CaCO; is 
insoluble and NaCl is soluble. The balanced molecular equation is 


CaCl,(aq) + NazCO3(aq) ——> CaCO3(s) + 2 NaCl(aq) 


In a complete ionic equation, only dissolved strong electrolytes 
(such as soluble ionic compounds) are written as separate ions. 
As the (aq) designations remind us, CaCl,, NagCO3, and NaCl are 
all dissolved in the solution. Furthermore, they are all strong 


Self-Assessment Exercise 


4.6 Which combination of solutions will form a precipitate? 
(a) KOH(aq) and MgSO, (aq) 
(b) NaOH (aq) and KNO,(aq) 
(c) NH,Cl(aq) and Rb,CO, (aq) 


CaCO3(s) + 2Na*(aq) + 2 Cl (aq) 


The spectator ions are Na‘ and Cl. Canceling them gives the 
following net ionic equation: 


Ca**(aq) + CO (aq) —> CaCO;(s) 


Check We can check our result by confirming that both the ele- 
ments and the electric charge are balanced. Each side has one Ca, 
one C, and three O, and the net charge on each side equals 0. 


Comment If none of the ions in an ionic equation is removed from 
solution or changed in some way, all ions are spectator ions and a 
reaction does not occur. 


> Practice Exercise 
Write the net ionic equation for the precipitation reaction that 
occurs when aqueous solutions of silver nitrate and potassium 
phosphate are mixed. 
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a 


Exercises 


4.7 


4.8 


4.9 


Using solubility guidelines, predict whether each of the 
following compounds is soluble or insoluble in water: 
(a) Hg2504, (b) NH4OH, (c) Ni(CH3COO)2, (d) AgNOs, 
(e) FeCO3. 

Will precipitation occur when the following solutions are 
mixed? Ifso, write a balanced chemical equation for the reac- 
tion. (a) Ca(CH3COO), and NaOH, (b) K2CO3 and NH4NOs, 
(c) NaS and FeCl. 


Write balanced net ionic equations for the reactions that 
occur in each of the following cases. Identify the spectator 
ion or ions in each reaction. 


(a) Ba(OH) (aq) + FeCl;(aq) —> 
(b) ZnCl,(aq) + Cs,CO3(aq) —> 
(c) Na,S(aq) + CoSO,(aq) —> 


4.10 


4.11 


Separate samples of a solution of an unknown salt are 
treated with dilute solutions of HBr, HySO4, and NaOH. A 
precipitate forms in all three cases. Which of the follow- 
ing cations could be present in the unknown salt solution: 
K*, Pb?*, Ba?*? 


You know that an unlabeled bottle contains an aqueous solu- 
tion of one of the following: AgNO3, CaCl, or Aly(SO4)3. A 
friend suggests that you test a portion of the solution with 
Ba(NO3), and then with NaCl solutions. According to your 
friend’s logic, which of these chemical reactions could occur, 
thus helping you identify the solution in the bottle? (a) Bar- 
ium sulfate could precipitate. (b) Silver chloride could precipi- 
tate. (c) Silver sulfate could precipitate. (d) More than one, but 
not all, of the reactions described in answers a-c could occur. 
(e) All three reactions described in answers a-c could occur. 
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4.3 | Acids, Bases, and Neutralization 


Reactions 


Many acids and bases are industrial and household substances, and some are import- 
ant components of biological fluids. Hydrochloric acid, for example, is an important 
industrial chemical and the main constituent of gastric juice in your stomach. Vinegar 
and lemon juice are common household acids. Ammonia and baking soda (sodium 
hydrogen carbonate) are common household bases. Acids and bases are also common 
electrolytes. 

By the end of this section, you should be able to 


e Recognize the common types of reaction that acids and bases undergo 
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> Figure 4.4 Molecular models of four 
common acids. 


> Figure 4.5 Proton transfer. An H20 
molecule acts as a proton donor (acid), 
and NH3 acts as a proton acceptor (base). 
In aqueous solutions, only a fraction 

of the NH3 molecules react with H20. 
Consequently, NH3 is a weak electrolyte. 


Acids 


As noted in Section 2.8, acids are substances that ionize in aqueous solution to form 
hydrogen ions H* (aq). Because a hydrogen atom consists of a proton and an electron, 
H* is simply a proton. Thus, acids are often called proton donors. Molecular models of four 
common acids are shown in Figure 4.4. 

Protons in aqueous solution are solvated by water molecules, just as other cations 
are [Figure 4.2(a)]. In writing chemical equations involving protons in water, therefore, 
we write H*(aq). 

Molecules of different acids ionize to form different numbers of H* ions. Both HCl 
and HNO; are monoprotic acids, yielding one H* per molecule of acid. Sulfuric acid, 
H2SOu, is a diprotic acid, one that yields two H* per molecule of acid. The ionization of 
H,SO, and other diprotic acids occurs in two steps: 


H2SO,4(aq) —> H*(aq) + HSOg (aq) [4.8] 
HSO, (aq) === H*(aq) + SO (aq) [4.9] 


Although H2SO, is a strong electrolyte, only the first ionization (Equation 4.8) is com- 
plete. Thus, aqueous solutions of sulfuric acid contain a mixture of H+ (aq), HSO4 (aq), 
and SO,’ (aq). 

The molecule CHCOOH (acetic acid) that we have mentioned previously is the 
primary component in vinegar. Acetic acid has four hydrogens, as Figure 4.4 shows, but 
only one of them, the H that is bonded to an oxygen in the —COOH group, is ionized 
in water. Thus, the H in the COOH group breaks its O—H bond in water. The three 
other hydrogens in acetic acid are bound to carbon and do not break their C—H bonds 
in water. The reasons for this difference are very interesting and will be discussed in 
Chapter 16. 


Bases 


Bases are substances that accept (react with) H* ions. Bases produce hydroxide ions 
(OH ) when they dissolve in water. Ionic hydroxide compounds, such as NaOH, KOH, 
and Ca(OH),, are among the most common bases. When dissolved in water, they disso- 
ciate into ions, introducing OH ions into the solution. 

Compounds that do not contain OH ions can also be bases. For example, ammonia 
(NH3) is a common base. When added to water, it accepts an H* ion from a water mole- 
cule and thereby produces an OH ion (Figure 4.5): 


H,O(1) + NH3(aq) == OH (aq) + NH; (aq) [4.10] 


o 8 A 


Hydrochloric Nitric acid, Sulfuric acid, Acetic acid, 
acid, HCI HNO; HS0, CHCOOH 


2@°@=c 
“@°@ °@ 


ohn © 9. v 
NH3 OH- NH,* 


H,O 
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TABLE 4.2 Common Strong Acids and Bases 
Strong Acids Strong Bases 


Hydrochloric acid, HCl Group 1 metal hydroxides 
[LiOH, NaOH, KOH, RbOH, CsOH] 


Some Group 2 metal hydroxides 
[Ca(OH)z, St(OH)2, Ba(OH)2] 


Hydrobromic acid, HBr 
Hydroiodic acid, HI 

Chloric acid, HC1O3 

Perchloric acid, HCIO, 

Nitric acid, HNO3 

Sulfuric acid (first proton), H2SO4 


Ammonia is a weak electrolyte because only about 1% of the NH; forms NH,* and 
OH ions. 


Strong and Weak Acids and Bases 


Acids and bases that are strong electrolytes (completely ionized in solution) are strong 
acids and strong bases. Those that are weak electrolytes (partly ionized) are weak 
acids and weak bases. When reactivity depends only on H*(aq) concentration, strong 
acids are more reactive than weak acids. The reactivity of an acid, however, can depend 
on the anion as well as on H*(aq) concentration. For example, hydrofluoric acid (HF) is a 
weak acid (only partly ionized in aqueous solution), but it is very reactive and vigorously 
attacks many substances, including glass. This reactivity is due to the combined action of 
H*(aq) and F (aq). 

Table 4.2 lists the strong acids and bases we are most likely to encounter. You 
need to commit this information to memory in order to correctly identify strong 
electrolytes and write net ionic equations. The brevity of this list tells us that most 
acids are weak. (For H,SO,, as we noted earlier, only the first proton completely ion- 
izes.) The only common strong bases are the common soluble metal hydroxides. 
The most common weak base is NH3, which reacts with water to form OH ions 
(Equation 4.10). 


Identifying Strong and Weak Electrolytes 


If we remember the common strong acids and bases (Table 4.2) and also remember that 
NH; is a weak base, we can make reasonable predictions about the electrolytic strength of 


> Sample Exercise 4.5 


| Comparing Acid Strengths 


The following diagrams represent aqueous solutions of acids HX, HY, and HZ, with water molecules omitted for clarity. Rank the 
acids from strongest to weakest. 
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SOLUTION 


Analyze We are asked to rank three acids from strongest to weakest, 
based on schematic drawings of their solutions. 


Plan We can determine the relative numbers of uncharged molecular 
species in the diagrams. The strongest acid is the one with the most 
H* ions and fewest undissociated molecules in solution. The weakest 
acid is the one with the largest number of undissociated molecules. 


Solve The order is HY > HZ > HX. HY isa strong acid because 
it is totally ionized (no HY molecules in solution), whereas both 


of molecules and ions. Because HZ contains more H* ions and fewer 
molecules than HX, it is a stronger acid. 


> Practice Exercise 
A set of aqueous solutions are prepared containing different 
acids at the same concentration: acetic acid, chloric acid, and 
hydrobromic acid. Which solution(s) are the most electrically 
conductive? (a) chloric acid (b) hydrobromic acid (c) acetic 
acid (d) both chloric acid and hydrobromic acid (e) all three 
solutions have the same electrical conductivity 


HX and HZ are weak acids, whose solutions consist of a mixture 


a great number of water-soluble substances. Table 4.3 summarizes our observations about 
electrolytes. We first ask whether the substance is ionic or molecular. If it is ionic, it is a 
strong electrolyte. If the substance is molecular, we ask whether it is an acid or a base. (It 
is an acid if it either has H first in the chemical formula or contains a COOH group.) If 
it is an acid, we use Table 4.2 to determine whether it is a strong or weak electrolyte: All 
strong acids are strong electrolytes, and all weak acids are weak electrolytes. If an acid is 
not listed in Table 4.2, it is probably a weak acid and therefore a weak electrolyte. 

If our substance is a base, we use Table 4.2 to determine whether it is a strong base. 
NH; is the only molecular base that we consider in this chapter, and it is a weak base; 
Table 4.3 tells us it is therefore a weak electrolyte. Finally, any molecular substance that 


we encounter in this chapter that is not an acid or NH; is probably a nonelectrolyte. 


TABLE 4.3 Summary of the Electrolytic Behavior of Common Soluble 
Ionic and Molecular Compounds 


Strong Electrolyte 


Ionic All 


Molecular 


Sample Exercise 4.6 
Identifying Strong, Weak, and Nonelectrolytes 


> 


Strong acids (see Table 4.2) Weak acids, weak bases 


Weak Electrolyte Nonelectrolyte 


None None 


All other compounds 


Classify these dissolved substances as a strong electrolyte, weak electrolyte, or nonelectrolyte: CaCl>, HNO3, CoH5OH (ethanol), 


HCOOH (formic acid), KOH. 


SOLUTION 


Analyze We are given several chemical formulas and asked to clas- 
sify each substance as a strong electrolyte, weak electrolyte, or 
nonelectrolyte. 


Plan The approach we take is outlined in Table 4.3. We can predict 
whether a substance is ionic or molecular based on its composi- 
tion. As we saw in Section 2.7, most ionic compounds we encoun- 
ter in this text are composed of a metal and a nonmetal, whereas 
most molecular compounds are composed only of nonmetals. 


Solve Two compounds fit the criteria for ionic compounds: CaCl 
and KOH. Because Table 4.3 tells us that all ionic compounds are 
strong electrolytes, that is how we classify these two substances. 
The three remaining compounds are molecular. Two of these 
molecular substances, HNO3 and HCOOH, are acids. Nitric acid, 
HNOs, is a common strong acid, as shown in Table 4.2, and there- 
fore is a strong electrolyte. Because most acids are weak acids, our 


best guess would be that HCOOH is a weak acid (weak electrolyte), 
which is in fact the case. The remaining molecular compound, 
C2H5OH, is neither an acid nor a base, so it is a nonelectrolyte. 


Comment Although ethanol, C,H;OH, has an OH group, it is not 
a metal hydroxide and therefore not a base. Rather, ethanol is a 
member of a class of organic compounds that have C— OH bonds, 
which are known as alcohols. Organic compounds containing the 
COOH group are called carboxylic acids (Chapter 16). Molecules 
that have this group are weak acids. 


> Practice Exercise 
Which of these substances, when dissolved in water, is a strong 
electrolyte? (a) ammonia (b) hydrofluoric acid (c) folic acid 
(d) sodium nitrate (e) sucrose 
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Base turns litmus Acid turns litmus 
paper blue. paper red. 


Neutralization Reactions and Salts 


The properties of acidic solutions are quite different from those of basic solutions. Acids 
have a sour taste, whereas bases have a bitter taste.* Acids change the colors of certain 
dyes in a way that differs from the way bases affect the same dyes. This is the principle 
behind the indicator known as litmus paper (Figure 4.6). Acid-base chemistry is an im- 
portant theme throughout all of chemistry that we begin to explore here. 

When a solution of an acid and a solution of a base are mixed, a neutralization 
reaction occurs. The products of the reaction have none of the characteristic properties 
of either the acidic solution or the basic solution. For example, when hydrochloric acid is 
mixed with a solution of sodium hydroxide, the reaction is 

HCl(aq) + NaOH(aq) —> H20(1) + NaCl(aq) [4.11] 
(acid) (base) (water) (salt) 
Water and table salt, NaCl, are the products of the reaction. By analogy to this reaction, the 
term salt has come to mean any ionic compound whose cation comes from a base (for exam- 
ple, Na* from NaOH) and whose anion comes from an acid (for example, Cl” from HCl). In 
general, a neutralization reaction between an acid and a metal hydroxide produces water and a salt. 

Because HCl, NaOH, and NaCl are all water-soluble strong electrolytes, the complete 

ionic equation associated with Equation 4.11 is 


H*(aq) + CI (aq) + Na*(aq) + OH (aq) —> 
H,O(1) + Na*(aq) + Cl (aq) [4.12] 
Therefore, the net ionic equation is 
H*(aq) + OH (aq) —> H20(1) [4.13] 
Equation 4.13 summarizes the main feature of the neutralization reaction between any 
strong acid and any strong base: H*(aq) and OH (aq) ions combine to form H,O(/). 
Figure 4.7 shows the neutralization reaction between hydrochloric acid and the 
water-insoluble base Mg(OH );: 
Molecular equation: 
Mg(OH)2(s) + 2HCl(aq) — > MgCl(aq) + 2 H20(1) [4.14] 


Net ionic equation: 
Mg(OH)2(s) + 2H*(aq) —> Mg?*(aq) + 2 H20(1) [4.15] 


SSQ Sample Exercise 4.7 


VM Writing Chemical Equations for a Neutralization Reaction 


A Figure 4.6 Litmus paper. Litmus paper 
is coated with dyes that change color in 
response to exposure to either acids or 
bases. 


For the reaction between aqueous solutions of acetic acid (CHCOOH) and barium hydroxide, Ba(OH)>, write (a) the balanced 
molecular equation, (b) the complete ionic equation, (c) the net ionic equation. 


SOLUTION 


Analyze We are given the chemical formulas for an acid and a base Plan As Equation 4.11 and the italicized statement that follows it 
and asked to write a balanced molecular equation, a complete indicate, neutralization reactions form two products, H20 anda 
ionic equation, and a net ionic equation for their neutralization salt. We examine the cation of the base and the anion of the acid 
reaction. to determine the composition of the salt. 

Solve 


(a) The salt contains the cation of the base (Ba?*) and the 
anion of the acid (CH3COO_ ). Thus, the salt formula is 
Ba(CH3COO),. According to Table 4.1, this compound is 
soluble in water. The unbalanced molecular equation for the 
neutralization reaction is: 


CH3;COOH(aq) + Ba(OH)2(aq) 


—> H,0(I) + Ba(CH3COO),(aq) 


*Tasting chemical solutions is not a good practice. However, we have all had acids such as ascor- 


bic acid (vitamin C), acetylsalicylic acid (aspirin), and citric acid (in citrus fruits) in our mouths, 
and we are familiar with their characteristic sour taste. Soaps, which are basic, have the charac- 
teristic bitter taste of bases. 
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To balance this equation, we must provide two molecules of 
CHCOOH to furnish the two CH3COO7 ions and to supply the 
two H* ions needed to combine with the two OH ions of the 
base. The balanced molecular equation is: 


(b) To write the complete ionic equation, we identify the strong 
electrolytes and break them into ions. In this case Ba(OH), and 
Ba(CH3COO), are both water-soluble ionic compounds and 
hence strong electrolytes. Thus, the complete ionic equation is: 


(c) Eliminating the spectator ion, Ba?*, and simplifying coefficients 
give the net ionic equation: 


Check We can determine whether the molecular equation is bal- 
anced by counting the number of atoms of each kind on both 
sides of the arrow (10 H, 6 O, 4 C, and 1 Ba on each side). However, 
it is often easier to check equations by counting groups: There are 
2 CH3COO groups, as well as 1 Ba, and 4 additional H atoms and 
2 additional O atoms on each side of the equation. The net ionic 
equation checks out because the numbers of each kind of element 
and the net charge are the same on both sides of the equation. 


W Go Figure 


what products would form? 


2 CH3COOH(aq) + Ba(OH)2(aq) 
—> 2H,0(1) + Ba(CH3COO),(aq) 


2 CH3;COOH(aq) + Ba**(aq) + 20H~(aq) 
— > 2H,O(1) + Ba**(aq) + 2 CH3;COO~(aq) 


CH3COOH(aq) + OH (aq) —> H,O(1) + CH3COO (aq) 


> Practice Exercise 
Which is the correct net ionic equation for the reaction of 
aqueous ammonia with nitric acid? 


(a) NH,*(aq) + H*(aq) —> NH;”*(aq) 


(b) NH3(aq) + NO3 (aq) —> NH; (aq) + HNO3(aq) 
(c) NH7 (aq) + H"(aq) — NH3(aq) 

(d) NH3(aq) + H*(aq) — NH; (aq) 

(e) NH, (aq) + NO3 (aq) —> NH,NO;(aq) 


If you used nitric acid instead of hydrochloric acid in this reaction, 


HT (aq) combines with hydroxide 
ions in Mg(OH)o(s), forming H20(/). 


Reactants 


Mg(OH),(s) + 2 HCl(aq) 


Products 


MgCl,(aq) + 2 H,0() 


A Figure 4.7 Neutralization reaction between Mg(OH),(s) and hydrochloric acid. Milk of 
magnesia is a suspension of water-insoluble magnesium hydroxide, Mg(OH)2(s), in water. When 
sufficient hydrochloric acid, HCl(aq), is added, a reaction ensues that leads to an aqueous 


solution containing Mg**(aq) and CI- (aq) ions. 
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Notice that the OH’ ions (this time in a solid reactant) and H* ions combine to form H,0. 
Because the ions exchange partners, neutralization reactions between acids and metal hy- 
droxides are metathesis reactions. 


Neutralization Reactions with Gas Formation 


Many bases besides OH react with H* to form molecular compounds. Two of these 
that you might encounter in the laboratory are the sulfide ion and the carbonate 
ion. Both of these anions react with acids to form gases that have low solubilities in 


water. 


Hydrogen sulfide (HS), the substance that gives rotten eggs their foul odor, forms 
when an acid such as HCl(aq) reacts with a metal sulfide such as Na2S: 


Molecular equation: 


2 HCl(aq) + NagS(aq) —> H2S(g) + 2 NaCl(aq) 


Net ionic equation: 


2H*(aq) + S* (aq) —> H,S(g) 


[4.16] 


[4.17] 


Carbonates and hydrogen carbonates react with acids to form CO>(g). Reaction 
of CO3 or HCO3. with an acid first gives carbonic acid (H2CO3). For example, when 
hydrochloric acid is added to sodium hydrogen carbonate, the reaction is 


HCl(aq) + NaHCO3(aq) —> NaCl(aq) + H,CO3(aq) 


[4.18] 


Carbonic acid is unstable. If present in solution in sufficient concentrations, it decom- 


poses to H2O and COs, which escapes from the solution as a gas: 
H2CO3(aq) —> H20(1) + CO2(g) 


The overall reaction is summarized by the following equations: 


Molecular equation: 


HCl(aq) + NaHCO3(aq) —> NaCl(aq) + H2O(1) + CO2(g) 


Net ionic equation: 


H*(aq) + HCO3 (aq) —> H20(1) + CO2(8) 


[4.19] 


[4.20] 


[4.21] 


Both NaHCOs3(s) and NazCO3(s) are used as neutralizers in acid spills; either salt is 
added until the fizzing caused by CO2(g) formation stops. Sometimes sodium hydrogen car- 
bonate is used as an antacid to soothe an upset stomach. In that case the HCO; reacts with 


stomach acid to form CO;(g). 


CHEMISTRY PUT TO WORK 


Your stomach secretes acids to help digest foods. These acids, 
which include hydrochloric acid, contain about 0.1 mol of H* 
per liter of solution. The stomach and digestive tract are nor- 
mally protected from the corrosive effects of stomach acid by a 
mucosal lining. Holes can develop in this lining, however, al- 
lowing the acid to attack the underlying tissue, causing pain- 
ful damage. These holes, known as ulcers, can be caused by the 
secretion of excess acids and/or by a weakness in the digestive 
lining. Many peptic ulcers are caused by infection by the bac- 
terium Helicobacter pylori. Many people suffer from ulcers at 
some point in their lives. Many others experience occasional 


indigestion, heartburn, or reflux due to digestive acids entering 
the esophagus. 

The problem of excess stomach acid can be addressed by (1) re- 
moving the excess acid or (2) decreasing the production of acid. Sub- 
stances that remove excess acid are called antacids, whereas those 
that decrease acid production are called acid inhibitors. Figure 4.8 
shows several common over-the-counter antacids, which usually con- 
tain hydroxide, carbonate, or bicarbonate ions (Table 4.4). Antiulcer 
drugs, such as Tagamet® and Zantac®, are acid inhibitors. They act on 
acid-producing cells in the lining of the stomach. Formulations that 
control acid in this way are now available as over-the-counter drugs. 

Related Exercise: 4.99 
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Alka. = 
Sélizer *3 


GAS anas 


A Figure 4.8 Antacids. These products all serve as acid-neutralizing 
agents in the stomach. 


TABLE 4.4 Some Common Antacids 


Commercial Name 


Acid-Neutralizing Agents 


Alka-Seltzer® NaHCO; 

Amphojel® Al(OH)3 

Di-Gel® Mg(OH), and CaCO; 
Milk of Magnesia Mg(OH)2 

Maalox® Mg(OH); and Al(OH); 
Mylanta® Mg(OH); and Al(OH)3 
Rolaids® Mg(OH)2 and CaCO; 
Tums’ CaCO; 


Self-Assessment Exercise 


4.12 


What is the net ionic equation for the reaction between 
stomach acid and an antacid containing Al(OH),? 


(a) HCl(aq) + A(OH),(s) > H,O() + AICI, (aq) 
(b) 3HCl(aq) + Al(OH),(s) > 3H,O() + AICI, (aq) 
(©) 3H*(aq) + AIOH),(s) > 3H,O() + AB*(aq) 


Exercises 


4.13 


4.14 


4.15 


4.16 


State whether each of the following statements is true or 
false. Justify your answer in each case. 


(a) Sulfuric acid isa monoprotic acid. 
(b) HCl is a weak acid. 
(c) Methanol is a base. 


Label each of the following substances as an acid, base, salt, 
or none of these. Indicate whether the substance exists in 
aqueous solution entirely in molecular form, entirely as 
ions, or as a mixture of molecules and ions. (a) HE, (b) ace- 
tonitrile, CH3CN, (c) NaClO,, (d) Ba(OH)>. 

Classify each of the following substances as a nonelectro- 
lyte, weak electrolyte, or strong electrolyte in water: (a) HF, 
(b) CgH;COOH (benzoicacid), (c) CgH, (benzene), (d) CoCls, 
(e) AZNO3. 

Complete and balance the following molecular equations, 
and then write the net ionic equation for each: 


4.17 


4.18 


(a) HBr(aq) + Ca(OH)2(aq) —> 

(b) Cu(OH),(s) + HClO4(aq) —> 

(c) Al(OH)3(s) + HNO3(aq) —> 

Write balanced molecular and net ionic equations for the 
following reactions, and identify the gas formed in each: 
(a) solid cadmium sulfide reacts with an aqueous solution 


of sulfuric acid; (b) solid magnesium carbonate reacts with 
an aqueous solution of perchloric acid. 


Magnesium carbonate, magnesium oxide, and magne- 
sium hydroxide are all white solids that react with acidic 
solutions. (a) Write a balanced molecular equation and a 
net ionic equation for the reaction that occurs when each 
substance reacts with a hydrochloric acid solution. (b) By 
observing the reactions in part (a), how could you distin- 
guish any of the three magnesium substances from the 
other two? 
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Almost all metals will corrode when exposed to the atmosphere, a process in which the 
metal reacts to form a compound and loses its characteristic luster. Gold and platinum are 
exceptions, making these metals highly prized for jewelry. In a few cases, a surface coat- 
ing of corrosion is just unsightly, but in many cases, it is associated with an undesirable 
economic impact. Forming a compound from a metal is nearly always accompanied by an 
increase in volume that can compromise the integrity of a structure. In extreme situations, 
this has resulted in the catastrophic failure of the structure: the collapse of the Morandi 
bridge in Genova, Italy on 14 August 2018 resulted in 43 fatalities. 
By the end of this section, you should be able to 


e Understand the processes involved in redox reactions 


In precipitation reactions, cations and anions come together to form an insoluble ionic 
compound. In neutralization reactions, protons are transferred from one reactant to an- 
other. Now let’s consider a third kind of reaction, one in which electrons are transferred 
from one reactant to another. Such reactions are called either oxidation-reduction 
reactions or redox reactions. In this section, we concentrate on redox reactions where 
one of the reactants is a metal in its elemental form. Redox reactions are critical in under- 
standing many biological and geological processes in the world around us; they also form 
the basis for energy-related technologies such as batteries and fuel cells (Chapter 20). 


Oxidation and Reduction 


One of the most familiar redox reactions is corrosion of a metal (Figure 4.9). In some instances, 
corrosion is limited to the surface of the metal, as is the case with the green coating that 
forms on copper roofs and statues. In other instances, the corrosion goes deeper, eventually 
compromising the structural integrity of the metal, as happens with the rusting of iron. 
Corrosion is the conversion of a metal into a metal compound, by a reaction between 
the metal and some substance in its environment. When a metal corrodes, each metal 
atom loses one or more electrons to form a cation, which can combine with an anion to 
form an ionic compound. The green coating on the Statue of Liberty contains Cu?” com- 
bined with carbonate and hydroxide anions; rust contains Fe** combined with oxide 
and hydroxide anions; and silver tarnish contains Agt combined with sulfide anions. 
When an atom, ion, or molecule becomes more positively charged (that is, when 
it loses electrons), we say that it has been oxidized. Loss of electrons by a substance is 
called oxidation. The term oxidation is used because the first reactions of this sort to 
be studied were reactions with oxygen. Many metals react directly with O; in air to form 
metal oxides. In these reactions, the metal loses electrons to oxygen, forming an ionic 
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(b) 


A Figure 4.9 Familiar corrosion products. (a) A green coating forms when copper is oxidized. 
(b) Rust forms when iron corrodes. (c) A black tarnish forms as silver corrodes. 


W Go Figure 


of this reaction? 


Reactants 


2 Ca(s) + On(g) 


Ca(s) is oxidized 
(loses electrons). 


compound of the metal ion and oxide ion. The familiar example of rusting involves the 
reaction between iron metal and oxygen in the presence of water. In this process, Fe is 
oxidized (loses electrons) to form Fe**. 

The reaction between iron and oxygen tends to be relatively slow, but other metals, 
such as the alkali and alkaline earth metals, react quickly upon exposure to air. Figure 4.10 
shows how the bright metallic surface of calcium tarnishes as CaO forms in the reaction 


2 Ca(s) + Oo(g) — > 2CaO(s) [4.22] 


In this reaction, Ca is oxidized to Ca?* and neutral O; is transformed to O” ions. In Equa- 
tion 4.22, the oxidation involves transfer of electrons from the calcium metal to the Op, 
leading to formation of CaO. When an atom, ion, or molecule becomes more negatively 
charged (gains electrons), we say that it is reduced. The gain of electrons by a substance 
is called reduction. When one reactant loses electrons (that is, when it is oxidized), 
another reactant must gain them. In other words, oxidation of one substance must be 
accompanied by reduction of some other substance. In Equation 4.22, then, molecular 
oxygen is reduced to oxide (O°) ions. 


Oxidation Numbers 


Before we can identify an oxidation-reduction reaction, we must have a bookkeeping sys- 
tem—a way of keeping track of electrons gained by the substance being reduced and elec- 
trons lost by the substance being oxidized. The concept of oxidation numbers (also called 
oxidation states) was devised as a way of doing this. Each atom in a neutral substance or 
ion is assigned an oxidation number (also known as an oxidation state). For mon- 
atomic ions, the oxidation number is the same as the charge. For neutral molecules 


How many electrons does each oxygen atom gain during the course 


Ca®* and O77 ions 
combine to form CaO(s). 


O2( 9) is reduced 
(gains electrons). 


Products 
2 CaO(s) 


A Figure 4.10 Oxidation of calcium metal by molecular oxygen. 
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and polyatomic ions, the oxidation number of a given atom is a hypothetical charge. 
This charge is assigned by artificially dividing up the electrons among the atoms in the 
molecule or ion. We use the following rules for assigning oxidation numbers: 


1. 


For an atom in its elemental form, the oxidation number is always zero. Thus, each H 
atom in the H, molecule has an oxidation number of 0, and each P atom in the Py 
molecule has an oxidation number of 0. 


. For any monatomic ion, the oxidation number equals the ionic charge. Thus, K* has an 


oxidation number of +1, S* has an oxidation number of —2, and so forth. 

In ionic compounds the alkali metal ions (Group 1) always have a 1+ charge and 
therefore an oxidation number of +1. The alkaline earth metals (Group 2) are always 
+2, and aluminum (Group 13) is always +3 in ionic compounds. (In writing oxida- 
tion numbers, we will write the sign before the number to distinguish them from 
the actual electronic charges, which we write with the number first.) 


. Nonmetals usually have negative oxidation numbers, although they can some- 


times be positive: 

(a) The oxidation number of oxygen is usually —2 in both ionic and molecular com- 
pounds. The major exception is in compounds called peroxides, which contain 
the O, ion, giving each oxygen an oxidation number of —1. 

(b) The oxidation number of hydrogen is usually +1 when bonded to nonmetals and —1 
when bonded to metals (for example, metal hydrides such as sodium hydride, NaH). 

(c) The oxidation number of fluorine is —1 in all compounds. The other halogens 
have an oxidation number of —1 in most binary compounds. When combined 
with oxygen, as in oxyanions, however, they have positive oxidation states. 


. The sum of the oxidation numbers of all atoms in a neutral compound is zero. The sum 


of the oxidation numbers in a polyatomic ion equals the charge of the ion. For example, in the 
hydronium ion H30*, which is a more accurate description of H*(aq), the oxidation 
number of each hydrogen is +1 and that of oxygen is —2. Thus, the sum of the oxida- 
tion numbers is 3(+1) + (—2) = +1, which equals the net charge of the ion. This rule 
is useful in obtaining the oxidation number of one atom in a compound or ion if you 
know the oxidation numbers of the other atoms, as illustrated in Sample Exercise 4.8. 


am Sample Exercise 4.8 


PT Determining Oxidation Numbers 


SOLUTION 


Analyze We are asked to determine the oxidation number of sulfur 
in two molecular species, in the elemental form, and in two 
substances containing ions. 


Plan In each species, the sum of oxidation numbers of all the 
atoms must equal the charge on the species. We will use the rules 
outlined previously to assign oxidation numbers. 


Solve 


(a) When bonded to a nonmetal, hydrogen has an oxidation 
number of +1. Because the HS molecule is neutral, the sum 
of the oxidation numbers must equal zero. Letting x equal the 
oxidation number of S, we have 2(+1) + x = 0. Thus, S has 
an oxidation number of —2. 


(b 


= 


Because Sg is an elemental form of sulfur, the oxidation num- 
ber of Sis 0. 


Because SCl; is a binary compound, we expect chlorine to 
have an oxidation number of —1. The sum of the oxidation 
numbers must equal zero. Letting x equal the oxidation num- 
ber of S, we have x + 2(—1) = 0. Consequently, the oxidation 
number of S must be +2. 


(c 


YS 


Determine the oxidation number of sulfur in (a) H2S, (b) Sg, (c) SClo, (d) Na2S03, (e) S047. 


(d) Sodium, an alkali metal, always has an oxidation number of 
+1 in its compounds. Oxygen commonly has an oxidation 
number of —2. Letting x equal the oxidation number of S, we 
have 2(+1) + x + 3(—2) = 0. Therefore, the oxidation num- 
ber of S in this compound (NaSO3) is +4. 


(e) The oxidation number of O is —2. The sum of the oxidation 
numbers equals —2, the net charge of the S04% ion. Thus, we 
have x + 4(—2) = —2. From this relation we conclude that 
the oxidation number of S in this ion is +6. 


Comment These examples illustrate that the oxidation number of 
a given element depends on the compound in which it occurs. 
The oxidation numbers of sulfur, as seen in these examples, range 
from —2 to +6. 


> Practice Exercise 


In which compound is the oxidation state of oxygen —1? 
(a) O; (b) H20 (c) H250; (d) H20, (e) KCH;COO 
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Oxidation of Metals by Acids and Salts 
The reaction between a metal and either an acid or a metal salt conforms to the general pattern 
A + BX — AX +B [4.23] 
Examples: Zn(s) + 2 HBr(aq) —> ZnBrz(aq) + H2(8) 
Mn(s) + Pb(NOs3)2(aq) —> Mn(NO3)2(aq) + Pb(s) 


These reactions are called displacement reactions because the ion in solution is dis- 
placed (replaced) through oxidation of an element. 

Many metals undergo displacement reactions with acids, producing salts and hydro- 
gen gas. For example, magnesium metal reacts with hydrochloric acid to form magne- 
sium chloride and hydrogen gas (Figure 4.11): 


as +2 1” —> mals + Fin(g) 


Oxidation number 0 +1 -1 +2 -1 0 [4.24] 


The oxidation number of Mg changes from 0 to +2, an increase that indicates the atom 
has lost electrons and has therefore been oxidized. The oxidation number of H” in the acid 
decreases from +1 to 0, indicating that this ion has gained electrons and has therefore 


D4 Go Figure How many moles of hydrogen gas would be produced for every mole 
of magnesium added into the HCI solution? 


H* (aq) is reduced 
(gains electrons). 


Mg(s) is oxidized 
(loses electrons). 


H* cl" Mg 
Reactants Products 
2 HCl(aq) + Mg(s) — H,(g) + MgCl,(aq) 
Oxidation +1 —1 0 0 2 =] 
number 


A Figure 4.11 Reaction of magnesium metal with hydrochloric acid. The metal is readily oxidized 
by the acid, producing hydrogen gas, H2(g), and MgClo(aq). 
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been reduced. Chlorine has an oxidation number of —1 both before and after the reac- 
tion, indicating that it is neither oxidized nor reduced. In fact, the Cl ions are spectator 
ions, dropping out of the net ionic equation: 


Mg(s) + 2H*(aq) —> Mg” (aq) + H2(g) [4.25] 


Metals can also be oxidized by aqueous solutions of various salts. Iron metal, for 
example, is oxidized to Fe** by aqueous solutions of Ni?” such as Ni(NO3)9(aq): 


Molecular equation: Fe(s) + Ni(NO3)2(aq) —> Fe(NO3)o(aq) + Ni(s) [4.26] 
Net ionic equation: Fe(s) + Ni?*(aq) —> Fe” (aq) + Ni(s) [4.27] 


The oxidation of Fe to Fe** in this reaction is accompanied by the reduction of Ni?” to Ni. 
Remember: Whenever one substance is oxidized, another substance must be reduced. 


|> Sample Exercise 4.9 
s Writing Equations for Oxidation-Reduction Reactions 
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SOLUTION 


Analyze We must write two equations—molecular and net ionic— 
for the redox reaction between a metal and an acid. 


Plan Metals react with acids to form salts and H; gas. To write the 
balanced equations, we must write the chemical formulas for the two 
reactants and then determine the formula of the salt, which is com- 
posed of the cation formed by the metal and the anion of the acid. 


Solve The reactants are Al and HBr. The cation formed by Al is Al**, 
and the anion from hydrobromic acid is Br~. Thus, the salt formed 
in the reaction is AlBr3. Writing the reactants and products and 
then balancing the equation gives the molecular equation: 


2 Al(s) + 6 HBr(aq) —> 2 AlBr3(aq) + 3 H2(8) 


Both HBr and AIBr; are soluble strong electrolytes. Thus, the com- 
plete ionic equation is 


Write the balanced molecular and net ionic equations for the reaction of aluminum with hydrobromic acid. 


Because Br’ is a spectator ion, the net ionic equation is 
2 Al(s) + 6H*(aq) — 2 Al?*(aq) + 3 H2(g) 


Comment The substance oxidized is the aluminum metal because 
its oxidation state changes from 0 in the metal to +3 in the cat- 
ion, thereby increasing in oxidation number. The H* is reduced 
because its oxidation state changes from +1 in the acid to 0 in Hp. 


> Practice Exercise 
Which of the following statements is true about the reaction 
between zinc and copper sulfate? (a) Zinc is oxidized, and 
copper ion is reduced. (b) Zinc is reduced, and copper ion is 
oxidized. (c) All reactants and products are soluble strong elec- 
trolytes. (d) The oxidation state of copper in copper sulfate is 0. 


2 Al?*(aq) + 6 Br-(aq) + 3 H2(g) 


The Activity Series 


Can we predict whether a certain metal will be oxidized either by an acid or by a partic- 
ular salt? This question is of practical importance as well as chemical interest. According 
to Equation 4.26, for example, it would be unwise to store a solution of nickel nitrate in 
an iron container because the solution would dissolve the container. When a metal is ox- 
idized, it forms various compounds. Extensive oxidation can lead to the failure of metal 
machinery parts or the deterioration of metal structures. 

Different metals vary in the ease with which they are oxidized. Zn is oxidized by 
aqueous solutions of Cu?*, for example, but Ag is not. Zn, therefore, loses electrons more 
readily than Ag; that is, Zn is easier to oxidize than Ag. 

A list of metals arranged in order of decreasing ease of oxidation, such as in Table 4.5, 
is called an activity series. The metals at the top of the table, such as the alkali metals 
and the alkaline earth metals, are most easily oxidized; that is, they react most readily 
to form compounds. They are called the active metals. The metals at the bottom of the 
activity series, such as the transition elements from Groups 8 to 11, are very stable and 
form compounds less readily. These metals, which are used to make coins and jewelry, 
are called noble metals because of their low reactivity. 


2 Al(s) + 6H*(aq) + 6 Br (aq) —> (e) More than one of the previous choices are true. 
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TABLE 4.5 Activity Series of Metals in Aqueous Solution 


Metal Oxidation Reaction 

Potassium K(s) —> K*(aq) + © 

Barium Ba(s) — Ba” (aq) + 2e 

Calcium Ca(s) —> Ca (aq) + 2e7 

Sodium Na(s) —> Na*(aq) + e 

Magnesium Mg(s) —> Mg” (aq) + 267 

Aluminum Al(s) — Al+ (aq) + 367 

Manganese Mn(s) — Mn?” (aq) + 2e7 

Zinc Zilo = a (ag) e 

Chromium Cr(s) — Cr?®t(aq) + 3e7 

Iron Fe(s) — Fe**(aq) + 2 Ei 
Cobalt Co(s) —> Co?” (aq) + 2e7 3 
Nickel Ni(s) = Ni?*(aq) + 2e 3 
Tin Sn(s) — Sn**(aq) + 2e- Ẹ 
Lead Pb(s) = Pb**(aq) + 2e7 

Hydrogen H(g) —> 2 H*(aq) + 2e° 

Copper Cu(s) —> Cu**(aq) + 2e 

Silver Ag(s) —> Ag*(aq) + € 

Mercury Hg(I) —> Hg?*(aq) + 2e7 

Platinum Pt(s) — Pt?” (aq) + 2e 

Gold Au(s) —> Au**(aq) + 3e7 


The activity series can be used to predict the outcome of reactions between metals and 
either metal salts or acids. Any metal on the list can be oxidized by the ions of elements below it. 
For example, copper is above silver in the series. Thus, copper metal is oxidized by silver 
ions: 


Cu(s) + 2 Ag*(aq) —> Cu?*(aq) + 2 Ag(s) [4.28] 


The oxidation of copper to copper ions is accompanied by the reduction of silver ions to 
silver metal. The silver metal is evident on the surface of the copper wire in Figure 4.12. 
The copper(II) nitrate produces a blue color in the solution, as can be seen most clearly in 
the photograph on the right of Figure 4.12. 

Only metals above hydrogen in the activity series are able to react with acids to form H3. 
For example, Ni reacts with HCl(aq) to form H3: 


Ni(s) + 2HCl(aq) —> NiClo(aq) + H2(g) [4.29] 


Because elements below hydrogen in the activity series are not oxidized by H*, Cu 
does not react with HCl(aq). Interestingly, copper does react with nitric acid, as shown 
in Figure 1.11, but the reaction is not oxidation of Cu by H* ions. Instead, the metal is 
oxidized to Cu” by the nitrate ion, accompanied by the formation of brown nitrogen 
dioxide, NO2(g): 


Cu(s) + 4HNO3(aq) —> Cu(NOs3)2(aq) + 2H20(1) + 2 NO2(8) [4.30] 


As the copper is oxidized in this reaction, NO; , where the oxidation number of 
nitrogen is +5, is reduced to NO», where the oxidation number of nitrogen is +4. We will 
examine reactions of this type in Chapter 20. 
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W Go Figure Why does this solution turn blue? 


= Ag*(aq) is reduced 
cule) =. Onidlzed (gains electrons). 


(loses electrons). 


Reactants Products 
2 AgNO3(aq) + Cu(s) — Cu(NO3) (aq) + 2 Ag(s) 


© A Figure 4.12 Reaction of copper metal with silver ion. When copper metal is placed in a solution 
of silver nitrate, a redox reaction forms silver metal and a blue solution of copper(II) nitrate. 


Sample Exercise 4.10 


Determining If an Oxidation-Reduction Reaction Will Occur 


Will an aqueous solution of iron(II) chloride oxidize magnesium metal? If so, write the balanced molecular and net ionic equations 
for the reaction. 


SOLUTION Both FeCl, and MgCl, are soluble strong electrolytes and can be 
written in ionic form, which shows us that Cl is a spectator ion in 


Analyze We are given two substances—an aqueous salt, FeCl, and the reaction. The net ionic equation is 


a metal, Mg—and asked if they react with each other. 
Mg(s) + Fe?* (aq) —> Mg’ (aq) + F 
Plan A reaction occurs if the reactant that is a metal in its elemen- a(s) Me) g (aq) e(s) 
tal form (Mg) is located above the reactant that is a metal in its ox- The net ionic equation shows that Mg is oxidized and Fe?" is 
idized form (Fe?*) in Table 4.5. If the reaction occurs, the Fe?* ion reduced in this reaction. 


; ; r sJ; 2+ 
it VECIS is teducedTo KE and tE ME IS oxidized to Mg- Check Note that the net ionic equation is balanced with respect 


Solve Because Mg is above Fe in the table, the reaction occurs. To to both charge and mass. 
write the formula for the salt produced in the reaction, we must 
remember the charges on common ions. Magnesium is always 
present in compounds as Mg”*; the chloride ion is CI~. The mag- 
nesium salt formed in the reaction is MgCl,, meaning the bal- 
anced molecular equation is 


> Practice Exercise 

Which of these metals is the easiest to oxidize? 

(a) gold (b) lithium (c) iron (d) sodium (e) aluminum 
Mg(s) + FeCl,(aq) —> MgCl,(aq) + Fe(s) 
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STRATEGIES FOR SUCCESS PUEIA Tr BGreg cies 


In this chapter, you have been introduced to a great number of chem- 
ical reactions. It’s not easy to get a “feel” for what happens when 
chemicals react. One goal of this textbook is to help you become 
more adept at predicting the outcomes of reactions. The key to gain- 
ing this “chemical intuition” is to learn how to categorize reactions. 
Attempting to memorize individual reactions would be a futile 
task. It is far more fruitful to recognize patterns to determine the 
general category of a reaction, such as metathesis or oxidation- 
reduction. When faced with the challenge of predicting the out- 
come of a chemical reaction, ask yourself the following questions: 


e What are the reactants? 
e Are they electrolytes or nonelectrolytes? 
e Are they acids or bases? 


e Ifthe reactants are electrolytes, will metathesis produce a precipi- 
tate? Water? A gas? 


e If metathesis cannot occur, can the reactants engage in an 
oxidation-reduction reaction? This requires that there be 
both a reactant that can be oxidized and a reactant that can 
be reduced. 


Being able to predict what happens during a reaction fol- 
lows from asking basic questions like these. Each question nar- 
rows the set of possible outcomes, steering you ever closer to a 
likely outcome. Your prediction might not always be entirely 
correct, but if you keep your wits about you, you will not be far 
off. As you gain experience, you will begin to look for reactants 
that might not be immediately obvious, such as water from the 
solution or oxygen from the atmosphere. Because proton transfer 
(acid-base) and electron transfer (oxidation-reduction) are 
involved in a huge number of chemical reactions, knowing the 
hallmarks of such reactions will mean you are well on your way to 


becoming 


an excellent chemist! 


Self-Assessment Exercise 


4.19 Which combination of metal and metal ion do you expect 
to undergo a redox reaction? 


(a) Ca(s) and K*(aq) 

(b) Fe(s) and Al#* (aq) 
(c) Ag(s) and Cu” (aq) 
(d) Fe(s) and Pb?*(aq) 


Exercises 


4.20 (a) Which region of the periodic table shown here contains 
elements that are easiest to oxidize? (b) Which region con- 
tains the least readily oxidized elements? 


i) 


Q 


4.21 Determine the oxidation number of sulfur in each of the 
following substances: (a) barium sulfate, BaSO,, (b) sulfu- 
rous acid, H2SO3, (c) strontium sulfide, SrS, (d) hydrogen 
sulfide, H3S. (e) Locate sulfur in the periodic table in Exer- 
cise 4.20; what region is it in? (f) Which region(s) of the pe- 
riodic table contains elements that can adopt both positive 
and negative oxidation numbers? 


4.22 Determine the oxidation number for the indicated ele- 
ment in each of the following substances: (a) S in SO}, 


4.23 


(b) Ti in TiCl,, (c) P in AgPF,, (d) N in HNO,, (e) S in H2503, 
(£) O in OF). 

Which element is oxidized and which is reduced in the 
following reactions? 


(a) No(s) + 3 H2(g) —> 2NH3(g) 
(b) 3 Fe(NO3)2(aq) + 2 Al(s) —> 
3 Fe(s) + 2 Al(NO3)3(aq) 
(c) Cl(aq) + 2 Nal(aq) —— I,(aq) + 2 NaCl(aq) 
(d) PbS(s) + 4H202(aq) —> PbSO,(s) + 4 H20(1) 


4.24 Write balanced molecular and net ionic equations for 


4.25 


the reactions of (a) manganese with dilute sulfuric acid, 
(b) chromium with hydrobromic acid, (c) tin with hydro- 
chloric acid, (d) aluminum with formic acid, HCOOH. 


Using the activity series (Table 4.5), write balanced chem- 
ical equations for the following reactions. If no reaction 
occurs, write NR. (a) Iron metal is added to a solution of 
copper(II) nitrate, (b) zinc metal is added to a solution 
of magnesium sulfate, (c) hydrobromic acid is added to 
tin metal, (d) hydrogen gas is bubbled through an aque- 
ous solution of nickel(II) chloride, (e) aluminum metal is 
added to a solution of cobalt(II) sulfate. 


$9S19J9Xq JUBWSSassy-}[as 0} SIaMSUY 


y 


SECTION 4.5 Concentrations of Solutions 


4.5 | Concentrations of Solutions 


EERE eee 

i anne 
=e > = 
ea ee 


= oe = e Joa 


4 


In recent years, we have seen an explosion in the marketing of dietary supplements. 
Many of these involve “trace elements”—substances we require in small quantities for the 
healthy functioning of our bodies. While a diet deficient in such essential elements can 
cause undesirable physiological effects, so too can an excess of the element. For example, 
there is around 2.3 g of iron in the body of an adult woman and 3.8 g in an adult man. 
A deficiency of iron can lead to conditions such as anemia, characterized by fatigue 
among other symptoms, while too much iron can lead to stomach pain and metabolic 
acidosis. Body chemistry is essentially solution chemistry and an ability to quantify the 
amount of substance in a solution is essential to its understanding. 
By the end of this section, you should be able to 


e Convert between mass, moles, and concentration of a soluble substance 


Scientists use the term concentration to designate the amount of solute dissolved in a 
given quantity of solvent or quantity of solution. The greater the amount of solute dis- 
solved in a certain amount of solvent, the more concentrated the resulting solution. In 
chemistry we often need to express the concentrations of solutions quantitatively. 


Molarity 
Molarity (symbol M) expresses the concentration of a solution as the number of moles 
of solute in a liter of solution (soln): 


moles solute 
volume of solution in liters 


Molarity [4.31] 


A 1.00 molar solution (written 1.00 M) contains 1.00 mol of solute in every liter of 
solution. Figure 4.13 shows the preparation of 0.250 L of a 1.00 M solution of CuSO,. The 
molarity of the solution is (0.250 mol CuSO,)/(0.250 L soln) = 1.00 M. Note that we use 
the abbreviation “soln” for “solution.” 


Expressing the Concentration of an Electrolyte 


In biology, the total concentration of ions in solution is very important in metabolic and 
cellular processes. When an ionic compound dissolves, the relative concentrations of the 
ions in the solution depend on the chemical formula of the compound. For example, a 
1.0 M solution of NaCl is 1.0 Min Na‘ ions and 1.0 Min Cl ions, anda 1.0 M solution of 
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19 Weigh out 39.9 g 
(0.250 mol) CuSO,. 


A Figure 4.13 Preparing 0.250 L of a 1.00 M solution of CuSO,. 


Sample Exercise 4.11 
Calculating Molarity 


solution. 


SOLUTION 


Analyze We are given the number of grams of solute (23.4 g), its 
chemical formula (Na2SO,), and the volume of the solution 


Solve 


The number of moles of NaSO; is ob- 
tained by using its molar mass: 


2) Put CuSO, (solute) into 
250-mL volumetric flask; 
add water and swirl to 
dissolve solute. 


€D Add water until solution 
just reaches calibration 
mark on neck of flask, 
and swirl to mix. 


Calculate the molarity of a solution made by dissolving 23.4 g of sodium sulfate (Na2SO,) in enough water to form 125 mL of 


Plan We can calculate molarity using Equation 4.31. To do so, we 
must convert the number of grams of solute to moles and the vol- 


(125 mL) and asked to calculate the molarity of the solution. ume of the solution from milliliters to liters. 


Converting the volume of the solution to liters: Liters soln = (125 mt)( 


1 mol Na2SO4 
Moles NaSO, = (23.4 gNazSOj) 142.1 gNaSO, = 0.165 mol NaSO, 
1L 
0.165 mol NaSO, mol Na,SO4 
= 1.32M 


Thus, the molarity is: Molarity 


Check Because the numerator is only slightly larger than the de- 
nominator, it is reasonable for the answer to be a little over 1 M. 
The units (mol/L) are appropriate for molarity, and three signif- 
icant figures are appropriate for the answer because each of the 
initial pieces of data had three significant figures. 


0.125 Lsoln ` L soln 


> Practice Exercise 
What is the molarity of a solution that is made by dissolving 
3.68 g of sucrose (C12H22011) in sufficient water to form 275.0 mL 
of solution? (a) 13.4 M (b) 7.43 x 107M 
(c) 3.91 x 10°?M (d) 7.43 x 10™ M (e) 3.91 x 1075M 
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Na Sample Exercise 4.12 
PT Calculating Molar Concentrations of lons 


What is the molar concentration of each ion present in a 0.025 M aqueous solution of calcium nitrate? 


SOLUTION Thus, a solution that is 0.025 M in Ca(NO3), is 0.025 Min Ca?* 
Analyze We are given the concentration of the ionic compound and 2 NOE Ne DN Ss 

used to make the solution and asked to determine the concentra- Check The concentration of NO3_ ions is twice that of Ca** ions, as the 
tions of the ions in the solution. subscript 2 after the NO; in the chemical formula Ca(NO3), suggests. 


Plan We can use the subscripts in the chemical formula of the 

compound to determine the relative ion concentrations. > Practice Exercise 

What is the ratio of the concentration of potassium ions to the 
concentration of carbonate ions in a 0.015 M solution of potas- 
sium carbonate? (a) 1:0.015 (b) 0.015:1 (c) 1:1 (d) 1:2 (e) 2:1 


Solve Calcium nitrate is composed of calcium ions (Ca?*) and 
nitrate ions (NO3 ), so its chemical formula is Ca(NO3)2. Because 
there are two NO; ions for each Ca”* ion, each mole of Ca(NO3)5 
that dissolves dissociates into 1 mol of Ca** and 2 mol of NO37. 


NaSO; is 2.0 Min Na’ ions and 1.0 Min SO,” ions. Thus, the concentration of an elec- 
trolyte solution can be specified either in terms of the compound used to make the solu- 
tion (1.0 M Na2SOg) or in terms of the ions in the solution (2.0 M Na‘ and 1.0 MSO,” ). 


Interconverting Molarity, Moles, and Volume 


If we know any two of the three quantities in the definition of molarity (Equation 4.31), 
we can calculate the third. For example, if we know the molarity of an HNO; solution to 
be 0.200 M, which means 0.200 mol of HNO; per liter of solution, we can calculate the 
number of moles of solute in a given volume, say 2.0 L. Molarity therefore is a conversion 
factor between volume of solution and moles of solute: 


0.200 mol HNO; 
1 Lsein 


Moles HNO; = (2.0 Lsoin)( ) = 0.40 mol HNO; 


To illustrate the conversion of moles to volume, let’s calculate the volume of 0.30 M HNO, 
solution required to supply 2.0 mol of HNO3: 


1Lsoln 
0.30 mol HNO3 


Note that in this case we used the reciprocal of molarity in the conversion: 


Liters = mol x 1/M = mol x liters/mol 


Liters soln = (2.0 molHNO;)( ) = 6.7 L soln 


If one of the solutes is a liquid, we can use its density to convert its mass to volume 
and vice versa. For example, a typical American beer contains 5.0% ethanol (CH;CH,0H) 
by volume in water (along with other components). The density of ethanol is 0.789 
g/mL. Therefore, if we wanted to calculate the molarity of ethanol (usually just called 
“alcohol” in everyday language) in beer, we would first consider 1.00 L of beer. 

This 1.00 L of beer contains 0.950 L of water and 0.050 L of ethanol: 


5% = 5/100 = 0.050 


Then we can calculate the moles of ethanol by proper cancellation of units, taking into 
account the density of ethanol and its molar mass (46.0 g/mol): 


1000 ae) (“= £) ( 1 mol 
L mÉ 46.0 g 


Moles ethanol = (0.050 L) ( ) = 0.858 mol 


Because there are 0.858 moles of ethanol in 1.00 L of beer, the concentration of eth- 
anol in beer is 0.86 M (taking into account significant figures). 


204 CHAPTER 4 Reactions in Aqueous Solution 


SOLUTION 


Mya,so, 


Moles Na2SO4 


> Sample Exercise 4.13 Ų >) 
PP Using Molarity to Calculate Grams of Solute 


How many grams of NaSO; are required to make 0.350 L of 0.500 M NaoSO,? 


Analyze We are given the volume of the solution (0.350 L), its con- 
centration (0.500 M), and the identity of the solute Na,SO, and 


liters soln 


moles Na2SO4 
liters soln 


Because each mole of NaSO; has a mass of 142.1 g, the required 
number of grams of NaSO; is 


142.1 g NaSO, 
Grams NaSO, = (0.175 mol NazSO4) 


asked to calculate the number of grams of the solute in the solution. 1 mol Nas$O,; 
Plan We can use the definition of molarity (Equation 4.31) to = 24.9 g Na,SO4 
determine the number of moles of solute, and then convert 
moles to grams using the molar mass of the solute. Check The magnitude of the answer, the units, and the number of 
moles NaSO) significant figures are all appropriate. 
Meso 


Solve Calculating the moles of Na2SO, using the molarity and 
volume of solution gives 


> Practice Exercise 
(a) How many grams of Na2SO, are there in 15 mL of 


= liters soln X Mya,so, 0.50 M Na,SO,? (b) How many milliliters of 0.50 M Na SO, 


= (0.350 Lsoin)( 


0.500 mol NaSO, ) solution are needed to provide 0.038 mol of this salt? 


1Lsein 


= 0.175 mol NaSO, 


Dilution 


Solutions used routinely in the laboratory are often purchased or prepared in concen- 
trated form (called stock solutions). Aqueous solutions of lower concentrations can then 
be obtained by adding water, a process called dilution.* 

Let’s see how we can prepare a dilute solution from a concentrated one. Suppose we 
want to prepare 250.0 mL (that is, 0.2500 L) of 0.100 M CuSO, solution by diluting a 
1.00 M CuSO, stock solution. The main point to remember is that when solvent is added 
to a solution, the number of moles of solute remains unchanged: 


Moles solute before dilution = moles solute after dilution [4.32] 


Because we know both the volume (250.0 mL) and the concentration (0.100 mol/L) of the 
dilute solution, we can calculate the number of moles of CuSO, it contains: 


ae? 0.100 mol CuSO, 
Moles CuSO, in dilute soln = (0.2500 L-sein)| ———__—— 


Lsoin 
= 0.0250 mol CuSO, 


The volume of stock solution needed to provide 0.0250 mol CuSO, is therefore: 


1 Lsoln 
1.00 mol CuSO4 


Liters of conc soln = (0.0250 mol €us03)( ) = 0.0250 L 


Figure 4.14 shows the dilution carried out in the laboratory. Notice that the diluted 
solution is less intensely colored than the concentrated one. 


*In diluting a concentrated acid or base, the acid or base should be added to water and then 
further diluted by adding more water. Adding water directly to concentrated acid or base can cause 
spattering because of the intense heat generated. 
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i) Draw 25.0 mL of 
1.00 M stock 
solution into pipette. 


£9 Dilute with water until 
solution reaches 
calibration mark on 
neck of flask and mix 
to create 0.100 M 
solution. 


2) Add concentrated 
solution in pipette 
to 250-mL 

volumetric flask. 


(= 


A Figure 4.14 Preparing 250.0 mL of 0.100 M CuSO, by dilution of 1.00 M CuSO,. 


In laboratory situations, calculations of this sort are often made with an equation 
derived by remembering that the number of moles of solute is the same in both the con- 
centrated and dilute solutions and that moles = molarity X liters: 


Moles solute in conc soln = moles solute in dilute soln 
Moone X Veone = Mai X Vai [4.33] 


Although we derived Equation 4.33 in terms of liters, any volume unit can be used as 
long as it is used on both sides of the equation. For example, in the calculation we did for 
the CuSO; solution, we have 


(1.00 M)(Veone) = (0.100 M)(250.0 mL) 


Solving for Veone gives Veonc = 25.0 mL as before. 


Sample Exercise 4.14 


Preparing a Solution by Dilution 


How many milliliters of 3.0 M H2SO0; are needed to make 450 mL of 0.10 M H2SO,? 


SOLUTION 
Analyze We need to dilute a concentrated solution. We are given the Plan We can calculate the number of moles of solute, H»SOg, in 
molarity of a more concentrated solution (3.0 M) and the volume the dilute solution and then calculate the volume of the concen- 
and molarity of a more dilute one containing the same solute (450 mL trated solution needed to supply this amount of solute. Alterna- 
of 0.10 M solution). We must calculate the volume of the concen- tively, we can directly apply Equation 4.33. Let’s compare the two 
trated solution needed to prepare the dilute solution. methods. 
Solve 

Calculate the moles of H,SO, in the o , 0.10 mol H2SO4 

dilute solution: Moles H,SO, in dilute solution = (0.450 Lsein) -idn 


= 0.045 mol H2SO4 


Calculate the volume of the concentrated 


1 L sol 
solution that contains 0.045 mol H,SO,: Liters conc soln = (0.045 molH50)( 55 a z) = 0.015 Lsoln 
ee ae : 3.0 mol HySO04 
Converting liters to milliliters gives 15 mL. 
If we apply Equation 4.33, we get the same result: (3.0 M)(Veonc) = (0.10 M)(450 mL) 
(0.10 M)(450 mL) 
( Veonc) 15 mL 


3.0M 
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Either way, we see that if we start with 15 mL of 3.0 MH,SO, and 
dilute it to a total volume of 450 mL, the desired 0.10 M solution 
will be obtained. 


Check The calculated volume seems reasonable because a small 
volume of concentrated solution is used to prepare a large volume 
of dilute solution. 


Comment The first approach can also be used to find the final 
concentration when two solutions of different concentrations 
are mixed, whereas the second approach, using Equation 4.33, 


can be used only for diluting a concentrated solution with pure 
solvent. 


» Practice Exercise 


What volume of a 1.00 M stock solution of glucose must be 
used to make 500.0 mL ofa 1.75 x 107°? M glucose solution 
in water? 

(a) 1.75 mL (b) 8.75 mL (c) 48.6 mL (d) 57.1 mL (e) 28,570 mL 


Self-Assessment Exercise 


4.26 


Which solution has the greatest number of molecules or 
ions present? 


(a) 1.00 M FeCl, 
(b) 1.50 M HCI 
(c) 2.00 M C;H;20% 


Exercises 


4.27 


4.28 


4.29 


4.30 


4.31 


(a) Calculate the molarity of a solution that contains 0.175 
mol ZnCl, in exactly 150 mL of solution. (b) How many 
moles of protons are present in 35.0 mL of a 4.50 M solu- 
tion of nitric acid? (c) How many milliliters of a 6.00 M 
NaOH solution are needed to provide 0.350 mol of NaOH? 


The average adult human male has a total blood volume of 
5.0 L. If the concentration of sodium ion in this average in- 
dividual is 0.135 M, what is the mass of sodium ion circulat- 
ing in the blood? 


The concentration of alcohol (CH;CH,OH) in blood, 
called the “blood alcohol concentration” or BAC, is given 
in units of grams of alcohol per 100 mL of blood. What is 
the concentration of alcohol, in terms of molarity, in blood 
if the BAC is 0.08? 


(a) Which will have the highest concentration of sodium 
ions: 0.25 M NaCl, 0.15 M NaCO}, or 0.075 MNa3PO,? 
(b) Which will contain the greater number of moles of 
sodium ion: 20.0 mL of 0.15 M NaHCO; or 15.0 mL of 0.04 M 
Na,S? 

Ignoring protolysis reactions, indicate the concentra- 
tion of each ion or molecule present in the following 


4.32 


4.33 


4.34 


solutions: (a)0.35MK3PO,,(b)5 x 1074 M CuCl), (c)0.0184M 
CH3CH20OH (d) a mixture of 35.0 mL of 0.010 M Na,CO, 
and 50.0 mL of 0.200 M K,SO,. Assume the volumes are 
additive. 


(a) You have a stock solution of 14.8 M NH3. How many mil- 
liliters of this solution should you dilute to make 1000.0 mL 
of 0.250 M NH}? (b) If you take a 10.0-mL portion of the 
stock solution and dilute it to a total volume of 0.500 L, 
what will be the concentration of the final solution? 


A medical lab is testing a new anticancer drug on cancer 
cells. The drug stock solution concentration is 1.5 x 10-°M, 
and 1.00 mL of this solution will be delivered to a dish con- 
taining 2.0 x 10° cancer cells in 5.00 mL of aqueous fluid. 
What is the ratio of drug molecules to the number of can- 
cer cells in the dish? 


Pure acetic acid, known as glacial acetic acid, is a liquid 
with a density of 1.049 g/mL at 25 °C. Calculate the molar- 
ity of a solution of acetic acid made by dissolving 20.00 mL 
of glacial acetic acid at 25°C in enough water to make 
250.0 mL of solution. 
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4.6 | Solution Stoichiometry and 
Chemical Analysis 


Many reactions occur in solution form. In Chapter 3, we learned that given the chemical 
equation for a reaction and the amount of one reactant consumed in the reaction, you can 
calculate the quantities of other reactants and products. In this section we extend this con- 
cept to reactions involving solutions. 

By the end of this section, you should be able to 


e Perform stoichiometric calculations involving solutions. 


Recall that the coefficients in a balanced equation give the relative number of moles of 
reactants and products. To use this information, we must convert the masses of substances 
involved ina reaction into moles. When dealing with pure substances, as we didin Chapter 3, 
we use molar mass to convert between grams and moles of the substances. This conversion 
is not valid when working with a solution because both solute and solvent contribute to 
its mass. However, if we know the solute concentration, we can use molarity and volume 
to determine the number of moles (moles solute = M x V). Figure 4.15 summarizes this 
approach to using stoichiometry for the reaction between a pure substance and a solution. 


Mass of 
substance A 


Use molar 
mass of A 


Moles of 
substance A 


Use coefficients from 
balanced equation 


Molen ———_ Moles of ta 
solution containing 
substance B ——._ substanceB L————7y 
Use volume Use molarity 
of solution of solution 
containing B containing B 


A Figure 4.15 Procedure for solving stoichiometry problems involving reactions between a 

pure substance A and a solution containing a known concentration of substance B. Starting from 
a known mass of substance A, we follow the red arrows to determine either the volume of the 
solution containing B (if the molarity of B is known) or the molarity of the solution containing B 
(if the volume of B is known). Starting from either a known volume or a known molarity of the 
solution containing B, we follow the green arrows to determine the mass of substance A. 


Volume of 
solution containing 
substance B 
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S Sample Exercise 4.15 


The product of the molar concentration 
of a solution and its volume in liters gives 
the number of moles of solute: 


Lt Using Mass Relations in a Neutralization Reaction 


How many grams of Ca(OH)» are needed to neutralize 25.0 mL of 0.100 M HNO3? 


SOLUTION 
Analyze The reactants are an acid, HNO3, and a base, Ca(OH)>. Plan Following the steps outlined by the green arrows in Figure 4.15, 
The volume and molarity of HNO; are given, and we are asked we use the molarity and volume of the HNO; solution (substance 
how many grams of Ca(OH), are needed to neutralize this B in Figure 4.15) to calculate the number of moles of HNO3. We 
quantity of HNO3. then use the balanced equation to relate moles of HNO; to moles 
of Ca(OH), (substance A). Finally, we use the molar mass to con- 
vert moles to grams of Ca(OH)»: 
Vino, X Muno, = mol HNO; = mol Ca(OH), = g Ca(OH). 
Solve 


0.100 mol HNO3 
Moles HNO; = Vino, X Muno, = (0.0250 E) ————_—_— 


K 
= 2.50 x 10 * mol HNO; 


Because this is a neutralization reaction, 


the salt containing Ca?* and NO;: 


HNO; and Ca(OH), react to form H2O and 


2 HNO3(aq) + Ca(OH)2(s) —> 2 H,O(1) + Ca(NO3)2(aq) 


*More precisely, the color change of an 
indicator signals the end point of the titra- 
tion, which if the proper indicator is cho- 
sen lies very near the equivalence point. 
Acid-base titrations are discussed in more 
detail in Section 17.3. 


4 1molGafOH)p\ / 74.1 g Ca(OH)2 
Thus, 2 mol HNO; = 1 mol Ca(OH)p. Therefore, Grams Ca(OH), = (2.50 xX 10° moLHNO3) x - - 
= 0.0926 g Ca(OH), 
Check The answer is reasonable because a small volume of dilute » Practice Exercise 
acid requires only a small amount of base to neutralize it. How many milligrams of sodium sulfide are needed to com- 


pletely react with 25.00 mL of a 0.0100 M aqueous solution of 
cadmium nitrate, to form a precipitate of CdS(s)? 
(a) 13.8 mg (b) 19.5 mg (c) 23.5 mg (d) 32.1 mg (e) 39.0 mg 


Titrations 


To determine the concentration of a particular solute in a solution, chemists often carry 
out a titration, which involves combining a solution where the solute concentration is not 
known with a reagent solution of known concentration, called a standard solution. Just 
enough standard solution is added to completely react with the solute in the solution 
of unknown concentration. The point at which stoichiometrically equivalent quantities 
are brought together is known as the equivalence point. 

Titrations can be conducted using neutralization, precipitation, or oxidation-reduction 
reactions. Figure 4.16 illustrates a typical neutralization titration, one between an HCI solu- 
tion of unknown concentration and a standard NaOH solution. To determine the HCI con- 
centration, we first add a specific volume of the HCI solution, 20.0 mL in this example, to 
a flask. Next we add a few drops of an acid-base indicator. The acid-base indicator is a 
dye that changes color on passing the equivalence point.* For example, the dye phenol- 
phthalein is colorless in acidic solution but pink in basic solution. The standard solution is 
then slowly added until the solution turns pink, telling us that the neutralization reaction 
between HCl and NaOH is complete. The standard solution is added from a burette so that 
we can accurately determine the added volume of NaOH solution. Knowing the volumes 
of both solutions and the concentration of the standard solution, we can calculate the 
concentration of the unknown solution as diagrammed in Figure 4.17. 


Go Figure 


y 


Initial volume 
reading 


1D 20.0 mL of acid 
solution added to 
flask 


?® A few drops of 
acid-base indicator 
added to flask 


Volume of 
standard solution 
needed to reach 
equivalence point 


Use molarity of 
standard solution 


Moles of solute 
in standard 


solution Use coefficients 


from balanced 
equation 


‘> Sample Exercise 4.16 


<)) Standard NaOH 
solution added to 
flask from burette 


Concentration (molarity) 
of unknown solution 
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How would the volume of standard solution added change if that solution 
were Ba(Oh),(aq) instead of NaOH(aq)? 


ZÐ Solution becomes 
basic on passing 
equivalence point, 
triggering indicator 
color change 


Burette 


Final volume 
reading 


A Figure 4.16 Procedure for titrating an acid against a standard solution of NaOH. The acid-base 
indicator, phenolphthalein, is colorless in acidic solution but takes on a pink color in basic solution. 


< Figure 4.17 Procedure for determining the 
concentration of a solution from titration with 
a standard solution. 


Use volume of 
unknown solution 


Moles of solute 
in unknown 
solution 


PP Determining Solution Concentration by an Acid-Base Titration 


One commercial method used to peel potatoes is to soak them in a NaOH solution for a short time and then remove the potatoes 
and spray off the peel. The NaOH concentration is normally 3 to 6 M, and the solution must be analyzed periodically. In one 
such analysis, 45.7 mL of 0.500 M H,SO, is required to neutralize 20.0 mL of NaOH solution. What is the concentration of the 


NaOH solution? 


SOLUTION 


Analyze We are given the volume (45.7 mL) and molarity 

(0.500 M) of an H250; solution (the standard solution) that re- 
acts completely with 20.0 mL of NaOH solution. We are asked to 
calculate the molarity of the NaOH solution. 


Plan Following the steps given in Figure 4.17, we use the HSO, 
volume and molarity to calculate the number of moles of H2SO,. 
Then we can use this quantity and the balanced equation for the 
reaction to calculate moles of NaOH. Finally, we can use moles of 
NaOH and the NaOH volume to calculate NaOH molarity. 
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Solve 


The number of moles of HSO; is the product of the volume 
and molarity of this solution: 


Lsoln 0.500 mol H,SO 
Moles H2SO4 = 65.7 meson as) ion i ‘) 


= 2.28 x 107? mol H,SO, 


Acids react with metal hydroxides to form water and a salt. 
Thus, the balanced equation for the neutralization reaction is: 


H,SO,(aq) + 2 NaOH(aq) — > 2H,O(1) + Na2SO,4(aq) 


According to the balanced equation, 2 mol NaOH 
1 mol H,SO, = 2 mol NaOH. Therefore, Moles NaOH = (2.28 x 10°27 eed 
2504 oles Na ( moHSO,4) I molHySO; 
= 4.56 X 107? mol NaOH 
Knowing the number of moles of NaOH in 20.0 mL of solu- morNaðti 
tion allows us to calculate the molarity of this solution: Molarity NaOH = Eson 
soln 
(4% x 10°? mol Nao!) ( 1000 miso) 
20.0 mLsoin 1Lsoln 
2.28 ON ae 
L soln 


> Practice Exercises 
What is the molarity of an HCl solution if 27.3 mL of it 
neutralizes 134.5 mL of 0.0165 M Ba(OH) ? 


(a) 0.0444 M (b) 0.0813 M (c) 0.163 M (d) 0.325 M 
(e) 3.35 M 


[> Sample Exercise 4.17 
D Determining the Quantity of Solute by Titration 


The quantity of Cl in a municipal water supply is determined by titrating the sample with Ag*. The precipitation reaction taking 


place during the titration is 


Ag*(aq) + Cl'(aq) —> AgCl(s) 


(a) How many grams of chloride ion are in a sample of the water if 20.2 mL of 0.100 M Ag* is needed to react with all the 
chloride in the sample? (b) If the sample has a mass of 10.0 g, what percentage of CI” does it contain? 


SOLUTION 


Analyze We are given the volume (20.2 mL) and molarity (0.100 M) 
of a solution of Ag and the chemical equation for reaction of this 
ion with CT. We are asked to calculate the number of grams of C17 
in the sample and the mass percentage of Cl" in the sample. 


Solve 


(a) Calculate the number of moles of Ag* used in the titration. 


Plan (a) We can use the procedure outlined by the green arrows 
in Figure 4.15. We begin by using the volume and molarity of Ag* 
to calculate the number of moles of Ag* used in the titration. We 
then use the balanced equation to determine the moles of Cl” in 
the sample and from that the grams of Cl. (b) To calculate the 
percentage of Cl” in the sample, we compare the number of grams 
of Cl in the sample with the original mass of the sample, 10.0 g. 


1 Lsein ye mol As) 
1000 mLsoIn" LsoIn 


= 2.02 x 10-3 mol Ag* 


Moles Ag* = (20.2 mt soim) ( 


From the balanced equation we see that 
1 mol Ag = 1 mol CI. Using this information and the molar 
mass of Cl, we have: 


melag) moter) 


Dy -3 
Grams Cl (2.02 x 10 morag)( > 


= 7.17 x 102gCI 


(b) Calculate the percentage of Cl used in the sample. 


7.17 X 10° g 


% = WAG 
10.0g x 100% = 0.717% Cl 


Percent Cl” = 
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point with 2.84 mL of a standard 0.0100 M HCI solution. 


> Practice Exercise 
What is the percentage of morphine in the white powder? 


A mysterious white powder is found at a crime scene. A simple 


chemical analysis concludes that the powder is a mixture of sugar (a) 8.10% 
and morphine (C,7H,)9NO3), a weak base similar to ammonia. (b) 17.3% 
The crime lab takes 10.00 mg of the mysterious white powder, (c) 32.6% 
dissolves it in 100.00 mL water, and titrates it to the equivalence (d) 49.7% 

(e) 81.0% 


> Sample Integrative Exercise 


D Putting Concepts Together 


Note: /ntegrative exercises require skills from earlier chapters as well as ones from the present chapter. 


A sample of 70.5 mg of potassium phosphate is added to 15.0 mL of 0.050 M silver nitrate, resulting in the formation of a 
precipitate. (a) Write the molecular equation for the reaction. (b) What is the limiting reactant in the reaction? (c) Calculate 
the theoretical yield, in grams, of the precipitate that forms. 


SOLUTION 


(a) Potassium phosphate and silver nitrate are both ionic com- 
pounds. Potassium phosphate contains K* and PO," ions, so its 
chemical formula is K3PO,. Silver nitrate contains Ag and NO37 
ions, so its chemical formula is AgNO3. Because both reactants 
are strong electrolytes, the solution contains K*, PO,” , Ag*, and 
NO; ions before the reaction occurs. According to the solubility 
guidelines in Table 4.1, Ag* and PO,*" form an insoluble com- 
pound, so Ag3PQO, will precipitate from the solution. In contrast, 
K* and NO;_ will remain in solution because KNO; is water sol- 
uble. Thus, the balanced molecular equation for the reaction is: K3PO,4(aq) + 3 AZNO3(aq) —> Ag3PO,(s) + 3 KNO3(aq) 


(b 


= 


To determine the limiting reactant, we must examine the 

number of moles of each reactant. The number of moles of 

KPO; is calculated from the mass of the sample using the 

molar mass as a conversion factor. The molar mass of K3PO, is 

3(39.1) + 31.0 + 4(16.0) = 212.3 g/mol. Converting milli- 

grams to grams and then to moles, we have: (70.5 mgksPO,)( 


103 ere) mol Kars) 
1mgk;PO, /\ 212.3 gK,PO; 


= 3.32 x 10° *+mol K3PO4 


We determine the number of moles of AgNO; from the vol- 
ume and molarity of the solution. (Section 4.5) Converting 
milliliters to liters and then to moles, we have: (15.0 mt)( 


1033 . = mol a 
1 mE E 


= 7.5 x 10™mol AgNO; 
Comparing the amounts of the two reactants, we find that 


there are (7.5 X 10°*)/(3.32 x 1074) = 2.3 times as many 
moles of AgNO; as there are moles of K3PO4. According to 
the balanced equation, however, 1 mol K3PO, requires 3 mol 
AgNO3. Thus, there is insufficient AgNO; to consume the 
K3PO,4, and AgNO; is the limiting reactant. 


The precipitate is Ag3;PO,, whose molar mass is 3(107.9) + 31.0 + 
4(16.0) = 418.7 g/mol. To calculate the number of grams of 
Ag3PO, that could be produced in this reaction (the theoretical 
yield), we use the number of moles of the limiting reactant, con- 
verting mol AgNO; = mol Ag3PO,4 => g Ag3PO4. We use the 
coefficients in the balanced equation to convert moles of AgNO3 


© | 


(c 


to moles Ag3PO,, and we use the molar mass of Ag3PO, to convert 1 mol AgsPO, \ / 418.7 g Ag;PO 
the number of moles of this substance to grams. (7.5 x 104 mol Agno) 3 a ( I 2 ‘) 

mol AgNO; mol Ag3PO, 
The answer has only two significant figures because the quantity = 0.10 g Ag,PO 


of AgNO; is given to only two significant figures. 
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Self-Assessment Exercise 


4.35 Hard water contains Ca?*, Mg**, and Fe? ions, which forma 
scum with soap. Water softeners replace these ions with Nat. 
If 1500 L of hard water contains 0.020 M Ca?* and 0.0040 M 
Mg?*, how many grams of NaCl are needed to replace these 
ions? Keep in mind charge balance must be maintained. 


(a) 1800 g 
(b) 2100 g 
(c) 3500 g 
(d) 4200 g 


Exercises 


4.36 You want to analyze a silver nitrate solution. (a) You could 
add HCl(aq) to the solution to precipitate out AgCl(s). 
What volume of a 0.150 M HCl(aq) solution is needed to 
precipitate the silver ions from 15.0 mL of a 0.200 M AgNO; 
solution? (b) You could add solid KCI to the solution to 
precipitate out AgCl(s). What mass of KCl is needed to 
precipitate the silver ions from 15.0 mL of 0.200 M AgNO; 
solution? (c) Given that a 0.150 M HCl(aq) solution costs 
$39.95 for 500 mL and that KCI costs $10/ton, which anal- 
ysis procedure is more cost-effective? 


(a) What volume of 0.115 M HCI1O, solution is needed to 
neutralize 50.00 mL of 0.0875 M NaOH? (b) What volume of 
0.128 M HCl is needed to neutralize 2.87 g of Mg(OH),? (c) If 
25.8 mL of an AgNO; solution is needed to precipitate all the 
CI ions in a 785-mg sample of KCI (forming AgCl), what is 
the molarity of the AgNO; solution? (d) If45.3 mLofa0.108 M 
HCI solution is needed to neutralize a solution of KOH, 
how many grams of KOH must be present in the solution? 


4.37 


4.38 Some sulfuric acid is spilled on a lab bench. You can neutral- 
ize the acid by sprinkling sodium hydrogen carbonate on it 
and then mopping up the resulting solution. The sodium 


hydrogen carbonate reacts with sulfuric acid according to: 


2 NaHCO3(s) + H2SO4(aq) —> Na2SO,4(aq) + 
2 H20(1) + 2 CO2(8) 


De 


Chapter Summary and Key Terms 


GENERAL PROPERTIES OF AQUEOUS SOLUTIONS (INTRODUC- 
TION AND SECTION 4.1) Solutions in which water is the dissolving 
medium are called aqueous solutions. The component of the solution 
that is present in the greatest quantity is the solvent. The other com- 
ponents are solutes. 

Any substance whose aqueous solution contains ions is called 
an electrolyte. Any substance that forms a solution containing no ions 
is a nonelectrolyte. Electrolytes that are present in solution entirely as 
ions are strong electrolytes, whereas those that are present partly as 
ions and partly as molecules are weak electrolytes. lonic compounds 
dissociate into ions when they dissolve, and they are strong electrolytes. 
The solubility of ionic substances is made possible by solvation, the 
interaction of ions with polar solvent molecules. Most molecular 
compounds are nonelectrolytes, although some are weak electrolytes 
and a few are strong electrolytes. When representing the ionization 
of a weak electrolyte in solution, half-arrows in both directions are 
used, indicating that the forward and reverse reactions can achieve a 
chemical balance called a chemical equilibrium. 


PRECIPITATION REACTIONS (SECTION 4.2) Precipitation reactions 
are those in which an insoluble product, called a precipitate, forms. 
Solubility guidelines help determine whether an ionic compound 


Sodium hydrogen carbonate is added until the fizzing due 
to the formation of CO,(g) stops. If 27 mL of 6.0 MH,SO, 
was spilled, what is the minimum mass of NaHCO; that 
must be added to the spill to neutralize the acid? 


4.39 A 4.36 g sample of an unknown alkali metal hydroxide is 
dissolved in 100.0 mL of water. An acid-base indicator is 
added, and the resulting solution is titrated with 2.50 M 
HCl(aq) solution. The indicator changes color, signaling 
that the equivalence point has been reached, after 17.0 mL 
of the hydrochloric acid solution has been added. (a) What 
is the molar mass of the metal hydroxide? (b) What is the 
identity of the alkali metal cation: Li*, Na*, K*, Rb‘, or Cs*? 


A solution of 105.0 mL of 0.300 M NaOH is mixed with a 
solution of 150.0 mL of 0.060 M AICl;. (a) Write the bal- 
anced chemical equation for the reaction that occurs. (b) 
What precipitate forms? (c) What is the limiting reactant? 
(d) How many grams of this precipitate form? (e) What is 
the concentration of each ion that remains in solution? 


4.40 


4.41 A 0.5895 g sample of impure magnesium hydroxide is dis- 
solved in 100.0 mL of 0.2050 M HCI solution. The excess 
acid then needs 19.85 mL of 0.1020 M NaOH for neutral- 
ization. Calculate the percentage by mass of magnesium 
hydroxide in the sample, assuming that it is the only sub- 


stance reacting with the HCI solution. 
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will be soluble in water. (The solubility of a substance is the amount 
that dissolves in a given quantity of solvent.) Reactions such as pre- 
cipitation reactions, in which cations and anions appear to exchange 
partners, are called exchange reactions, or metathesis reactions. 

Chemical equations can be written to show whether dissolved 
substances are present in solution predominantly as ions or molecules. 
When the complete chemical formulas of all reactants and products 
are used, the equation is called a molecular equation. A complete ionic 
equation shows all dissolved strong electrolytes as their component 
ions. In a net ionic equation, those ions that go through the reaction 
unchanged (spectator ions) are omitted. 


ACIDS, BASES, AND NEUTRALIZATION REACTIONS (SECTION 4.3) 
Acids and bases are important electrolytes. Acids are proton donors; they 
increase the concentration of H*(aq) in aqueous solutions to which 
they are added. Bases are proton acceptors; they increase the concen- 
tration of OH (aq) in aqueous solutions. Those acids and bases that 
are strong electrolytes are called strong acids and strong bases, respec- 
tively. Those that are weak electrolytes are weak acids and weak bases. 
When solutions of acids and bases are mixed, a neutralization reaction 
occurs. The neutralization reaction between an acid and a metal hydrox- 
ide produces water and a salt. Gases can also be formed as a result of 


neutralization reactions. The reaction of a sulfide with an acid forms 
H2S(g); the reaction between a carbonate and an acid forms CO2(g). 


OXIDATION-REDUCTION REACTIONS (SECTION 4.4) Oxidation is 
the loss of electrons by a substance, whereas reduction is the gain of 
electrons by a substance. Oxidation numbers keep track of electrons 
during chemical reactions and are assigned to atoms using specific 
rules. The oxidation of an element results in an increase in its oxi- 
dation number, whereas reduction is accompanied by a decrease in 
oxidation number. Oxidation is always accompanied by reduction, 
giving oxidation-reduction, or redox, reactions. 

Many metals are oxidized by Oz, acids, and salts. The redox re- 
actions between metals and acids as well as those between metals 
and salts are called displacement reactions. The products of these dis- 
placement reactions are always an element (Hz or a metal) and a salt. 
Comparing such reactions allows us to rank metals according to their 
ease of oxidation. A list of metals arranged in order of decreasing ease 
of oxidation is called an activity series. Any metal on the list can be 
oxidized by ions of metals (or H*) below it in the series. 


CONCENTRATIONS OF SOLUTIONS (SECTION 4.5) The concentra- 
tion of a solution expresses the amount of a solute dissolved in the 
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solution. One of the common ways to express the concentration of a 
solute is in terms of molarity. The molarity of a solution is the number 
of moles of solute per liter of solution. Molarity makes it possible to 
interconvert solution volume and number of moles of solute. If the 
solute is a liquid, its density can be used in molarity calculations to 
convert between mass, volume, and moles. Solutions of known mo- 
larity can be formed either by weighing out the solute and diluting it 
to a known volume or by the dilution of a more concentrated solution 
of known concentration (a stock solution). Adding solvent to the 
solution (the process of dilution) decreases the concentration of the 
solute without changing the number of moles of solute in the solu- 
tion (Moone X Voonc = Maii X Vain) x 


SOLUTION STOICHIOMETRY AND CHEMICAL ANALYSIS 
(SECTION 4.6) In the process called titration, we combine a solution of 
known concentration (a standard solution) with a solution of unknown 
concentration to determine the unknown concentration or the quan- 
tity of solute in the unknown. The point in the titration at which stoi- 
chiometrically equivalent quantities of reactants are brought together 
is called the equivalence point. An indicator can be used to show the end 
point of the titration, which coincides closely with the equivalence 
point. 


Learning Outcomes After studying this chapter, you should be able to: 


e Identify compounds as acids or bases, and as strong, weak, or 
nonelectrolytes. (Sections 4.1 and 4.3) Related Exercises: 4.13-4.15, 
4.63-4.65 


e Recognize reactions by type and be able to predict the products 
of simple acid-base, precipitation, and redox reactions. (Sections 
4.2-4.4) Related Exercises: 4.16-4.18, 4.24-4.25, 4.43-4.45, 4.66- 
4.68, 4.73-4.76 


e Calculate molarity and use it to convert between moles of a 
substance in solution and volume of the solution. (Section 4.5) 
Related Exercises: 4.27-4.31, 4.79-4.85 


e Describe how to carry out a dilution to achieve a desired solu- 
tion concentration. (Section 4.5) Related Exercises: 4.32-4.34, 
4.86-4.88 


e Describe how to perform and interpret the results of a titration. 
(Section 4.6) Related Exercises: 4.38-4.41, 4.91-4.94 


Key Equations 
moles solute 
volume of solution in liters 


e Molarity [4.31] 


Moone x Veone = Mai x Vail [4.33] 


Molarity is the most commonly used unit of concentration in 
chemistry. 


When adding solvent to a concentrated solution to make a dilute 
solution, molarities and volumes of both concentrated and dilute 
solutions can be calculated if three of the quantities are known. 


Exercises 


Visualizing Concepts 


4.42 Which of the following schematic drawings best describes a 
solution of Li SO; in water (water molecules not shown for 
simplicity)? [Section 4.1] 
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(a) (b) (c) 


4.43 Aqueous solutions of three different substances, AX, AY, and 
AZ, are represented by the three accompanying diagrams. 
Identify each substance as a strong electrolyte, a weak elec- 
trolyte, or a nonelectrolyte. [Section 4.1] 
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4.44 Use the molecular representations shown here to classify 
each compound as a nonelectrolyte, a weak electrolyte, 
or a strong electrolyte (see Figure 4.4 for the element color 
scheme). [Sections 4.1 and 4.3] 


(a) (b) (c) 
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(b) (c) 
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4.52 


CHAPTER 4 Reactions in Aqueous Solution 


The concept of chemical equilibrium is very important. 
Which one of the following statements is the most correct 
way to think about equilibrium? 


(a) Ifa system is at equilibrium, nothing is happening. 


(b) If a system is at equilibrium, the rate of the forward reac- 
tion is equal to the rate of the back reaction. 


(c) Ifa system is at equilibrium, the product concentration is 
changing over time. [Section 4.1] 


You are presented with a white solid and told that due to careless 
labeling it is not clear if the substance is barium chloride, lead 
chloride, or zinc chloride. When you transfer the solid to a bea- 
ker and add water, the solid dissolves to give a clear solution. Next 
an Na2SO,(aq) solution is added and a white precipitate forms. 
What is the identity of the unknown white solid? [Section 4.2] 


Which of the following ions will always be a spectator ion in 
a precipitation reaction? (a) Cl, (b) NO; , (c) NH4, (d) s7, 
(e) SO,?-. [Section 4.2] 

The labels have fallen off three bottles containing powdered 
samples of metals; one contains zinc, one lead, and the other 
platinum. You have three solutions at your disposal: 1 M so- 
dium nitrate, 1 M nitric acid, and 1 M nickel nitrate. How 
could you use these solutions to determine the identities of 
each metal powder? [Section 4.4] 


Explain how a redox reaction involves electrons in the same 
way that a neutralization reaction involves protons. [Sec- 
tions 4.3 and 4.4] 


What kind of reaction is the “water-splitting” reaction? 
H,0() — H28) + % O28) 

(a) an acid-base reaction 

(b) a metathesis reaction 

(c) aredox reaction 

(d) a precipitation reaction [Section 4.4] 


An aqueous solution contains 1.2 mM of total ions. (a) If the 
solution is NaCl(aq), what is the concentration of chloride 
ion? (b) If the solution is FeCl; (aq), what is the concentra- 
tion of chloride ion? [Section 4.5] 


Which data set, of the two graphed here, would you expect 
to observe from a titration like that shown in Figure 4.16? 
[Section 4.6] 


Highly 
colored 


Color from indicator 


color 
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You are titrating an acidic solution with a basic one, and just 
realized you forgot to add the indicator that tells you when 
the equivalence point is reached. In this titration, the indi- 
cator turns blue at the equivalence point from an initially 
colorless solution. You quickly grab a bottle of indicator and 
add some to your titration beaker, and the whole solution 
turns dark blue. What do you do now? [Section 4.6] 


General Properties of Aqueous Solutions 
(Section 4.1) 
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State whether each of the following statements is true or 
false. Justify your answer in each case. 


(a) When acetone, CH,;COCH,, is dissolved in water, a con- 
ducting solution results. 


(b) When ammonium nitrate, NH,NO,, dissolves in water, 
the solution is weakly conducting and basic in nature. 


Would you expect that an anion would be physically closer 
to the oxygen or to the hydrogens of water molecules that 
surround it in solution? 


Specify what ions are present upon dissolving each of 
the following substances in water: (a) HIO,, (b) Ba(OH),, 
(c) HCN, (d) CuSO,. 

Acetone, CH3;COCH3, is a nonelectrolyte; hypochlorous 
acid, HCIO, is a weak electrolyte; and ammonium chloride, 
NH,CL, is a strong electrolyte. (a) What are the solutes pres- 
ent in aqueous solutions of each compound? (b) If 0.1 mol of 
each compound is dissolved in solution, which one contains 
0.2 mol of solute particles, which contains 0.1 mol of solute 
particles, and which contains somewhere between 0.1 and 
0.2 mol of solute particles? 


Precipitation Reactions (Section 4.2) 
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Predict whether each of the following compounds is solu- 
ble in water: (a) Mgs, (b) Cr(OH)3, (c) ZnCl, (d) Pb3(PO4)>, 
(e) Sr(CH3COO)>. 

Identify the precipitate (if any) that forms when the follow- 
ing solutions are mixed, and write a balanced equation for 
each reaction. (a) NH,I and CuCl,, (b) LiOH and MnCl, 
(c) KPO; and CoSQx4. 

Which ions remain in solution, unreacted, after each of the 
following pairs of solutions is mixed? 


(a) potassium carbonate and magnesium sulfate 

(b) lead nitrate and lithium sulfide 

(c) ammonium phosphate and calcium chloride 

Separate samples of a solution of an unknown ionic com- 
pound are treated with dilute AgNO3, Pb(NO3)2, and BaCly. 


Precipitates form in all three cases. Which of the following 
could be the anion of the unknown salt: Br”, CO,”", NO3 ? 


Three solutions are mixed together to form a single solution; 
in the final solution, there are 0.2 mol Pb(CH3;COO),, 
0.1 mol Na2S, and 0.1 mol CaCl, present. What solid(s) will 
precipitate? 


Acids, Bases, and Neutralization Reactions 
(Section 4.3) 
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State whether each of the following statements is true or 

false. Justify your answer in each case. 

(a) NH; contains no OH ions, and yet its aqueous solutions 
are basic. 

(b) HFisa strong acid. 


(c) Although sulfuric acid is a strong electrolyte, an aqueous 
solution of HSO, contains more HSO; ions than SO,” 
ions. 
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An aqueous solution of an unknown solute is tested with 
litmus paper and found to be acidic. The solution is weakly 
conducting compared with a solution of NaCl of the same 
concentration. Which of the following substances could the 
unknown be: KOH, NH3, HNOs, KC1O,, HPO}, CH3COCH3 
(acetone)? 


Classify each of the following aqueous solutions as a non- 
electrolyte, weak electrolyte, or strong electrolyte: (a) PbCly, 
(b) N(CH,),, (c) CsOH, (d) H3S, (e) CrCly, (£) Ni(CH3COO),. 


Write the balanced molecular and net ionic equations for 
each of the following neutralization reactions: 


(a) Aqueous acetic acid is neutralized by aqueous barium 
hydroxide. 


(b) Solid chromium(III) hydroxide reacts with nitrous acid. 
(c) Aqueous nitric acid and aqueous ammonia react. 


Because the oxide ion is basic, metal oxides react readily 
with acids. (a) Write the net ionic equation for the follow- 
ing reaction: 


FeO(s) + 2 HCl10O4(aq) —> Fe(C104)2(aq) + H20(1) 


(b) Based on the equation in part (a), write the net ionic 
equation for the reaction that occurs between NiO(s) and an 
aqueous solution of nitric acid. 


As K,O dissolves in water, the oxide ion reacts with water mol- 
ecules to form hydroxide ions. (a) Write the molecular and net 
ionic equations for this reaction. (b) Based on the definitions 
of acid and base, what ion is the base in this reaction? (c) What 
is the acid in the reaction? (d) What is the spectator ion in the 
reaction? 


Oxidation-Reduction Reactions (Section 4.4) 
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True or false: 
(a) If a substance is oxidized, there must be more oxygen in 
the substance. 
(b) If a substance is oxidized, it must lose at least one elec- 
tron and form an anion. 
True or false: 
(a) Reduction occurs if the oxidation number of an element 
increases. 
(b) Oxidation and reduction must occur together in a 
reaction. 
Determine the oxidation number for the indicated ele- 
ment in each of the following substances: (a) N in N2H,4, 
(b) N in NO,, (c) Mn in MnCls, (d) Fe in FeSO,, (e) Pt in 
PtCly, (£) Cl in NaClO,. 
Which of the following are redox reactions? For those that 
are, indicate which element is oxidized and which is re- 
duced. For those that are not, indicate whether they are pre- 
cipitation or neutralization reactions. 
(a) Py(s) + 10 HClO(aq) + 6 H,0(1) —> 
4 H3PO,4(aq) + 10 HCl(aq) 
(b) Br2() + 2 K(s) —> 2 KBr(s) 
(c) CH3;CH,OH(/) + 3 O2(g) —> 3 H20(1) + 2 COd(g) 
(d) ZnCl,(aq) + 2 NaOH(aq) —> Zn(OH),(s) + 
2 NaCl(aq) 
Write balanced molecular and net ionic equations for the 
reactions of (a) hydrochloric acid with nickel, (b) dilute sul- 
furic acid with iron, (c) hydrobromic acid with magnesium, 
(d) acetic acid, CHCOOH, with zinc. 
Using the activity series (Table 4.5), write balanced chem- 
ical equations for the following reactions. If no reaction 


occurs, write NR. (a) Nickel metal is added to a solution of 
copper(II) nitrate, (b) a solution of zinc nitrate is added to 


4.75 


4.76 


Exercises 215 


a solution of magnesium sulfate, (c) hydrochloric acid is 
added to gold metal, (d) chromium metal is immersed in an 
aqueous solution of cobalt(II) chloride, (e) hydrogen gas is 
bubbled through a solution of silver nitrate. 


The metal cadmium tends to form Cd?* ions. The following ob- 
servations are made: (i) When a strip of zinc metal is placed in 
CdCl,(aq), cadmium metal is deposited on the strip. (ii) When 
a strip of cadmium metal is placed in Ni(NO3) (aq), nickel 
metal is deposited on the strip. (a) Write net ionic equations to 
explain each of the preceding observations. (b) Which ele- 
ments more closely define the position of cadmium in the ac- 
tivity series? (c) What experiments would you need to perform 
to locate more precisely the position of cadmium in the activity 
series? 


The following reactions (note that the arrows are pointing 
only one direction) can be used to prepare an activity series 
for the halogens: 


Bro(aq) + 2 Nal(aq) ——> 2 NaBr(aq) + I2(aq) 
Cl,(aq) + 2 NaBr(aq) ——> 2 NaCl(aq) + Brz(aq) 


(a) Which elemental halogen would you predict is the most 
stable, upon mixing with other halides? (b) Predict whether 
a reaction will occur when elemental chlorine and potas- 
sium iodide are mixed. (c) Predict whether a reaction will 
occur when elemental bromine and lithium chloride are 
mixed. 


Concentrations of Solutions (Section 4.5) 
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(a) Is the number of moles of ions present in a solution an in- 
tensive or an extensive property? (b) Can you identify which 
one between 0.10 mol ZnCl, and 0.1M ZnCl, contains more 
Zn” ion? Why? 

You make 1.000 L of an aqueous solution that contains 35.0 g 
of sucrose (C12H22011). (a) What is the molarity of sucrose in 
this solution? (b) How many liters of water would you have 
to add to this solution to reduce the molarity you calculated 
in part (a) by a factor of two? 


(a) Calculate the molarity of a solution made by dissolving 
12.5 grams of NazCrO, in enough water to form exactly 750mL 
of solution. (b) How many moles of KBr are present in 150 mL 
of a 0.112 M solution? (c) How many milliliters of 6.1 M HCl 
solution are needed to obtain 0.150 mol of HCl? 


A person suffering from hyponatremia has a sodium ion con- 
centration in the blood of 0.118 M and a total blood volume 
of 4.6 L. What mass of sodium chloride would need to be 
added to the blood to bring the sodium ion concentration 
up to 0.138 M, assuming no change in blood volume? 


The average adult male has a total blood volume of 5.0 L. 
After drinking a few beers, he has the “blood alcohol con- 
centration” or BAC of 0.10 (BAC, is given in units of grams of 
alcohol per 100 mL of blood). What mass of alcohol is circu- 
lating in his blood? 


(a) How many grams of ethanol, CH3CH2OH, should you 
dissolve in water to make 1.00 L of vodka (which is an aque- 
ous solution that is 6.86 M ethanol)? (b) Using the density of 
ethanol (0.789 g/mL), calculate the volume of ethanol you 
need to make 1.00 L of vodka. 


In a sugar tolerance test, a patient needs to drink a glucose 
(C,H,,0,) solution containing 100 g glucose. Given that one 
cup = 350 mL, calculate the molarity of glucose in the glu- 
cose solution. 


In each of the following pairs, indicate which has the higher 
concentration of Cl~ ion: (a) 0.10 M AICI; solution or a 0.25 M 
LiCl solution, (b) 150 mL of a 0.05 M MnCl, solution or 200 mL 
of 0.10 M KCI solution, (c) a 2.8 M HCI solution or a solution 
made by dissolving 23.5 g of KCl in water to make 100 mL of 
solution. 
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Calculate the concentration of each ion in the following 
solutions obtained by mixing: (a) 32.0 mL of 0.30 M KMnO, 
with 15.0 mL of 0.60 M KMnO,, (b) 60.0 mL of 0.100 M ZnCl, 
with 5.0 mL of 0.200 M Zn(NO,),, (c) 4.2g of CaCl, in 150.0mL 
of 0.02 M KCI solution. Assume that the volumes are additive. 


(a) How many milliliters of a stock solution of 6.0 M HNO; 
would you have to use to prepare 110 mL of 0.500 MHNO3? 
(b) If you dilute 10.0 mL of the stock solution to a final volume of 
0.250 L, what will be the concentration of the diluted solution? 


Calicheamicin gamma-1, C;5;H74IN302 Sy, is one of the most 
potent antibiotics known: one molecule kills one bacterial 
cell. Describe how you would (carefully!) prepare 25.00 mL 
of an aqueous calicheamicin gamma-1 solution that could 
kill 1.0 x 10° bacteria, starting from a 5.00 x 10°°M stock 
solution of the antibiotic. 


Glycerol, C3HgO3, is a substance used extensively in the 
manufacture of cosmetic s, foodstuffs, antifreeze, and plas- 
tics. Glycerol is a water-soluble liquid with a density of 
1.2656 g/mL at 15 °C. Calculate the molarity of a solution of 
glycerol made by dissolving 50.000 mL glycerol at 15°C in 
enough water to make 250.00 mL of solution. 


Solution Stoichiometry and Chemical Analysis 
(Section 4.6) 
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You want to analyze a silver nitrate solution. What mass 
of NaCl is needed to precipitate Ag* ions from 45.0 mL of 
0.2500 M AgNO; solution? 


(a) How many milliliters of 0.120 M HCl are needed to com- 
pletely neutralize 50.0 mL of 0.101 M Ba(OH), solution? 
(b) How many milliliters of 0.125 M H,SO, are needed to 
neutralize 0.200 g of NaOH? (c) If 55.8 mL of a BaCl, solution 
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is needed to precipitate all the sulfate ion in a 752-mg sam- 
ple of Na2SO,, what is the molarity of the BaCl; solution? 
(d) If 42.7 mL of 0.208 M HCI solution is needed to neutralize 
a solution of Ca(OH) , how many grams of Ca(OH), must be 
in the solution? 


The distinctive odor of vinegar is due to acetic acid, CH; COOH, 
which reacts with sodium hydroxide according to: 


CH3COOH(aq) + NaOH(aq) —> 
H20(1) + NaCH3;COO(aq) 
If 3.45 mL of vinegar needs 42.5 mL of 0.115 M NaOH to 


reach the equivalence point in a titration, how many grams 
of acetic acid are in a 1.00-qt sample of this vinegar? 


An 8.65 g sample of an unknown Group 2 metal hydroxide 
is dissolved in 85.0 mL of water. An acid-base indicator is 
added and the resulting solution is titrated with 2.50 M 
HCl(aq) solution. The indicator changes color, signaling that 
the equivalence point has been reached, after 56.9 mL of the 
hydrochloric acid solution has been added. (a) What is the 
molar mass of the metal hydroxide? (b) What is the identity 
of the metal cation: Ca?*, Sr2*, or Ba?*? 


A solution is made by mixing 1.5 g of LiOH and 23.5 mL 
of 1.000 M HNO3. (a) Write a balanced equation for the re- 
action that occurs between the solutes. (b) Calculate the 
concentration of each ion remaining in solution. (c) Is the 
resulting solution acidic or basic? 


A 1.248 g sample of limestone rock is pulverized and then 
treated with 30.00 mL of 1.035 M HCI solution. The excess 
acid then requires 11.56 mL of 1.010 M NaOH for neutraliza- 
tion. Calculate the percentage by mass of calcium carbonate 
in the rock, assuming that it is the only substance reacting 
with the HCI solution. 


Additional Exercises 
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Uranium hexafluoride, UF, is processed to produce fuel for 
nuclear reactors and nuclear weapons. UF, can be produced 
in a two-step reaction. Solid uranium (IV) oxide, UO,, is first 
made to react with hydrofluoric acid (HF) solution to form 
solid UF, with water as a by-product. UF, further reacts with 
fluorine gas to form UF,. 


(a) Write the balanced molecular equations for the conver- 
sion of UO, into UF, and the conversion of UF, to UF,. 

(b) Which step is an acid-base reaction? 

(c) Which step is a redox reaction? 

The accompanying photo shows the reaction between a 

solution of Cd(NO3)2 and one of NaS. (a) What is the iden- 

tity of the precipitate? (b) What ions remain in solution? 


(c) Write the net ionic equation for the reaction. (d) Is this a 
redox reaction? 
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Suppose you have a solution that might contain any or all 
of the following cations: Ni?*, Ag*, Sr?*, and Mn". Addition 
of HCl solution causes a precipitate to form. After filtering 
off the precipitate, H2SO, solution is added to the resulting 
solution and another precipitate forms. This is filtered off, 
and a solution of NaOH is added to the resulting solution. 
No precipitate is observed. Which ions are present in each of 
the precipitates? Which of the four ions listed here must be 
absent from the original solution? 


You choose to investigate some of the solubility guide- 
lines for two ions not listed in Table 4.1, the chromate ion 
(CrO4?-) and the oxalate ion (C,0,27). You are given 0.01 M 
solutions (A, B, C, D) of four water-soluble salts: 


Solution Solute Color of Solution 
A Na,CrO4 Yellow 

B (NH4)2C204 Colorless 

Cc AgNO; Colorless 

D CaCl, Colorless 


When these solutions are mixed, the following observations 
are made: 


Experiment Solutions 

Number Mixed Result 

1 A+B No precipitate, yellow solution 
2 A+C Red precipitate forms 

3 A+ D Yellow precipitate forms 


4.99 


4.100 


4.101 


150 mL of 0.750 M AgNO;(aq) 


4.102 


Experiment Solutions 

Number Mixed Result 

4 B+C White precipitate forms 
5 13} sie 1D) White precipitate forms 
6 C+D White precipitate forms 


(a) Write a net ionic equation for the reaction that occurs in 
each of the experiments. (b) Identify the precipitate formed, 
if any, in each of the experiments. 


Antacids are often used to relieve pain and promote healing 
in the treatment of mild ulcers. Write balanced net ionic 
equations for the reactions between the aqueous HCl in the 
stomach and each of the following substances used in vari- 
ous antacids: (a) Al(OH)3(s), (b) Mg(OH)2(s), (c) MgCO3(s), 
(d) NaAl(CO3)(OH)2(s), (e) CaCO3(s). 

The commercial production of nitric acid involves the 
following chemical reactions: 


4NH3(g) + 5 O2(g) —> 4NO(g) + 6 H20(3) 
2NO(g) + O2(g) — 2NO,(g) 
3 NO2(g) + H2O(1) —> 2 HNO3(aq) + NO(g) 


(a) Which of these reactions are redox reactions? (b) In each 
redox reaction identify the element undergoing oxidation and 
the element undergoing reduction. (c) How many grams of am- 
monia must you start with to make 1000.0 L of a0.150 M aqueous 
solution of nitric acid? Assume all the reactions give 100% yield. 


Consider the following reagents: zinc, copper, mercury (den- 
sity 13.6 g/mL), silver nitrate solution, nitric acid solution. 
(a) Given a 500-mL Erlenmeyer flask and a balloon, can you 
combine two or more of the foregoing reagents to initiate a 
chemical reaction that will inflate the balloon? Write a bal- 
anced chemical equation to represent this process. What is the 
identity of the substance that inflates the balloon? (b) What 
is the theoretical yield of the substance that fills the balloon? 
(c) Can you combine two or more of the foregoing reagents to 
initiate a chemical reaction that will produce metallic silver? 
Write a balanced chemical equation to represent this process. 
What ions are left behind in solution? (d) What is the theoret- 
ical yield of silver? 


42.0 g Cu 


150 mL of 3.00 M HNO; (aq) 


Bronze is a solid solution of Cu(s) and Sn(s); solutions of met- 
als like this that are solids are called alloys. There is a range 
of compositions over which the solution is considered a 
bronze. Bronzes are stronger and harder than either copper or 


4.103 


4.104 


4.105 


4.106 


4.107 
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tin alone. (a) A 100.0-g sample of a certain bronze is 90.0% 
copper by mass and 10.0% tin. Which metal can be called the 
solvent, and which the solute? (b) Based on part (a), calculate 
the concentration of the solute metal in the alloy in units of 
molarity, assuming a density of 7.9 g/cm?. (c) Suggest a reac- 
tion that you could do to remove all the tin from this bronze 
to leave a pure copper sample. Justify your reasoning. 


A 35.0 mL sample of 1.00 M Co(NO), and an 80.0-mL sample 
of 0.600 M Co(NO), are mixed. The solution is then heated 
to evaporate water until the total volume is 50.0 mL. Calcu- 
late the volume, in mL, of 0.20 M H,PO, that is required to 
precipitate out cobalt (III) phosphate in the final solution. 


Neurotransmitters are molecules that are released by nerve 
cells to other cells in our bodies, and are needed for muscle 
motion, thinking, feeling, and memory. Dopamine is a com- 
mon neurotransmitter in the human brain. 


| a ee 
C C—C—NC 


(a) Predict what kind of reaction dopamine is most likely to 
undergo in water: redox, acid-base, precipitation, or metath- 
esis? Explain your reasoning. (b) Patients with Parkinson’s 
disease suffer from a shortage of dopamine and may need to 
take it to reduce symptoms. An IV (intravenous fluid) bag is 
filled with a solution that contains 400.0 mg dopamine per 
250.0 mL of solution. What is the concentration of dopa- 
mine in the IV bag in units of molarity? (c) Experiments with 
rats show that if rats are dosed with 3.0 mg/kg of cocaine 
(that is, 3.0 mg cocaine per kg of animal mass), the concen- 
tration of dopamine in their brains increases by 0.75 uM af- 
ter 60 seconds. Calculate how many molecules of dopamine 
would be produced in a rat (average brain volume 5.00 mm?) 
after 60 seconds of a 3.0 mg/kg dose of cocaine. 


Citric acid, CgHgOvz, is a triprotic acid. It occurs naturally in 
citrus fruits like lemons and has applications in food flavour- 
ing and preservatives. A solution containing an unknown 
concentration of the acid is titrated with KOH. It requires 
23.20 mL of 0.500 M KOH solution to titrate all three acidic 
protons in 100.00 mL of the citric acid solution. Write a bal- 
anced net ionic equation for the neutralization reaction, and 
calculate the molarity of the citric acid solution. 


(a) A caesium hydroxide solution is prepared by dissolving 
3.20 g of CsOH in water to make 25.00 mL of solution. What 
is the molarity of this solution? (b) Then, the caesium hydrox- 
ide solution prepared in part (a) is used to titrate a hydroiodic 
acid solution of unknown concentration. Write a balanced 
chemical equation to represent the reaction between the cae- 
sium hydroxide and hydroiodic acid solutions. (c) If 18.65 mL 
of the caesium hydroxide solution was needed to neutralize a 
42.3 mL aliquot of the hydroiodic acid solution, what is the 
concentration (molarity) of the acid? 


A solid sample of Fe(OH); is added to 0.500 L of 0.250 M aque- 
ous H,SO,. The solution that remains is still acidic. It is then 
titrated with 0.500 M NaOH solution, and it takes 12.5 mL 
of the NaOH solution to reach the equivalence point. What 
mass of Fe(OH); was added to the H,SO, solution? 
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4.108 Suppose you have 3.00 g of powdered zinc metal, 3.00 g of 
powdered silver metal and 500.0 mL of a 0.2 M copper(II) ni- 
trate solution. (a) Which metal will react with the copper(II) 
nitrate solution? (b) What is the net ionic equation that 
describes this reaction? (c) Which is the limiting reagent in 
the reaction? (d) What is the molarity of Cu?* ions in the 
resulting solution? 


4.109 (a) By titration, 15.0 mL of 0.1008 M sodium hydroxide is needed 
to neutralize a 0.2053-g sample of a weak acid. What is the molar 
mass of the acid if it is monoprotic? (b) An elemental analysis of 
the acid indicates that it is composed of 5.89% H, 70.6% C, and 
23.5% O by mass. What is its molecular formula? 


4.110 Copper exists in the form of CuFeS, in copper ore. Cop- 
per is isolated in a two-step process. First, CuFeS, is heated 
with SiO, in the presence of oxygen to form copper(I) 
sulfide, CuS: 2CuFeS, + 2SiO.(s) + 402(g) —> CupS(s) + 
2FeSiO3(s) + 3SO2(g). Cu,S is then heated with oxygen to 
form copper and SO,(g). (a) Write the balanced chemical equa- 
tion for the second reaction. (b) Which atoms from which 
compounds are being oxidized, and which atoms from which 
compounds are being reduced? (c) How many grams of copper 
would be isolated from 85.36 g of CuFeS, in copper ore? 


4.111 A fertilizer rail car carrying 129,840 L of commercial aque- 
ous ammonia (30% ammonia by mass) tips over and spills. 
The density of the aqueous ammonia solution is 0.88 g/cm’. 
What mass of citric acid, C(OH)(COOH)(CH;,COOH)p, 
(which contains three acidic protons) is required to neutralize 
the spill? 

4.112 A sample of 8.69 g of Zn(OH); is added to 155.0 mL of 
0.750 M H2SOx,. (a) Write the chemical equation for the reac- 
tion that occurs. (b) Which is the limiting reactant in the re- 
action? (c) How many moles of Zn(OH)2, H2SO4, and ZnSO4 
are present after the reaction is complete? 


4.113 Ritalin is the trade name of a drug, methylphenidate, used 
to treat attention-deficit/hyperactivity disorder in young 
adults. The chemical structure of methylphenidate is 


(a) Is Ritalin an acid or a base? An electrolyte or a nonelec- 
trolyte? (b) A tablet contains a 10.0 mg dose of Ritalin. As- 
suming all the drug ends up in the bloodstream, and the 
average man has a total blood volume of 5.0 L, calculate the 
initial molarity of Ritalin in a man’s bloodstream. (c) Ritalin 
has a half-life of 3 hours in the blood, which means that af- 
ter 3 hours the concentration in the blood has decreased by 
half of its initial value. For the man in part (b), what is the 
concentration of Ritalin in his blood after 6 hours? 


4.114 A 3.50 g of an alloy which contains only lead and tin is dis- 
solved in hot HNO, . Excess sulfuric acid is added to this 
solution and 1.57 g of PbSO,(s) is obtained. (a) Write the net 
ionic equation for the formation of PbSO,. (b) Assuming all 
the lead in the alloy reacted to form PbSO,, what was the 
amount, in grams, of lead and tin in the alloy respectively? 


4.115 The arsenic ina 1.22-g sample of a pesticide was converted to 
AsO,°" by suitable chemical treatment. It was then titrated 
using Ag* to form Ag3AsO, as a precipitate. (a) What is the 
oxidation state of As in AsO,°? (b) Name Ag3AsQ, by anal- 
ogy to the corresponding compound containing phospho- 
rus in place of arsenic. (c) If it took 25.0 mL of 0.102 M Agt 
to reach the equivalence point in this titration, what is the 
mass percentage of arsenic in the pesticide? 


4.116 The U.S. standard for arsenate in drinking water requires that 
public water supplies must contain no greater than 10 parts 
per billion (ppb) arsenic. If this arsenic is present as arsenate, 
AsO,°-, what mass of sodium arsenate would be present in a 
1.00 L sample of drinking water that just meets the standard? 
Parts per billion is defined on a mass basis as 

obz g soute 0 
g solution 

4.117 Federal regulations in the United States set an upper limit 
of 50 parts per million (ppm) of NH; in the air in a work 
environment [that is, 50 molecules of NH3(g) for every million 
molecules in the air]. Air from a manufacturing operation 
was drawn through a solution containing 1.00 x 10*mL of 
0.0105 M HCl. The NH; reacts with HCl according to: 


NH3(aq) + HCl(aq) —> NH,Cl(aq) 


After drawing air through the acid solution for 10.0 min at a 
rate of 10.0 L/min, the acid was titrated. The remaining acid 
needed 13.1 mL of 0.0588 M NaOH to reach the equivalence 
point. (a) How many grams of NH3 were drawn into the 
acid solution? (b) How many ppm of NH; were in the air? 
(Air has a density of 1.20 g/L and an average molar mass of 
29.0 g/mol under the conditions of the experiment.) (c) Is 
this manufacturer in compliance with regulations? 


Design an Experiment 


You are cleaning out a chemistry lab and find three unlabeled bot- 
tles, each containing white powder. Near these bottles are three 
loose labels: “Sodium sulfide,” “Sodium bicarbonate,” and “Sodium 
chloride.” Let’s design an experiment to figure out which label goes 
with which bottle. 


(a) You could try to use the physical properties of the three solids 
to distinguish among them. Using an Internet resource or the CRC 
Handbook of Chemistry and Physics, look up the melting points, aque- 
ous solubilities, or other properties of these salts. Are the differences 


among these properties for each salt large enough to distinguish 
among them? If so, design a set of experiments to distinguish each 
salt and therefore figure out which label goes on which bottle. 


(b) You could use the chemical reactivity of each salt to distinguish 
it from the others. Which of these salts, if any, will act as an acid? A 
base? A strong electrolyte? Can any of these salts be easily oxidized or 
reduced? Can any of these salts react to produce a gas? Based on your 
answers to these questions, design a set of experiments to distinguish 
each salt and thus determine which label goes on which bottle. 


The study of energy and its transformations is known as thermodynamics (Greek: 
thérme-, “heat”; dy’namis, “power”). This area of study began during the Industrial 
Revolution in order to develop the relationships among heat, work, and fuels. These were 
used in steam engines, such as the beam engine pictured here. Here, we will examine the 
relationships between chemical reactions and energy changes that involve heat. This por- 
tion of thermodynamics is called thermochemistry. We will discuss additional aspects 
of thermodynamics in Chapter 19. 
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CHAPTER 5 Thermochemistry 


By the end of this section, you should be able to 


e Understand the relationship between energy and the making or breaking of chemical 
bonds 


As we learned in Chapter 1 (Section 1.4), energy is defined as the capacity to do work or transfer 
heat. Anyone who has sat by a fire or used a propane grill has witnessed chemical reactions that 
release heat [Figure 5.1(a)]. Some chemical reactions also absorb heat, such as those that occur 
when you cook. Chemical reactions can also do work in various ways. Recall the definition of 
work from Chapter 1: 


w=Fxd [5.1] 


For example, the combustion reaction between fuel and oxygen produces gases that expand 
and in the process do work that can be used to power a car. Champagne is made when yeasts use 
chemical reactions to ferment sugars into ethanol and carbon dioxide. By carrying out the last 
stages of fermentation in a corked bottle, pressure from the generated CO, builds up and can be 
used to do work when the cork is popped [Figure 5.1(b)]. Yet another example is a battery, where 
redox reactions produce electrical energy that can be used to do work. 

All forms of energy can be classified as either kinetic or potential energy. The energy 
that originates from chemical reactions is associated mainly with changes in potential 
energy. This energy results from electrostatic interactions at the atomic level. Thus, if we 
are to understand the energy associated with chemical reactions, we must first under- 
stand electrostatic potential energy, which arises from the interactions between charged 
particles. 

The electrostatic potential energy, Ee, associated with two charged particles is 
proportional to their electrical charges, Qı and Q3, and is inversely proportional to the 
distance, d, separating them: 

KQ1Q2 


Ea = d [5.2] 


where «x is a proportionality constant whose value is 8.99 x 10° J-m/C2.* Recall from 
Chapter 1 that the units used to measure energy are joules, where 1J = 1 kg-m?’/s”. At 
the atomic level, the charges Q; and Q; are typically on the order of magnitude of the 
charge of an electron (1.60 x 10°!’ C), while distances range from tenths to tens of 
nanometers (1 nm = 1 x 10° m). 

Inspection of Equation 5.2 shows that electrostatic potential energy goes to zero 
as d becomes infinite. Thus, zero electrostatic potential energy is defined as infinite 


Chemical reactions that release heat Chemical reactions that do work 


(a) (b) 


A Figure 5.1 Chemical reactions and energy. Energy changes in chemical reactions can be used to 
transfer heat or do work. 


*We read the combined units J-m/C? as joule-meters per coulomb squared. You may see com- 
binations of units such as J-m/C? expressed with dots separating units instead of short dashes, 
J-m/C?, or with dashes and dots totally absent, J m/C?. 
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V Go Figure A positively charged particle and a negatively charged particle 
are initially far apart. What happens to their electrostatic 
potential energy as they are brought closer together? 


Smaller separation, greater 
repulsion, higher Eg, 


Greater separation, less 
repulsion, lower Eg, 


Like charges 
(repulsion) 
Ea>0 @ @ @ @ 
Qı Q2 
Separation 
Eea =0 distance 


Ea <0 © @ @ @ 


Q2 


Opposite charges 
(attraction) 


Smaller separation, greater 
attraction, lower Eg, 


( > ) A Figure 5.2 Electrostatic potential energy. At finite separation distances the electrostatic 

potential energy, £,), is positive for objects with like charges, and negative for objects 
that are oppositely charged. As the particles move farther apart, their electrostatic potential energy 
approaches zero. 


Greater separation, less 
attraction, higher (less 


negative) Eg, 


separation of the charged particles. Figure 5.2 illustrates how Ea behaves as the distance 
between two charges is varied. When Q; and Q, have the same sign (for example, both 
are positive), the two charged particles repel each other, and a repulsive force pushes 
them apart. In order to bring two positively charged objects close together, one would 
have to do work to overcome the repulsive force that exists between the two. Upon 
releasing them, they would move away from each other as potential energy is con- 
verted to kinetic energy. In this case, Ea is positive, and the potential energy decreases 
as the distance between particles increases. When Q; and Q, have opposite signs, the 
particles attract each other, and an attractive force pulls them toward each other. In 
this case Eg is negative, and the potential energy increases (becomes less negative) as 
the particles move apart. 

To understand the relationship between electrostatic potential energy and the 
energy stored in chemical bonds, it is instructive to consider an ionic compound like 
NaCl. The Na’ cations and CI anions are held together by the electrostatic attraction 
between the oppositely charged ions. In chemistry we refer to this force as ionic bond- 
ing. We’ll go into the details of ionic bonding in Chapter 8, but for now it is sufficient to 
understand that the ionic bonds that hold sodium and chloride ions together are based 
on the electrostatic attraction between cations and anions. To separate the ions, we must 
overcome, or break, the ionic bonds between Na* and CI , increasing the potential energy, 
as illustrated in Figure 5.3. The energy to do this must come from some other source. The 
reverse process where ions separated by a large distance are allowed to come together to 
form ionic bonds lowers the potential energy and therefore releases energy. This illus- 
trates a fundamental principle of thermochemistry: 


Energy is released when chemical bonds are formed; 
energy is consumed when chemical bonds are broken. 
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YW Go Figure If the ions in the figure on the right were released and allowed 
to move, would they move closer together or farther apart? 


Ea = 0 = 
lons close 
together, low 
potential energy 

Ea <0 


lons far apart, 
higher potential 


energy 


( > ) A Figure 5.3 Electrostatic potential energy and ionic bonding. As the separation between 

ions increases, the electrostatic potential energy increases (becomes less negative). As 
the distance separating the ions goes toward infinity, the electrostatic potential energy goes to 
zero. In real compounds, repulsions between core electrons place a lower limit on how closely the 
ions can approach each other. 


You may be wondering how these same principles apply to molecular substances 
such as water, H2O, and methane, CH,, that do not contain cations and anions. As we 
will learn in Chapters 8 and 9, the atoms in a molecule are held together by covalent 
bonds. While the link to electrostatic potential energy is less obvious, the forces that 
underlie covalent bonds are also electrostatic in nature. Just like ionic bonds, energy 
must be provided to break covalent bonds and is released when they form. 


Self-Assessment Exercise 


5.1 Which solid would have the lower (more negative) potential (a) NaCl 
energy? (b) CaO 
Exercises 
5.2 (a) What is the electrostatic potential energy (in joules) be- a distance of 0.50 nm. How much work would be required to 
tween an electron and a proton that are separated by 230 pm? increase the separation of the two ions to an infinite distance? 


(b) What is the change in potential energy if the distance 
separating the electron and proton is increased to 1.0 nm? 
(c) Does the potential energy of the two particles increase or 
decrease when the distance is increased to 1.0 nm? 


5.3 A sodium ion, Na’, with a charge of 1.6 x 107! Cand a chlo- 
ride ion, Cl~, with charge of —1.6 x 107! C, are separated by 


5.4 Identify the force present and explain whether work is being 
performed in the following cases: (a) You lift a book off the top 
of a desk. (b) Air is compressed in a bicycle pump. 
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5.2 | The First Law of Thermodynamics 


With the exception of the energy from the Sun, most of the energy used in our daily lives 
comes from chemical reactions. The combustion of fuel, the production of electricity 
from coal, the heating of homes by natural gas, and the use of batteries to power elec- 
tronic devices are all examples of how chemical reactions are used to produce energy. 
But that’s only the beginning. Chemical reactions provide the energy that sustains living 
systems. Plants use solar energy to carry out photosynthesis, allowing them to grow. In 
the process, they store a portion of the Sun’s energy in the chemical bonds of the mole- 
cules that are produced during photosynthesis. When animals eat and digest plants, they 
derive the energy needed to move, maintain body temperature, and carry out all other 
bodily functions from that same chemical energy. 

Energy comes in many different forms, including kinetic energy, which we encoun- 
tered in Chapter 1, and various types of potential energy. You don’t have to look far to 
find processes that involve conversions from one form of energy to another. Dropping 
a stone down a deep well converts gravitational potential energy into kinetic energy. 
Heating your house by reacting natural gas with oxygen converts chemical energy into 
heat. In both cases—and every other one you can imagine—energy can be converted from 
one form to another, but it is neither created nor destroyed. This observation, one of the 
most important in all of science, is known as the first law of thermodynamics. 
To apply this law quantitatively we need to divide the universe into a finite system of 
interest to us, and define the energy of that system more precisely. We explore these 
concepts next. 


System and Surroundings 


When analyzing energy changes, we need to focus on a limited and well-defined part of the 
universe to keep track of the energy changes that occur. The portion we single out for study is 
called the system; everything else is called the surroundings. When we study the energy 
change that accompanies a chemical reaction in a laboratory, the reactants and products con- 
stitute the system. The container and everything beyond it are considered the surroundings. 

Systems may be open, closed, or isolated. An open system is one in which matter and 
energy can be exchanged with the surroundings. An uncovered pot of boiling water on a 
stove is an open system: Heat comes into the system from the stove, and water is released 
to the surroundings as steam. 

The systems we can most readily study in thermochemistry are called closed 
systems—systems that can exchange energy but not matter with their surroundings. For 
example, consider a mixture of hydrogen gas, H2, and oxygen gas, Oz, in a cylinder fitted 
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V Go Figure 


If the Hp and O; molecules in the 
cylinder react to form H2O, will the 
number of molecules in the cylinder 
change? Will the mass in the cylinder 
change? 


Energy can enter or 
leave system as heat or 
as work done on piston. 


j Matter cannot enter 
or leave system. 


Surroundings = cylinder, 
piston, and everything beyond 


System = H,(g) and O,(g) 


A Figure 5.4 A closed system. 


with a piston (Figure 5.4). The system is just the hydrogen and oxygen; the cylinder, 
piston, and everything beyond them (including us) are the surroundings. If the gases 
react to form water, energy is liberated: 


2 Ho(g) + O2(g) —> 2 H20(8) + energy 


Although the chemical form of the hydrogen and oxygen atoms in the system is 
changed by this reaction, the system has not lost or gained mass, which means it has not 
exchanged any matter with its surroundings. However, it can exchange energy with its 
surroundings in the form of work and heat. 

An isolated system is one in which neither energy nor matter can be exchanged 
with the surroundings. An insulated thermos containing hot coffee approximates an 
isolated system. We know, however, that the coffee eventually cools, so it is not perfectly 
isolated. 


Internal Energy 


The internal energy, E, of a system is the sum of all the kinetic and potential energies 
of the components of the system. For the system in Figure 5.4, for example, the internal 
energy includes not only the motions and interactions of the H; and O; molecules but 
also the motions and interactions of their component nuclei and electrons. We generally 
do not know the numerical value of a system’s internal energy. In thermodynamics, we are 
mainly concerned with the change in E (and, as we shall see, changes in other quantities as 
well) that accompanies a change in the system. 

Imagine that we start with a system with an initial internal energy Ejnitia. The system 
then undergoes a change, which might involve work being done or heat being transferred. 
After the change, the final internal energy of the system is E¢inai. We define the change in 
internal energy, denoted AE (read “delta E”),* as the difference between Egina, and Ejnitiat: 


AE = Efinal ~~ Ejnitial [5.3] 


We generally cannot determine the actual values of Ena, and Einitiai for any system of 
practical interest. Nevertheless, we can determine the value of AE experimentally by 
applying the first law of thermodynamics. 

Thermodynamic quantities such as AE have three parts: 


1. anumber 
2. aunit 


3. asign 


(1) and (2) together give the magnitude of the change, while (3) gives the direction. A 
positive value of AE results when Egnai > Einitiap indicating that the system has gained 
energy from its surroundings. A negative value of AE results when Efina < Einitiap indi- 
cating that the system has lost energy to its surroundings. Notice that we are taking the 
point of view of the system rather than that of the surroundings in discussing the energy 
changes. We need to remember, however, that any increase in the energy of the system 
is accompanied by a decrease in the energy of the surroundings, and vice versa. These 
features of energy changes are summarized in Figure 5.5. 

In a chemical reaction, the initial state of the system refers to the reactants and the 
final state refers to the products. In the reaction 


2 Ha(g) + O2(g) —> 2H20(1) 


for instance, the initial state is 2 H(g) + O»(g) and the final state is 2 H,O(/). When 
hydrogen and oxygen form water at a given temperature, the system loses energy to the 
surroundings. Because energy is lost from the system, the internal energy of the products 
(final state) is less than that of the reactants (initial state), and AE for the process is negative. 
Thus, the energy diagram in Figure 5.6 shows that the internal energy of the mixture of H, 
and O, is greater than that of the H2O produced in the reaction. 


*The symbol A is commonly used to denote change. For example, a change in height, h, can be 
represented by Ah. 
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A CAITE What is the value of AE if Eina equals Ejnitiat? 


Final state 
of system 


Loss of energy from system 
represented by red arrow 
pointing downward from 
initial state to final state 


final 


Initial state 
of system 


Gain of energy by system 
represented by blue arrow 
pointing upward from 


Internal energy, E 


Finalsiate E final initial state to final state 

of system 
Energy lost to surroundings, Energy gained from surroundings, 
internal energy of system internal energy of system 
decreases, AE negative increases, AE positive 


A Figure 5.5 Changes in internal energy. 


Relating AE to Heat and Work 


As we noted in Section 5.1, a system may exchange energy with its surroundings in two gen- 
eral ways: as heat or as work. The internal energy of a system changes in magnitude as heat 
is added to or removed from the system or as work is done on or by the system. If we think of 
internal energy as the system’s bank account of energy, we see that deposits or withdrawals 
can be made in the form of either heat or work. Deposits increase the energy of the system 
(positive AE), whereas withdrawals decrease the energy of the system (negative AE). 

We can use these ideas to write a useful algebraic expression of the first law of ther- 
modynamics. When a system undergoes any chemical or physical change, the accompa- 
nying change in internal energy, AE, is the sum of the heat added to or liberated from the 
system, g, and the work done on or by the system, w: 


AE=q+w [5.4] 


When heat is added to a system or work is done on a system, its internal energy increases. There- 
fore, when heat is transferred to the system from the surroundings, q has a positive value. 
Adding heat to the system is like making a deposit to the energy account—the energy of 
the system increases (Figure 5.7). Likewise, when work is done on the system by the sur- 
roundings, w has a positive value. Conversely, both the heat lost by the system to the sur- 
roundings and the work done by the system on the surroundings have negative values; 
that is, they lower the internal energy of the system. They are energy withdrawals and 
lower the amount of energy in the system’s account. 

The sign conventions for q, w, and AE are summarized in Table 5.1. Notice that any 
energy entering the system as either heat or work carries a positive sign. 


> Sample Exercise 5.1 
D Relating Heat and Work to Changes of Internal Energy 


W Go Figure 


Sketch the energy diagram representing 
the reaction MgCl.(s) —— Mg(s) + 
Clo(g) Knowing that the internal energy 
for a mixture of Mg(s) and Cl.(g) is 
larger than that of MgCl,(s). 


= H)(g), O2(8) 
Initial 
state 
ny 
BS AE <0 
a 
S 
Vv 
£ 
5 Final 
E state H20(1) 


Einitia greater than Efinaj 
therefore, energy is released 


from system to surroundings 
during reaction and AE < 0. 


A Figure 5.6 Energy diagram for the 
reaction 2 H2(g) + 02(g) —> 2H,0(/). 


© 


Gases A(g) and B(g) are confined in a cylinder-and-piston arrangement like that in Figure 5.4 and react to form a solid product 
C(s): A(g) + B(g) —> C(s). As the reaction occurs, the system loses 1150 J of heat to the surroundings. The piston moves 
downward as the gases react to form a solid. As the volume of the gas decreases under the constant pressure of the atmosphere, 
the surroundings do 480 J of work on the system. What is the change in the internal energy of the system? 


Continued 
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SOLUTION 


Analyze The question asks us to determine AE, given information 
about q and w. 


> Practice Exercise 
A mixture of gases A, and B; are introduced to a slender metal 
cylinder that has one end closed and the other fitted with a pis- 
Plan We first determine the signs of q and w (Table 5.1) and then ton that makes a gas-tight seal so that the gases are a closed sys- 
use Equation 5.4, AE = q + w, to calculate AE. tem. The cylinder is submerged in a large beaker of water whose 
temperature is 25 °C, and a spark is used to trigger a reaction in 
the cylinder. At the completion of the reaction, the piston has 
moved downward, and the temperature of the water bath has 
increased to 28 °C. If we define the system as the gases inside the 
cylinder, which of the following best describes the signs of q, w, 
and AE for this reaction? 
(aq <0,w<0,AE<0 
(b)g <0,w>0,AE<0O 
(c) q < 0,w > 0, the sign of AE cannot be determined from 


Solve Heat is transferred from the system to the surroundings, and 
work is done on the system by the surroundings, so q is negative 
and wis positive: q = —1150J and w = 480J. Thus, 


AE = q + w = (-1150J) + (480J) = —670J 


The negative value of AF tells us that a net quantity of 670 J of en- 
ergy has been transferred from the system to the surroundings. 


Comment You can think of this change as a decrease of 670 J in the the information given 

net value of the system’s energy bank account (hence, the nega- (d)q>0,w>0,AE>0 

tive sign); 1150 J is withdrawn in the form of heat, while 480 J is (e) q > 0, w < 0, the sign of AE cannot be determined from 
deposited in the form of work. Notice that as the volume of the the information given 


gases decreases, work is being done on the system by the surround- 
ings, resulting in a deposit of energy. 


W A Suppose a system receives a “deposit” of 50 J of work from the 
surroundings and loses a “withdrawal” of 85 J of heat to the surroundings. 
What is the magnitude and the sign of AE for this process? 


System is interior of vault 


Energy deposited into system Energy withdrawn from system 
AE>0 AE <0 


A Figure 5.7 Sign conventions for heat and work. Heat, q, transferred into a system and work, w, done 
on a system are both positive quantities, corresponding to “deposits” of internal energy into the 
system. Conversely, heat transferred out of a system to the surroundings and work done by the 
system on the surroundings are both “withdrawals” of internal energy from the system. 
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TABLE 5.1 Sign Conventions for q, w, and AE 


For q + means system gains heat — means system loses heat 
For w + means work done on system — means work done by system 
For AE + means net gain of energy by system — means net loss of energy by system 


Endothermic and Exothermic Processes 


Because transfer of heat to and from the system is central to our discussion in this 
chapter, we have some special terminology to indicate the direction of transfer. When 
a process occurs in which the system absorbs heat, the process is called endothermic 
(endo- means “into”). During an endothermic process, such as the melting of ice, heat 
flows into the system from its surroundings [Figure 5.8(a)]. If we, as part of the surround- 
ings, touch a container in which ice is melting, the container feels cold to us because 
heat has passed from our hand to the container. 


Heat flows from surroundings into 
system, temperature of beaker 


System = NH4SCN + 


Ba(OH)2:8H20 and surrounding air drops. 


(a) Ba(OH)2:8H20 + 2 NH4SCN ——> Ba(SCN) + 2 NH3 + 10 H2O 
An endothermic reaction 


Heat flows (violently) from system 


into surroundings, temperature of the 
System = K + H2O water and surrounding air increases. 


< Figure 5.8 Endothermic and exothermic 

reactions. In both instances, the system is 

defined as the reactants and products, while 

(b)2K+2H,O0 — > 2KOH + Hy surroundings are the containers and everything 
An exothermic reaction else in the universe. 
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50 g 
H,O(s) 
0°C 


` 


50g 50 g 
Ice warms up to water H2O(1) Initially hot water HOU 

K : 25°C om. 100°C 
at 25 °C; once this cools to water at 25 °C; 
temperature is reached, = - once this temperature ~ va 
system has internal is reached, system has 


energy E. 


internal energy E. 


> ~ 


A Figure 5.9 Internal energy, E, a state function. Any state function depends only on the present 
state of the system and not on the path by which the system arrived at that state. 


A process in which the system loses heat is called exothermic (exo- means “out of”). 
During an exothermic process, such as the combustion of gas, heat exits or flows out of 
the system into the surroundings [Figure 5.8(b)]. 


State Functions 


Although we usually have no way of knowing the precise value of the internal energy of 
a system, E, it does have a fixed value for a given set of conditions. The conditions that in- 
fluence internal energy include the temperature and pressure. Furthermore, the internal 
energy of a system is proportional to the total quantity of matter in the system because 
energy is an extensive property. 

Suppose we define our system as 50 g of water at 25 °C (Figure 5.9). The system could 
have reached this state by cooling 50 g of water from 100 to 25 °C or by melting 50 g of 
ice and subsequently warming the water to 25 °C. The internal energy of the water at 
25 °C is the same in either case. Internal energy is an example of a state function, a 
property of a system that is determined by specifying the system’s condition, or state (in 
terms of temperature, pressure, and so forth). The value of a state function depends only on 
the present state of the system, not on the path the system took to reach that state. Because E is a 
state function, AE depends only on the initial and final states of the system, not on how 
the change occurs. 

An analogy may help you understand the difference between quantities that are state 
functions and those that are not. Suppose you drive from one city, which is 180 m above 
sea level, to another city, which is 1610 m above sea level. No matter which route you take, 
the altitude change is 1430 m. The distance you travel, however, depends on your route. 
Altitude is analogous to a state function because the change in altitude is independent of 
the path taken. Distance traveled is not a state function. 

Some thermodynamic quantities, such as E, are state functions. Other quantities, 
such as q and w, are not. This means that, although AE = q + w does not depend on how 
the change occurs, the specific amounts of heat and work depend on the way in which 
the change occurs. Thus, if changing the path by which a system goes from an initial 
state to a final state increases the value of q, that path change will also decrease the value 
of w by exactly the same amount. The result is that AE is the same for the two paths. 

We can illustrate this principle using a battery as our system. As the battery is dis- 
charged, its internal energy decreases as the energy stored in the battery is released to the 
surroundings. In Figure 5.10, we consider two possible ways of discharging the battery 
at constant temperature. In Figure 5.10(a), a wire shorts out the battery and no work is 
accomplished because nothing is moved against a force. All the energy lost from the bat- 
tery is in the form of heat. (The wire gets warmer and releases heat to the surroundings.) 
In Figure 5.10(b), the battery is used to make a motor turn and the discharge produces 
work. Some heat is released, but not as much as when the battery is shorted out. We see 
that the magnitudes of q and w must be different for these two cases. If the initial and final 
states of the battery are identical in the two cases, however, then AE = q + w must be the 
same in both cases because E is a state function. Remember: AE depends only on the initial 
and final states of the system, not on the specific path taken from the initial to the final state. 
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W Go Figure 
If the battery is defined as the system, what is the sign of w in part (b)? 


Energy lost as both heat and work 
Energy lost only as heat 


Charged battery 
Heat 
Energy 
Heat AE lost by 
Work battery 
Discharged battery 


A Figure 5.10 Internal energy is a state function, but heat and work are not. (a) A battery 
shorted out by a wire loses energy to the surroundings only as heat; no work is performed. (b) A battery 
discharged through a motor loses energy as work (to make the fan turn) and also loses some energy 

as heat. The value of AE is the same for both processes even though the values of q and win (a) are 
different from those in (b). 


Self-Assessment Exercise 


§.5 An aluminum can of a soft drink is placed in a freezer. Later, (a) Freezing of water releases energy 
you find that the can is split open and its contents have fro- 
zen. Work was done on the can in splitting it open. Where 
did the energy for this work come from? 


(b) The cold temperature in the freezer provided the 
energy 


Exercises 


5.6 (a) Which of the following cannot leave or enter a closed sys- 
tem: heat, work, or matter? (b) Which cannot leave or enter 
an isolated system? (c) What do we call the part of the uni- 
verse that is not part of the system? 


5.7 (a) According to the first law of thermodynamics, what 
quantity is conserved? (b) What is meant by the internal en- 
ergy of a system? (c) By what means can the internal energy 
of a closed system increase? 


5.8 Calculate AE and determine whether the process is en- 
dothermic or exothermic for the following cases: (a) 
q = 0.763 kJ and w = —840J. (b) A system releases 66.1 kJ of 
heat to its surroundings while the surroundings do 44.0 kJ of 
work on the system. 


5.9 A gas is confined to a cylinder fitted with a piston and an 
electrical heater, as shown here: 
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Suppose that current is supplied to the heater so that 100 J of 
energy is added. Consider two different situations. In case (1) 
the piston is allowed to move as the energy is added. In case 
(2) the piston is fixed so that it cannot move. (a) In which 
case does the gas have the higher temperature after addi- 
tion of the electrical energy? (b) Identify the sign (positive, 


5.10 
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negative, or zero) of q and w in each case? (c) In which case is 
AE for the system (the gas in the cylinder) larger? 


(a) What is meant by the term state function? (b) Give an ex- 
ample of a quantity that is a state function and one that is 
not. (c) Is the volume of a system a state function? Why or 
why not? 
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The reaction between aluminum metal and iron oxide produces aluminum oxide and iron 


metal. It also generates enough heat to melt the iron metal formed in the reaction. It can be 
used for welding railway lines and provides a convenient method of generating molten iron 
without the need of high temperature blow torches. The thermite reaction is a dramatic illus- 


tration of how potential energy stored in chemical bonds can be converted to heat. 
By the end of this section, you should be able to 


e Understand the relationship between enthalpy and heat in a chemical reaction. 


The chemical and physical changes that occur around us, such as photosynthesis in the leaves 
of a plant, evaporation of water from a lake, or a reaction in an open beaker in a laboratory, 
occur under the essentially constant pressure of Earth’s atmosphere.* These changes can result 
in the release or absorption of heat and can be accompanied by work done by or on the system. 
In exploring these changes, it is useful to have a thermodynamic function that is a state func- 


tion and relates mainly to heat flow. Under conditions of constant pressure, a thermodynamic 
quantity called enthalpy (from the Greek enthalpein, “to warm”) provides such a function. 

Enthalpy, which we denote by the symbol H, is defined as the internal energy plus 
the product of the pressure, P, and volume, V, of the system: 


H=E+PV [5.5] 


*You are probably familiar with the notion of atmospheric pressure from a previous course in 
chemistry. We will discuss it in detail in Chapter 10. Here we need realize only that the atmo- 
sphere exerts a pressure on the surface of Earth that is nearly constant. 


Like internal energy E, both P and V are state functions—they depend only on the cur- 
rent state of the system and not on the path taken to that state. Because energy, pressure, 
and volume are all state functions, enthalpy is also a state function. 


Pressure—Volume Work 


To better understand the significance of enthalpy, recall from Equation 5.4 that AE in- 
volves not only the heat g added to or removed from the system but also the work w done 
by or on the system. Most commonly, the only kind of work produced by chemical or phys- 
ical changes open to the atmosphere is the mechanical work associated with a change in 
volume. For example, when the reaction of zinc metal with hydrochloric acid solution 


Zn(s) + 2H*(aq) > Zn** (aq) + H2(8) [5.6] 


is run at constant pressure in the apparatus illustrated in Figure 5.11, the piston moves up or 
down to maintain a constant pressure in the vessel. If we assume for simplicity that the pis- 
ton has no mass, the pressure in the apparatus is the same as atmospheric pressure. As the 
reaction proceeds, H; gas forms, and the piston rises. The gas within the flask is thus doing 
work on the surroundings by lifting the piston against the force of atmospheric pressure. 

The work involved in the expansion or compression of gases is called pressure- 
volume work (P-V work). When pressure is constant in a process, as in our preceding 
example, the sign and magnitude of the pressure-volume work are given by 


w = -PAV [5.7] 


where P is pressure and AV = Vana — Vinita is the change in volume of the system. 
The pressure P is always either a positive number or zero. If the volume of the system 
expands, then AV is positive as well. The negative sign in Equation 5.7 is necessary to 
conform to the sign convention for w (Table 5.1). When a gas expands, the system does 
work on the surroundings, as indicated by a negative value of w. (The negative sign X 
positive P x positive AV results in a negative number for w.) On the other hand, if the 
gas is compressed, AV is negative (the volume decreases), and Equation 5.7 indicates that 
w is therefore positive, meaning work is done on the system by the surroundings. The box 
“A Closer Look: Energy, Enthalpy, and P-V Work” discusses pressure-volume work in de- 
tail, but all you need to keep in mind for now is Equation 5.7, which applies to processes 
occurring at constant pressure. 


YW CAA if we define the system as the reactants and products, what is 
the sign of work in this process, positive or negative? 


Increase in volume means system 
does pressure-volume work. 


plus original 
atmosphere 


Zn(s) | 


HCl(aq) 


Zn(s) HCl(aq) 


Zn(s) + 2H*(aq) ——> Zn?* (aq) + Ho(g) 


A Figure 5.11 A system that does work on its surroundings. 
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= Sample Exercise 5.2 
D Calculating Pressure-Volume Work 


SOLUTION 


are asked to calculate work, w. 


Solve The volume change is 


Thus, the quantity of work is 


Constant pressure 
maintained in system 


(a) An endothermic reaction 


Heat loss 


(b) An exothermic reaction 


AH is amount of heat that 
flows into or out of system 


under constant pressure. 


A Figure 5.12 Endothermic and exothermic 
processes. (a) An endothermic process 

(AH > 0) deposits heat into the system. 
(b) An exothermic process (AH < 0) 
withdraws heat from the system. 


Analyze We are given an initial volume and a final volume from 
which we can calculate AV. We are also given the pressure, P. We 


w = —PAV = -(136.8 kPa) (0.730 L) 


The units of work obtained by using Equation 5.7 will be those of pressure (usually 
kPa) multiplied by those of volume (usually L). To express the work in the more familiar 
unit of joules, we use the conversion factor 1 L-kPa = 1J. 


A fuel is burned in a cylinder equipped with a piston. The initial volume of the cylinder is 0.250 L, and the final volume is 
0.980 L. If the piston expands against a constant pressure of 136.8 kPa, how much work (in J) is done? 


Check The significant figures are correct (3), and the units are the 
requested ones for energy (J). The negative sign is consistent with 
an expanding gas doing work on its surroundings. 


Plan The equation w = —P AV allows us to calculate the work > Practice Exercise 
done by the system from the given information. 


Calculate the work, in J, if the volume of a system contracts from 
1.55 to 0.85 L at a constant pressure of 99.8 kPa. 


AV = Vinai — Vinitiat = 0-980 L — 0.250L = 0.730L 


99.8 L-kPa 
—99.8 J 


Enthalpy Change 


Let’s now return to our discussion of enthalpy. When a change occurs at constant pres- 
sure, the change in enthalpy, AH, is given by the relationship 


AH = A(E + PV) 
= AE + PAV (constant pressure) [5.8] 


Il 


That is, the change in enthalpy equals the change in internal energy plus the product of 
the constant pressure and the change in volume. 
Recall that AE = q + w (Equation 5.4) and that the work involved in the expansion 


or compression of a gas is w = —PAV (at constant pressure). Substituting —w for PAV 
and q + w for AE into Equation 5.8, we have 
AH = AE + PAV = (gp + W) — W = qp [5.9] 


The subscript P on q indicates that the process occurs at constant pressure. Thus, the 
equations show: 


The change in enthalpy equals the heat qp gained or lost at constant pressure. 


Because qp is something we can either measure or calculate and because so many physi- 
cal and chemical changes of interest to us occur at constant pressure, enthalpy is a more 
useful function for most reactions than is internal energy. In addition, for most reactions 
the difference in AH and AE is small because PAV is small. 

When AH is positive (that is, when qp is positive), the system has gained heat from the 
surroundings (Table 5.1), which means the process is endothermic. When AH is negative, 
the system has released heat to the surroundings, which means the process is exothermic. 
To continue the bank analogy of Figure 5.7, under constant pressure, an endothermic pro- 
cess deposits energy in the system in the form of heat and an exothermic process with- 
draws energy in the form of heat (Figure 5.12). 

Because H is a state function, AH (which equals qp) depends only on the initial and 
final states of the system, not on how the change occurs. At first glance this statement 
might seem to contradict our discussion in Section 5.2, in which we said that q is not 
a state function. There is no contradiction, however, because the relationship between 
AH and qp has special limitations that only P-V work is involved and that the pressure is 
constant. 


= Sample Exercise 5.3 
D Determining the Sign of A H 


oxygen to give complete combustion to CO, and H320. 


SOLUTION 


Analyze Our goal is to determine whether AH is positive or nega- 
tive for each process. Because each process occurs at constant pres- 
sure, the enthalpy change equals the quantity of heat absorbed or 
released, AH = qp. 


Plan We must predict whether heat is absorbed or released by the 
system in each process. Processes in which heat is absorbed are en- 
dothermic and have a positive sign for AH; those in which heat is 
released are exothermic and have a negative sign for AH. 


Solve In (a) the water that makes up the ice cube is the system. The 
ice cube absorbs heat from the surroundings as it melts, so AH is 
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Indicate the sign of the enthalpy change, AH, in the following processes carried out under atmospheric pressure and indicate 
whether each process is endothermic or exothermic: (a) An ice cube melts; (b) 1 g of butane (C4H10) is combusted in sufficient 


positive and the process is endothermic. In (b) the system is the 1 
g of butane and the oxygen required to combust it. The combus- 
tion of butane in oxygen gives off heat, so AH is negative and the 
process is exothermic. 


> Practice Exercise 
A chemical reaction that gives off heat to its surroundings is 
said to be and hasa value of AH. 
(a) endothermic, positive (b) endothermic, negative 
(c) exothermic, positive (d) exothermic, negative 


A CLOSER LOOK QGP UE Ae ie Atl 


In chemistry we are interested mainly in two types of work: electri- 
cal work and mechanical work done by expanding gases. We focus 
here on the latter, called pressure-volume, or P-V, work. Expanding 
gases in the cylinder of an automobile engine do P-V work on the 
piston; this work eventually turns the wheels. Expanding gases from 
an open reaction vessel do P-V work on the atmosphere. This work 
accomplishes nothing in a practical sense, but we must keep track of 
all work, useful or not, when monitoring energy changes in a system. 

Let’s consider a gas confined to a cylinder with a movable piston 
of cross-sectional area A (Figure 5.13). A downward force F acts on 
the piston. The pressure, P, on the gas is the force per area: P = F/A. 
We assume that the piston is massless and that the only pressure act- 
ing on it is the atmospheric pressure that is due to Earth’s atmosphere, 
which we assume to be constant. 

Suppose the gas expands and the piston moves a distance Ah. 
From Equation 5.1, the magnitude of the work done by the system is 


Magnitude of work = force X distance = F X Ah [5.10] 
System does work w = —PAVon 
surroundings as gas expands, 
pushing piston up distance Ah. 
P=F/A 


-z 


Gas enclosed 
in cylinder 


Cross-sectional 
area = A 


Initial 
state 


Final 
state 


A Figure 5.13 Pressure-volume work. The amount of work done by the system on 


the surroundings is w = —PAV. 


Volume 
change 


We can rearrange the definition of pressure, P = F/A,to F = P Xx A. The 
volume change, AV, resulting from the movement of the piston is the 
product of the cross-sectional area of the piston and the distance it moves: 
AV = A X Ah. Substituting into Equation 5.10 gives 


Magnitude of work = F X Ah =P X A X Ah 
=Px AV 


Because the system (the confined gas) does work on the sur- 
roundings, the work is a negative quantity: 
w = -PAV [5.11] 
Now, if P-V work is the only work that can be done, we can sub- 
stitute Equation 5.11 into Equation 5.4 to give 
AE=q+w=q- PAV [5.12] 


When a reaction is carried out in a constant-volume container 
(AV = 0), the heat transferred equals the change in internal 
energy: 


AE =q- PAV =q- P(0) = qy (constant volume) [5.13] 


The subscript V indicates that the volume is constant. 
Most reactions are run under constant pressure, so that 
Equation 5.12 becomes 


AE = qp — PAV 


qp = AE + PAV (constant pressure) [5.14] 


We see from Equation 5.8 that the right side of Equation 5.14 
is the enthalpy change under constant-pressure conditions. 
Thus, AH = qp, as we saw in Equation 5.9. 

In summary, the change in internal energy is equal to 
the heat gained or lost at constant volume, and the change 
in enthalpy is equal to the heat gained or lost at constant 
pressure. The difference between AE and AH is the amount 
of P-V work done by the system when the process occurs at 
constant pressure, —P AV. The volume change accompany- 
ing many reactions is close to zero, which makes P AV and, 
therefore, the difference between AE and AH small. Under 
most circumstances, it is generally satisfactory to use AH 
as the measure of energy changes during most chemical 
processes. 

Related Exercises: 5.15, 5.73-5.75 
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Self-Assessment Exercise 


§.11 Enthalpy can be measured from heat flow under which of (a) constant pressure 


the following conditions? (b) constant volume 


Exercises 
§.12 During a deep breath, our lungs expand about 2.0 L against function, but qis not a state function. Explain. (c) For a given 
an external pressure of 101.3 kPa. How much work is in- process at constant pressure, AH is negative. Is the process 
volved in this process (in J)? endothermic or exothermic? 


5.13 (a) Why is the change in internal energyAE usually harder 
to measure than the change in enthalpy AH? (b) E is a state 
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The thermite reaction is spectacular as a lot of heat is generated from small quantities of 
solid reactants. In this section, we start to focus on the energy changes that accompany a 
chemical reaction and this provides us with an additional depth of understanding of the 
process under study. 

By the end of this section, you should be able to 


e Use thermochemical equations to relate the amount of heat energy transferred in 
reactions at constant pressure AH to the amount of substance involved in the reaction. 


Because AH = Hiina — Hinitia, the enthalpy change for a chemical reaction is given by 
AH = Aproducts — FAreactants [5.15] 


The enthalpy change that accompanies a reaction is called either the enthalpy of reaction 
or the heat of reaction and is sometimes written AH,xn, where “rxn” is a commonly used 
abbreviation for “reaction.” 
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Explosion and flame 
indicate system releases 
heat to surroundings. 


2 Ha(g) + O(g) 


z AHO 
E (exothermic) 
i= 
jaa 
Violent reaction to 
form H20( 9) 2 H20(9) 


2 H,(g) + O(g) ————————_> 2 H,O(g) 


When we give a numerical value for AH,xn, we must specify the reaction involved. 
For example, when 2 mol H,(g) burn to form 2 mol H,O(g) at a constant pressure, the 
system releases 483.6 kJ of heat. We can summarize this information as 


2 H2(g) + O2(g) — > 2H20(g) AH = —483.6kJ [5.16] 


The negative sign for AH tells us that this reaction is exothermic. Notice that AH is re- 
ported at the end of the balanced equation, without explicitly specifying the amounts of 
chemicals involved. In such cases the coefficients in the balanced equation represent the 
number of moles of reactants and products producing the associated enthalpy change. 
Balanced chemical equations that show the associated enthalpy change in this way are 
called thermochemical equations. 

The exothermic nature of this reaction is also shown in the enthalpy diagram in Figure 5.14. 
Notice that the enthalpy of the reactants is greater (more positive) than the enthalpy of 
the products. Thus, AH = Hproducts ~ Hreactants is negative. 

The following guidelines are helpful when using thermochemical equations and 
enthalpy diagrams: 


1. Enthalpy is an extensive property. The magnitude of AH is proportional to 
the amount of reactant consumed in the process. For example, 890 kJ of heat is pro- 
duced when 1 mol of CH, is burned in a constant-pressure system: 


CH,(g) + 202(g) —> CO,(g) + 2H,O(1) AH = -890KJ [5.17] 


Because the combustion of 1 mol of CH, with 2 mol of O; releases 890 kJ of heat, the 
combustion of 2 mol of CH, with 4 mol of O, releases twice as much heat, 1780 kJ. 
Although chemical equations are usually written with whole-number coefficients, 
thermochemical equations sometimes utilize fractions, as in the preceding Give It 
Some Thought question. 

2. The enthalpy change for a reaction is equal in magnitude, but opposite 
in sign, to AH for the reverse reaction. For example, AH for the reverse of 
Equation 5.17 is +890 kJ: 


CO2(g) + 2H20(1) —> CHa(g) + 2 O2(8) 


AH = +890kJ [5.18] 


When we reverse a reaction, we reverse the roles of the products and the reactants. 
From Equation 5.15, we see that reversing the products and reactants leads to the 
same magnitude of AH, but a change in sign (Figure 5.15). 

3. The enthalpy change for a reaction depends on the states of the reac- 
tants and products. If the product in Equation 5.17 were H,O(g) instead of 
H20(1), AH,xn would be —802 kJ instead of —890 kJ. Less heat would be available for 


< Figure 5.14 Exothermic reaction of 
hydrogen with oxygen. When a mixture of 
H2(g) and O2(g) is ignited to form H20(8), 
the resultant explosion produces a ball of 
flame. Because the system releases heat to 
the surroundings, the reaction is exothermic 
as indicated in the enthalpy diagram. 


CHy,(g) + 2 O(g) 


AH, = 
—890 kJ 


AH, = 
890 kJ 


Enthalpy —————_> 


CO,(g) + 2 H0(1) 


A Figure 5.15 AH for a reverse reaction. 
Reversing a reaction changes the sign but 
not the magnitude of the enthalpy change: 
AH, = —AH. 
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transfer to the surroundings because the enthalpy of H,O(g) is greater than that of 
H,O(/). One way to see this is to imagine that the product is initially liquid water. 
The liquid water must be converted to water vapor, and the conversion of 2 mol 


H,O(/) to 2 mol H,O(g) is an endothermic process that absorbs 88 kJ: 
2H,O(1) —> 2H,0(g) AH = +88 kJ [5.19] 


Thus, it is important to specify the states of the reactants and products in 
thermochemical equations. In addition, we will generally assume that the reactants 


and products are both at the same temperature, 25 °C, unless otherwise indicated. 


a Sample Exercise 5.4 
D Relating AH to Quantities of Reactants and Products 


Equation 5.17.) 


SOLUTION 


Analyze Our goal is to use a thermochemical equation to calculate 
the heat produced when a specific amount of methane gas is 
combusted. According to Equation 5.17, 890 kJ is released by the 
system when 1 mol CH; is burned at constant pressure. 


1 mol CH, = 16.0 CH,. We can use 
the appropriate conversion factors 
to convert grams of CH, to moles of 
CH, to kilojoules: 


> Practice Exercise 
Hydrogen peroxide can decompose to water and oxygen by 
the reaction 


2H,0,(1) —> 2H,O(1) + 0,(g) AH = —196 kJ 


How much heat is released when 4.50 g of methane gas is burned in a constant-pressure system? (Use the information given in 


Plan Equation 5.17 provides us with a stoichiometric conversion 
factor: (1 mol CH, = —890 kJ). Thus, we can convert moles of CH4 
to kJ of energy. First, however, we must convert grams of CH, to 
moles of CH4. 


Solve 
Molar AH = 
The conversion sequence is: Grams CH, —> mass CH, —> Moles CH, —> —890 ) kJ of heat 
(given) (unkown) 
16.0 g/mol kJ/mol 
By adding the atomic weights 1 mol CH, —890 kJ 
of C and 4 H, we have Heat = (4.50 g CHa) 16.0gCH;/\ I moleH, 250 kJ 


The negative sign indicates that the system released 250 kJ 
into the surroundings. 


Calculate the quantity of heat released when 5.00 g of 
H,0,(/) decomposes at constant pressure. 


A CLOSER LOOK Using Enthalpy as a Guide i 


If you hold a brick in the air and let it go, you know what happens: 
It falls as the force of gravity pulls it toward Earth. A process that is 
thermodynamically favored to happen, such as a brick falling to the 
ground, is called a spontaneous process. A spontaneous process can be 
either fast or slow; the rate at which processes occur is not governed 
by thermodynamics. 

Chemical processes can be thermodynamically favored, or 
spontaneous, too. By spontaneous, however, we do not mean that 
the reaction will form products without any intervention. That can 
be the case, but often some energy must be imparted to get the pro- 
cess started. Just as it is spontaneous for a rock to roll down the side 
of a hill once started, so too can it be spontaneous for chemical re- 
actions to proceed once enough energy is imparted to initiate the 


reaction (Figure 5.16). The enthalpy change in a reaction gives one 
indication as to whether the reaction is likely to be spontaneous. The 
combustion of H2(g) and O2(g), for example, is highly exothermic: 
H2(g) + 3 Oo(g) —> H,O(g) AH = —242kJ 

Hydrogen gas and oxygen gas can exist together in a volume in- 
definitely without noticeable reaction occurring. Once the reaction is 
initiated, however, energy is rapidly transferred from the system (the 
reactants) to the surroundings as heat. The system thus loses enthalpy 
by transferring the heat to the surroundings. (Recall that the first law 
of thermodynamics tells us that the total energy of the system plus 
the surroundings does not change; energy is conserved.) 
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Enthalpy change is not the only consideration 
in the spontaneity of reactions, nor is it a foolproof 
guide. For example, even though ice melting is an 


endothermic process, 
H,O(s) —> H,O(/) AH = +6.01 kJ =» 


this process is spontaneous at temperatures above 
the freezing point of water (0 °C). The reverse 
process, water freezing, is spontaneous at tempera- 
tures below 0 °C. Thus, we know that ice at room 
temperature melts and water put into a freezer at 


—20 °C turns into ice. Both processes are sponta- exother e 
; ve reaction 
neous under different conditions even though they AH <0 


are the reverse of one another. In Chapter 19, we 
will address the spontaneity of processes more fully. 
We will see why a process can be spontaneous at one 
temperature but not at another, as is the case for the 
conversion of water to ice. 

Despite these complicating factors, you should 
pay attention to the enthalpy changes in reactions. 


As a general observation, when the enthalpy change A Figure 5.16 Exothermic reactions and spontaneity. Chemical reactions that are 

is large, it is the dominant factor in determining highly exothermic (AH much less than O) usually occur spontaneously. Such reactions 
spontaneity. Thus, reactions for which AH is large often need some input of energy to get started, just like it can take a push to get a 
(about 100 kJ or more) and negative tend to be spon- boulder rolling down a hill to a spot of lower potential energy. However, once they get 
taneous. Reactions for which AH is large and positive started, such reactions spontaneously proceed to form the products, which have lower 
tend to be spontaneous only in the reverse direction. potential energy. 


Related Exercises: 5.20, 5.80 


In many situations, we will find it valuable to know the sign and magnitude of the 
enthalpy change associated with a given chemical process. As we see in the following 
sections, AH can be either determined directly by experiment or calculated from known 
enthalpy changes of other reactions. 


Self-Assessment Exercise 


5.14 Given 2 H2(g) + O2(g) —> 2 H20(g)AH = —484 kJ (a) AH = +242kJ 
What is the enthalpy change for the formation of hydrogen (b) AH = +484kJ 
and oxygen from one mole of steam? (c) AH = +968 kJ 


H,0(g) — H2(8) + 5 O2(g) 


Exercises 

5.15 A gas is confined to a cylinder under constant atmospheric (a) Using the thermodynamic data in Appendix C, calculate 
pressure, as illustrated in Figure 5.4. When the gas undergoes the enthalpy change for this reaction per mole of H3. 
a particular chemical reaction, it absorbs 824 J of heat from (b) Which has the higher enthalpy under these conditions, 
its surroundings and has 0.65 kJ of P V work done on it by 2 H(g) or Ho(g)? 
its surroundings. What are the values of AH and AE for this f . : 

> 5.18 Consider the following reaction: 

process? 

5.16 The complete combustion of methane, CH,(g), to form 2Mg(s) + Oo(g) —> 2MgO(s) AH = —1204kJ 


H,O(/) and CO,(g) at constant pressure releases 890 kJ of 


heat per mole of CH4. (a) Write a balanced thermochemical (a) Is this reaction exothermic or endothermic? 


equation for this reaction. (b) Draw an enthalpy diagram for (b) Calculate the amount of heat transferred when 3.55 g of 
the reaction. Mg(s) reacts at constant pressure. 

5.17 Atomic hydrogen (H) is used in welding (AHW). The atoms (c) How many grams of MgO are produced during an 
recombine to hydrogen molecules with a large release of heat enthalpy change of —234 kJ? 


according to the following reaction: (d) How many kilojoules of heat are absorbed when 40.3 g 


2H(gs) —> H,(g) of MgO(s) is decomposed into Mg(s) and O2(g) at con- 
stant pressure? 
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5.20 
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When solutions containing silver ions and chloride ions are 
mixed, silver chloride precipitates 


Ag*(aq) + Cl(aq) —> AgCl(s) AH = —65.5kJ 


(a) Calculate AH for the production of 0.450 mol of AgCl by 
this reaction. (b) Calculate AH for the production of 9.00 g 
of AgCl. (c) Calculate AH when 9.25 x 10-4 mol of AgCI dis- 
solves in water. 


Consider the combustion of liquid methanol, CH;OH(1): 


CH3OH(I) + 3 O2(g) —> CO2(g) + 2 H20(1) 
AH = —726.5kJ 


(a) What is the enthalpy change for the reverse reaction? 
(b) Balance the forward reaction with whole-number co- 
efficients. What is AH for the reaction represented by this 
equation? (c) Which is more likely to be thermodynami- 
cally favored, the forward reaction or the reverse reaction? 
(d) If the reaction were written to produce H,O(g) instead 
of H,O(/), would you expect the magnitude of AH to in- 
crease, decrease, or stay the same? Explain. 
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5.5 | Calorimetry 


The word thermometer comes from the Greek words ‘thermos’ meaning hot, and ‘metron’ 
meaning measure. Early instruments that attempted to measure temperature utilized an air 
bubble trapped in a glass tube closed at one end and dipped into water at the other end. As the 
temperature changed, the volume of the trapped air changed. However, this was also subject 
to changes in atmospheric pressure. The first reliable thermometer was invented in 1714 by 
Daniel Gabriel Fahrenheit, who employed a sealed tube—to avoid the effects of changing 
atmospheric pressures—and the high coefficient of expansion of mercury to translate tem- 
perature changes to the visible movement of the mercury along the tube. Fahrenheit is re- 
membered with a monument in the city of his birth, Gdansk, Poland, but lived most of his 
life in the Dutch Republic. He also suggested a scale for temperature, which bears his name. 
Nowadays, we have many different devices that measure temperature and the use 
of mercury in thermometers is diminishing. While the use of the Celsius scale is wide- 
spread, it is not yet universal with some countries still recording, for example, weather 


temperatures in Fahrenheit. 


By the end of this section, you should be able to 


e Calculate the heat transferred in a process from temperature measurements together 
with heat capacities or specific heats 


The value of AH can be determined experimentally by measuring the heat flow accom- 
panying a reaction at constant pressure. Typically, we can determine the magnitude of 
the heat flow by measuring the magnitude of the temperature change the heat flow pro- 
duces. The measurement of heat flow is calorimetry; a device used to measure heat 
flow is a calorimeter. 


Heat Capacity and Specific Heat 


The more heat an object gains, the hotter it gets. All substances change temperature 
when they are heated, but the magnitude of the temperature change produced by a given 
quantity of heat varies from substance to substance. The temperature change experi- 
enced by an object when it absorbs a certain amount of heat is determined by its heat 
capacity, denoted C. The heat capacity of an object is the amount of heat required to 
raise its temperature by 1 K (or 1 °C). The greater the heat capacity, the greater the heat 
required to produce a given increase in temperature. 

For pure substances the heat capacity is usually given for a specified amount of 
the substance. The heat capacity of one mole of a substance is called its molar heat 
capacity, C,,. The heat capacity of one gram of a substance is called its specific heat 
capacity, or merely its specific heat, c. The specific heat, c, of a substance can be deter- 
mined experimentally by measuring the temperature change, AT, that a known mass m 
of the substance undergoes when it gains or loses a specific quantity of heat q: 


(quantity of heat transferred) 


Specific heat 
anaes (grams of substance) x (temperature change) 
_ q 
CEAT [5.20] 


For example, 209 J is required to increase the temperature of 50.0 g of water by 1.00 K. 
Thus, the specific heat of water is 
209J 
(50.0 g)(1.00 K) 


4.18J/gK 


Notice how the units combine in the calculation. A temperature change in kelvins is 
equal in magnitude to the temperature change in degrees Celsius: AT in K = AT in °C. 
Therefore, this specific heat for water can also be reported as 4.18 J/g °C, where the unit is 
pronounced “Joules per gram-degree Celsius.” 

Because the specific heat values for a given substance can vary slightly with tempera- 
ture, the temperature is often precisely specified. The 4.18 J/g K value we use here for water, 
for instance, is for water initially at 14.5 °C (Figure 5.17). Water’s specific heat at this tem- 
perature is used to define the calorie: 1 cal = 4.184 J exactly. 

When a sample absorbs heat (positive q), its temperature increases (positive AT). 
Rearranging Equation 5.20, we get 

q=C,xXmxX AT [5.21] 
Thus, we can calculate the quantity of heat a substance gains or loses by using its specific 
heat together with its measured mass and temperature change. 

Table 5.2 lists the specific heats of several substances. Notice that the specific heat of 
liquid water is higher than those of the other substances listed. The high specific heat of 


water affects Earth’s climate because it makes the temperatures of the oceans relatively 
resistant to change. 


TABLE 5.2 Specific Heats of Some Substances at 298 K 


Elements Compounds 
Substance Specific Heat (J/g K) Substance Specific Heat (J/g K) 
N2(g) 1.04 H,0(1) 4.18 
Al(s) 0.90 CHa(g) 2.20 
Fe(s) 0.45 CO2(g) 0.84 


Hg) 0.14 CaCoO;(s) 0.82 
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W. Go Figure 


Is the process shown in the figure 
endothermic or exothermic? 


1.000 g H,0(/) 
Tai) = 15.5 AS 


+ 4.184 J (1 cal) 
of heat 


1.000 g H,O(/) 
Teal = 14.5 E 


A Figure 5.17 Specific heat of water. 
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= Sample Exercise 5.5 
PF Relating Heat, Temperature Change, and Heat Capacity 


boiling point)? (b) What is the molar heat capacity of water? 


SOLUTION 


Analyze In part (a) we must find the quantity of heat (q) needed 

to warm the water, given the mass of water (m), its temperature 
change (AT), and its specific heat (c). In part (b) we must calculate 
the molar heat capacity (heat capacity per mole, Cm) of water from 
its specific heat (heat capacity per gram). 


(a) How much heat is needed to warm 250 g of water (about 1 cup) from 22 °C (about room temperature) to 98 °C (near its 


Plan (a) Given c, m, and AT, we can calculate the quantity of heat, 
q, using Equation 5.21. (b) We can use the molar mass of water 
and dimensional analysis to convert from heat capacity per gram 
to heat capacity per mole. 


Solve 


(a) The water undergoes a temperature change of: AT 


22°C = 76°C = 76K 


98 °C 


Using Equation 5.21, we have: 


q=C,XmxX AT 
= (4.18J/gK)(250g)(76K) = 7.9 x 104J 


gen, we have: 


P Practice Exercise 


W Go Figure 


Why do you think two Styrofoam® 
cups are often used instead of just 
one. 


Thermometer 


Glass stirrer 


Cork stopper 


Two Styrofoam® 
cups nested together 


Reaction mixture 
in solution 

A Figure 5.18 Coffee-cup calorimeter. 
This simple apparatus is used to measure 
temperature changes of reactions at 
constant pressure. 


From the specific heat used in part (a), we have: 


(a) Large beds of rocks are used in some solar-heated homes 
to store heat. Assume that the specific heat of the rocks is 


0.82 J/g K. Calculate the quantity of heat absorbed by 


(b) The molar heat capacity is the heat capacity of one mole of 
substance. Using the atomic weights of hydrogen and oxy- 


1 mol H,O = 18.0gH,O 


( 8 J e 75.2 1-K 
Cn 4.1 ZK)\1mol 5.2J/mol- 


50.0 kg of rocks if their temperature increases by 12.0 °C. 
(b) What temperature change would these rocks undergo 
if they emitted 450 kJ of heat? 


Constant-Pressure Calorimetry 


The techniques and equipment employed in calorimetry depend on the nature of the 
process being studied. For many reactions, such as those occurring in solution, it is easy 
to control pressure so that AH is measured directly. Although the calorimeters used for highly 
accurate work are precision instruments, a simple “coffee-cup” calorimeter (Figure 5.18) is of- 
ten used in general chemistry laboratories to illustrate the principles of calorimetry. Be- 
cause the calorimeter is not sealed, the reaction occurs under the essentially constant 
pressure of the atmosphere. 

Imagine adding two aqueous solutions, each containing a reactant, to a coffee-cup 
calorimeter. Once mixed, a reaction occurs. In this case, there is no physical boundary 
between the system and the surroundings. The reactants and products of the reaction are 
the system, and the water in which they are dissolved is part of the surroundings. (The 
calorimeter apparatus is also part of the surroundings.) If we assume that the calorime- 
ter is perfectly insulated, then any heat released or absorbed by the reaction will raise 
or lower the temperature of the water in the solution. Thus, we measure the tempera- 
ture change of the solution and assume that any changes are due to heat transferred 
from the reaction to the water (for an exothermic process) or transferred from the 
water to the reaction (endothermic). In other words, by monitoring the temperature 
of the solution, we are seeing the flow of heat between the system (the reactants and 
products in the solution) and the surroundings (the water that forms the bulk of the 
solution). 

For an exothermic reaction, heat is “lost” by the reaction and “gained” by the water 
in the solution, so the temperature of the solution rises. The opposite occurs for an 
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endothermic reaction: Heat is gained by the reaction and lost by the water in the solu- 
tion, and the temperature of the solution decreases. The heat gained or lost by the solu- 
tion, qson, is therefore equal in magnitude but opposite in sign to the heat absorbed or 
released by the reaction, q;xn, in mathematical terms qson = —ixn. The value of goin is 
readily calculated from the mass of the solution, its specific heat, and the temperature 


change: 


dso = (Specific heat of solution) x (grams of solution) X AT = —qrxn 


[5.22] 


For dilute aqueous solutions we usually assume that the specific heat of the solution is 


the same as that of water, 4.18 J/g K. 


Equation 5.22 makes it possible to calculate q,,, from the temperature change of the 
solution in which the reaction occurs. A temperature increase (AT > 0) means the reac- 


tion is exothermic (qrxn < 0). 


VSA Sample Exercise 5.6 
y Measuring AH Using a Coffee-Cup Calorimeter 


1.0g/mL, and that its specific heat is 4.18 J/g K. 


SOLUTION 


Analyze Mixing solutions of HCl and NaOH results in an acid-base 
reaction: 


HCl(aq) + NaOH(aq) —> H20(1) + NaCl(aq) 


We need to calculate the heat produced per mole of HCl, given the 
temperature increase of the solution, the number of moles of HCl and 


Solve 
Because the total volume of the solution is 100 mL, its mass is: 


When a student mixes 50 mL of 1.0 M HCI and 50 mL of 1.0 M NaOH in a coffee-cup calorimeter, the temperature of the 
resultant solution increases from 21.0 to 27.5 °C. Calculate the enthalpy change for the reaction in kJ/mol HCI, assuming 
that the calorimeter loses only a negligible quantity of heat, that the total volume of the solution is 100 mL, that its density is 


Plan The total heat produced can be calculated using 

Equation 5.22. The number of moles of HCI consumed in the 
reaction must be calculated from the volume and molarity of 
this substance, and this amount is then used to determine the 
heat produced per mol HCl. 


NaOH involved, and the density and specific heat of the solution. 


(100 mL)(1.0 g/mL) = 100g 


The temperature change is: 


AT 


27.5 °C — 21.0°C = 6.5°C = 6.5K 


Using Equation 5.22, we have: 


Gixn = =c Xm X AT 
—(4.18J/g¢K)(100 g)(6.5K) = —2.7 x 10°J = -2.7 kJ 


Because the process occurs at constant pressure, 


To express the enthalpy change on a molar basis, we use the 
fact that the number of moles of HCl is given by the product 
of the volume (50 mL = 0.050 L) and concentration 

(1.0 M = 1.0 mol/L) of the HCI solution: 


Thus, the enthalpy change per mole of HCI! is: 


increase in the temperature. The magnitude of the molar enthalpy 
change seems reasonable. 


> PPractice Exercise 


When 50.0 mL of 0.100 M AgNO; and 50.0 mL of 0.100 M HCl 
are mixed in a constant-pressure calorimeter, the temperature 


AH = gp = -2.7 KJ 


(0.050 L)(1.0 mol/L) = 0.050 mol 


AH = -2.7 kJ/0.050 mol = —54kJ/mol 


of the mixture increases from 22.30 to 23.11 °C. The tempera- 


Check AH is negative (exothermic), as evidenced by the observed 


ture increase is caused by the following reaction: 
AgNO3(aq) + HCl(aq) —> AgCl(s) + HNO3(aq) 


Calculate AH for this reaction in kJ/mol AgNO3, assuming 
that the combined solution has a mass of 100.0 g and a specific 
heat of 4.18 J/g-°C. 
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V Go Figure 


Is the water surrounding the reaction 
chamber part of the system or the 
surroundings? 


Stirrer 


Sample 
ignition wires 


Thermometer 


Insulated 
container 


Bomb (reaction 
chamber) 


Water 
Sample 


A Figure 5.19 Bomb calorimeter. 


= Sample Exercise 5.7 


D Measuring fxn Using a Bomb Calorimeter 


Bomb Calorimetry (Constant-Volume Calorimetry) 


An important type of reaction studied using calorimetry is combustion, in which a 
compound reacts completely with excess oxygen. (Section 3.2) Combustion reactions 
are most accurately studied using a bomb calorimeter (Figure 5.19). The substance to 
be studied is placed in a small cup within an insulated sealed vessel called a bomb. The 
bomb, which is designed to withstand high pressures, has an inlet valve for adding ox- 
ygen and electrical leads for initiating the reaction. After the sample has been placed in 
the bomb, the bomb is sealed and pressurized with oxygen. It is then placed in the cal- 
orimeter and covered with an accurately measured quantity of water. The combustion 
reaction is initiated by passing an electrical current through a fine wire in contact with 
the sample. When the wire becomes sufficiently hot, the sample ignites. 

The heat released when combustion occurs is absorbed by the water and the various 
components of the calorimeter (which all together make up the surroundings), causing 
the water temperature to rise. The change in water temperature caused by the reaction is 
measured very precisely. 

To calculate the heat of combustion from the measured temperature increase, we 
must know the total heat capacity of the calorimeter, Cea; This quantity is determined 
by combusting a sample that releases a known quantity of heat and measuring the tem- 
perature change. For example, combustion of exactly 1 g of benzoic acid, CsH;COOH, in 
a bomb calorimeter produces 26.38 kJ of heat. Suppose 1.000 g of benzoic acid is com- 
busted in a calorimeter, leading to a temperature increase of 4.857 °C. The heat capacity 
of the calorimeter is then Cea = 26.38 kJ/4.857 °C = 5.431 kJ/°C. Once we know Cea 
we can measure temperature changes produced by other reactions, and from these we 
can calculate the heat evolved in the reaction, qrxn: 


Grxn = Ceai X AT [5.23] 


Because reactions in a bomb calorimeter are carried out at constant volume, the heat 
transferred corresponds to the change in internal energy, AE, rather than the change in 
enthalpy, AH (Equation 5.13). For most reactions, however, the difference between AE 
and AH is very small. For the reaction discussed in Sample Exercise 5.7, for example, the 
difference between AE and AH is about 1 kJ/mol—a difference of less than 0.1%. It is 
possible to calculate AH from AE, but we need not concern ourselves with how these 


small corrections are made. 


The combustion of methylhydrazine (CH¢Nz2), a liquid rocket fuel, produces No(g), CO2(g), and H20(/): 


2 CH6N2() + 502(g) — > 2No(g) + 2CO2(g) + 6 H20(/) 


When 4.00 g of methylhydrazine is combusted in a bomb calorimeter, the temperature of the calorimeter increases from 25.00 
to 39.50 °C. In a separate experiment the heat capacity of the calorimeter is measured to be 7.794 kJ/°C. Calculate the heat of 
reaction for the combustion of a mole of CHgNo. 


SOLUTION 


Analyze We are given a temperature change and the total heat 
capacity of the calorimeter. We are also given the amount of reac- 
tant combusted. Our goal is to calculate the enthalpy change per 


mole for combustion of the reactant. 


Solve 


Plan We will first calculate the heat evolved for the combustion 
of the 4.00 g sample. We will then convert this heat to a molar 
quantity. 


For combustion of the 4.00 g sample of methylhydrazine, the 


temperature change of the calorimeter is: 


AT = (39.50°C — 25.00°C) = 14.50°C 


We can use AT and the value for Coa to calculate the heat of 


reaction (Equation 5.23): 


Geen = -Cal X AT = —(7.794 KJ /°@)(14.50°C) = —113.0kJ 


We can readily convert this value to the heat of reaction for a 
mole of CH6N3: 


Check The units cancel properly, and the sign of the answer is neg- 
ative as it should be for an exothermic reaction. The magnitude of 
the answer seems reasonable. 
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—113.0k) 46.1 se) A 
Tooo . ee CHN; 1.30 x 10° kJ/mol CH6N3 


» Practice Exercise 


A 0.5865 g sample of lactic acid (HC3H;O3) reacts with oxygen 
in a calorimeter whose heat capacity is 4.812 kJ /°C. The tem- 
perature increases from 23.10 to 24.95 °C. Calculate the heat of 
combustion of lactic acid (a) per gram and (b) per mole. 


CHEMISTRY AND LIFE PURGE a ei 


For most of us, being asked the question “Are you running a fever?” 
was one of our first introductions to medical diagnosis. Indeed, a 
deviation in body temperature of only a few degrees indicates some- 
thing amiss. Maintaining a near-constant temperature is one of the 
primary physiological functions of the human body. 

To understand how the body’s heating and cooling mechanisms 
operate, we can view the body as a thermodynamic system. The body 
increases its internal energy content by ingesting foods from the sur- 
roundings. The foods, such as glucose (C6H1206), are metabolized—a 
process that is essentially controlled oxidation to CO; and H20: 


C6H1206(s) + 6 O2(g) —> 6 CO2(g) + 6 H20(1) 
AH = —2803 kJ 


Roughly 40% of the energy produced is ultimately used to do 
work in the form of muscle contractions and nerve cell activities. The 
remainder is released as heat, part of which is used to maintain body 
temperature. When the body produces too much heat, as in times of 
heavy physical exertion, it dissipates the excess to the surroundings. 

Heat is transferred from the body to its surroundings primarily 
by radiation, convection, and evaporation. Radiation is the direct loss of 
heat from the body to cooler surroundings, much as a hot stovetop 
radiates heat to its surroundings. Convection is heat loss by virtue of 
heating air that is in contact with the body. The heated air rises and 
is replaced with cooler air, and the process continues. Warm clothing 
decreases convective heat loss in cold weather. Evaporative cooling 
occurs when perspiration is generated at the skin surface by the sweat 
glands (Figure 5.20). Heat is removed from the body as the perspira- 
tion evaporates. Perspiration is predominantly water, so the process 
is the endothermic conversion of liquid water into water vapor: 


H,O(1) —> H,O0(g) AH = +44.0kJ 


The speed with which evaporative cooling occurs decreases 
as the atmospheric humidity increases, which is why we feel more 
sweaty and uncomfortable on hot, humid days. 

When body temperature becomes too high, heat loss increases 
in two principal ways. First, blood flow near the skin surface increases, 


A Figure 5.20 Perspiration. 


which allows for increased radiational and convective cooling. The red- 
dish, “flushed” appearance of a hot individual is due to this increased 
blood flow. Second, we sweat, which increases evaporative cooling. 
During extreme activity, the amount of perspiration can be as high as 2 
to 4 liters per hour. As a result, the body’s water supply must be replen- 
ished during these periods. If the body loses too much liquid through 
perspiration, it will no longer be able to cool itself and blood volume 
decreases, which can lead to either heat exhaustion or the more serious 
heat stroke. However, replenishing water without replenishing the elec- 
trolytes lost during perspiration can also lead to serious problems. If the 
normal blood sodium level drops too low, dizziness and confusion set 
in, and the condition can become critical. Drinking a sport drink that 
contains some electrolytes helps to prevent this problem. 

When body temperature drops too low, blood flow to the skin sur- 
face decreases, thereby decreasing heat loss. The lower temperature also 
triggers small involuntary contractions of the muscles (shivering); the 
biochemical reactions that generate the energy to do this work also gen- 
erate heat for the body. If the body is unable to maintain a normal tem- 
perature, the very dangerous condition called hypothermia can result. 


Self-Assessment Exercise 


5.21 How much energy (heat) does it take to heat an Al saucepan 
(0.20 kg) containing 1.0 L of water from room temperature 
(20 °C) to boiling? Assume thermal equilibrium between 
the pan and water at all times (specific heat capacity for Al is 
0.90 J/g K and H,O is 4.18 J/g K. Assume the density of water 
is 1 g/mL). 


(a) q = +15KJ 
(b) q = +87NJ 

(c) g = +330k) 
(d) q = +330KJ 
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ae 


Exercises 


5.22 


5.23 


5.24 


5.25 


(a) Derive an equation to convert the specific heat of a pure 
substance to its molar heat capacity. (b) The specific heat of 
aluminum is 0.9J/(g K). Calculate its molar heat capacity. 
(c) If you know the specific heat of aluminum, what addi- 
tional information do you need to calculate the heat capac- 
ity of a particular piece of an aluminum component? 


(a) What amount of heat (in joules) is required to raise the 
temperature of 1 g of water by 1 kelvin? (b) What is the heat 
capacity of 370 g of liquid water? (c) How many kJ of heat 
are needed to raise the temperature of 5.00 kg of liquid water 
from 24.6 to 46.2 °C? 


The specific heat of octane, CgHj(/), is 2.22 J/g K. (a) How 
many J of heat are needed to raise the temperature of 80.0 g 
of octane from 10.0 to 25.0 °C? (b) Which will require more 
heat, increasing the temperature of 1 mol of CgHj(/) by a 
certain amount or increasing the temperature of 1 mol of 
H20(1) by the same amount? 


When an 18.6 g sample of solid potassium hydroxide 
dissolves in 200.0 g of water in a coffee-cup calorimeter 
(Figure 5.18), the temperature rises from 23.7 to 44.5 °C. 


5.26 


5.27 


(a) Calculate the quantity of heat (in kJ) released in the 
reaction. (b) Using your result from part (a), calculate AH 
(in kJ/mol KOH) for the solution process. Assume that the 
specific heat of the solution is the same as that of pure 
water. 


A 1.50 g sample of quinone (CsH4O2) is burned in a bomb 
calorimeter whose total heat capacity is 8.500 kJ/°C. The 
temperature of the calorimeter increases from 25.00 to 
29.49°C. (a) Write a balanced chemical equation for the 
bomb calorimeter reaction. (b) What is the heat of combus- 
tion per gram of quinone and per mole of quinone? 


Under constant-volume conditions, the heat of combus- 
tion of sucrose (C12H22011) is 16.49 kJ/g. A 3.00 g sample 
of sucrose is burned in a bomb calorimeter. The tempera- 
ture of the calorimeter increases from 21.94 to 24.62°C. 
(a) What is the total heat capacity of the calorimeter? 
(b) If the size of the sucrose sample had been exactly 
twice as large, what would the temperature change of the 
calorimeter have been? 
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5.6 | Hess’s Law 


A fish ladder is a device that allows the movement of fish up a river when an obstruction 
such as a weir is built across their pathway. It provides an alternative route to get to the 
same end point. There are many reactions in chemistry where it may be difficult to de- 
termine the enthalpy change. Hess’s Law allows us to calculate such a change from data 
that is easier to obtain. 

By the end of this section, you should be able to 


e Use Hess’s law to determine enthalpy changes for reactions. 


It is often possible to calculate the AH for a reaction from the tabulated AH values of 
other reactions. Thus, it is not necessary to make calorimetric measurements for all 
reactions. 

Because enthalpy is a state function, the enthalpy change, AH, associated with any 
chemical process depends only on the amount of matter that undergoes change and on 
the nature of the initial state of the reactants and the final state of the products. This 
means that whether a particular reaction is carried out in one step or in a series of steps, 
the sum of the enthalpy changes associated with the individual steps must be the same 
as the enthalpy change associated with the one-step process. As an example, combustion 
of methane gas, CH,(g), to form CO,(g) and H,O(/) can be thought of as occurring in 
one step, as represented on the left in Figure 5.21, or in two steps, as represented on the 
right in Figure 5.21: (1) combustion of CH4(g) to form CO2(g) and H2O(g) and (2) con- 
densation of H,O(g) to form H,O(/). The enthalpy change for the overall process is the 
sum of the enthalpy changes for these two steps: 


CH4(g) + 202(g) —> CO,(g) + 2H20(g) AH = -802kJ 
(Add) 2H,O(g) —> 2H,O() AH = -88kJ 


CHa(g) + 2 Oo(g) + 2H2,0(g) —> CO2(g) + 2H20(1) + 2 H2O(g) AH = —890kJ 


The net equation is 


CH,(g) + 202(g) —> CO,(g) + 2H,O(1) AH = -890kJ 


Hess’s law states that if a reaction is carried out in a series of steps, AH 
for the overall reaction equals the sum of the enthalpy changes for the individ- 
ual steps. The overall enthalpy change for the process is independent of 
the number of steps and independent of the path by which the reaction 
is carried out. This law is a consequence of the fact that enthalpy is a state 
function. We can therefore calculate AH for any process as long as we find 
a route for which AH is known for each step. This means that a relatively 
small number of experimental measurements can be used to calculate AH 
for a vast number of reactions. 

Hess’s law provides a useful means of calculating energy changes that are 
difficult to measure directly. For instance, it is impossible to measure directly 
the enthalpy for the combustion of carbon to form carbon monoxide. Combus- 
tion of 1 mol of carbon with 0.5 mol of O2 produces both CO and CO,, leaving 
some carbon unreacted. However, solid carbon and carbon monoxide can both 
be completely burned in O; to produce CO 2. We can therefore use the enthalpy 
changes of these reactions to calculate the heat of combustion of carbon as 
illustrated in Sample Exercise 5.8. 


> Sample Exercise 5.8 


Ltt Using Hess’s Law to Calculate AH 
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YW Go Figure 


What process corresponds to the 
—88 kJ enthalpy change? 


CHy(g) + 2 O2(g) 


—802 kJ 
—890 kJ 


CO,(g) + 2 H20(g) 


-ss kJ 


CO,(g) + 2 H,O(/) 


Enthalpy —————> 


A Figure 5.21 Enthalpy diagram for 
combustion of 1 mol of methane. The enthalpy 
change of the one-step reaction equals the sum 
of the enthalpy changes of the reaction run in 
two steps: —890 kJ 802 kJ + (—88kJ). 


The enthalpy of reaction for the combustion of C to CO, is —393.5 kJ/mol C, and the enthalpy for the combustion of CO to CO, 


is —283.0 kJ/mol CO: 
(1)  C(s) + Oo(g) —> CO2) AH = —393.5kJ 
(2) CO(g) + $02(g) — CO02(g) AH = —283.0kJ 
Using these data, calculate the enthalpy for the combustion of C to CO: 


(3) C(s) + 502(g) —> CO(g) AH=? 


Continued 
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SOLUTION 


Analyze We are given two thermochemical equations, and our goal 
is to combine them in such a way as to obtain the third equation 
and its enthalpy change. 


Plan We will use Hess’s law. In doing so, we first note the number of 
moles of substances among the reactants and products in the target 
equation (3). We then manipulate equations (1) and (2) to give the 
same number of moles of these substances, so that when the result- 
ing equations are added, we obtain the target equation. At the same 
time, we keep track of the enthalpy changes, which we add. 


Solve To use equations (1) and (2), we arrange them so that C(s) is 
on the reactant side and CO(g) is on the product side of the arrow, 
as in the target reaction, equation (3). Because equation (1) has 
C(s) as a reactant, we can use that equation just as it is. We need to 
turn equation (2) around, however, so that CO(g) is a product. Re- 
member that when reactions are turned around, the sign of AH is 
reversed. We arrange the two equations so that they can be added 
to give the desired equation: 


C(s) + O2(g) —> CO2(8) 
CO2(8) — CO(g) + 3 02(8) 
C(s) + 30283) — CO(g) 


AH = -393.5 kJ 
-AH = 283.0kJ 
AH = -110.5kJ 


When we add the two equations, CO2(g) appears on both sides 
of the arrow and therefore cancels out. Likewise, 4 O2(g) is elimi- 
nated from each side. 


> Practice Exercise 
Calculate AH for 2 NO(g) + O2(g) —> N2Oa(g), using the 
following information: 


2 NO(g) + Oo(g) —> 2NO,(g) 


AH = +57.9kJ 
AH = —-113.1kJ 


(a)2.7kJ (b)-55.2kJ (©) —-85.5kJ (d)-171.0kJ (e) +55.2k) 


> Sample Exercise 5.9 


D Using Hess’s Law with Three Equations to Calculate AH | 


Calculate AH for the reaction 
2C(s) + Hol(g) —> C2H2(8) 
given the following chemical equations and their respective enthalpy changes: 
C2Ho(g) + 3 02(g) —> 2CO2(g) + H20(/) 
C(s) + O2(g) —> CO2(g) 
Ho(g) + 3 O2(g) —> H20(/) 


AH = —1299.6kJ 
AH = —393.5kJ 
AH = —285.8kJ 


When the equations are added, there are 2 COp, 3 O,, and H2O 
on both sides of the arrow. These are canceled in writing the net 
equation. 


SOLUTION 


Analyze We are given a chemical equation and asked to calculate its AH 
using three chemical equations and their associated enthalpy changes. 
Check The procedure must be correct because we obtained the cor- 
rect net equation. In cases like this, you should go back over the 
numerical manipulations of the AH values to ensure that you did 
not make an inadvertent error with signs. 


Plan We will use Hess’s law, summing the three equations or their 
reverses and multiplying each by an appropriate coefficient so 
that they add to give the net equation for the reaction of interest. 
At the same time, we keep track of the AH values, reversing their 
signs if the reactions are reversed and multiplying them by what- 
ever coefficient is employed in the equation. 


Solve Because the target equation has C,H, as a product, we turn 
the first equation around; the sign of AH is therefore changed. 
The desired equation has 2 C(s) as a reactant, so we multiply the 
second equation and its AH by 2. Because the target equation has 
H3 as a reactant, we keep the third equation as it is. We then add 
the three equations and their enthalpy changes in accordance 
with Hess’s law: 


2 COs{g) + WOM —> CzH2(g) +$ Og) 
2C(s) + 2O,¢g) — 2COstgy 
H,(g) + 5 O2tg) — H(t) 
2C(s) + Ho(g) — > C2H2(8) 


> Practice Exercise 
Calculate AH for the reaction 


NO(g) + O(g) —> NO,(g) 


given the following information: 
NO(g) + O3(g) —> NO2(g) + O2(8) 


O3(s) —> 30,(g) 
OL) — ZO) 


AH = —198.9 kJ 
AH = —142.3 kJ 
AH = 495.0kJ 


—AH = 1299.6 kJ 
AH = —787.0kJ 
AH = -285.8 kJ 


AH = 226.8kJ 
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W Go Figure 
Suppose the overall reaction were modified to produce 2 H2O(g) rather than 2 H2O(/). 


Would any of the values of AH in the diagram stay the same? 


CHy,(g) + 2 On(g) 


AH, = —607 kJ 


AH, = 


—890 kJ CO(g) + 2 H,O(1) + 5 0,(g) 


Enthalp 


AH; = —283 kJ 


CO,(g) + 2 H,0(/) 


A Figure 5.22 Enthalpy diagram illustrating Hess’s law. The net reaction is the same as in Figure 
5.21, but here we imagine different reactions in our two-step version. As long as we can write a series of 
equations, each with a known value of AH, that add up to the equation we need, we can calculate the 
overall AH. 


The key point of these examples is that His a state function. 


Because H is a state function, for a particular set of reactants and products, AH is the 
same whether the reaction takes place in one step or in a series of steps. 


We reinforce this point by giving one more example of an enthalpy diagram and 
Hess’s law. Again we use combustion of methane to form CO, and H3O, our reaction from 
Figure 5.21. This time we envision a different two-step path, with the initial formation 
of CO, which is then combusted to CO, (Figure 5.22). Even though the two-step path is 
different from that in Figure 5.21, the overall reaction again has AH, = —890kJ. Because 
His a state function, both paths must produce the same value of AH. In Figure 5.22, 
that means AH, = AH, + AH3. We will soon see that breaking up reactions in this way 
allows us to derive the enthalpy changes for reactions that are hard to carry out in the 
laboratory. 


Self-Assessment Exercise 


5.28 Calculate the enthalpy change for the reaction: (a) AH = +373 kJ/mol 
CO(g) + NO(g) —> CO2(g) + 3N2(8) (b) AH = +193 kJ/mol 
Given: CO(g) + 302(g) —> CO,(g) AH = —283 kJ/mol (©) AH = -193kJ/mol 
NO(g) — 3N2(g) + 302(g) AH = —90.3 kJ/mol (d) AH = -373 kJ/mol 
Exercises 
5.29 Consider the following hypothetical reactions: 5.30 Calculate the enthalpy change for the reaction 
A —>B_ AH, = +60kJ P4O6(s) + 2 O2(g) —> PsOi0(S) 
B —> C AH, = —90\J given the following enthalpies of reaction: 
(a) Use Hess’s law to calculate the enthalpy change for the P,(s) + 3.Oo(g) —> PyOg(s) AH = —1640.1 kJ 


reaction A —> C. 


P,(s) +5 O2(g) —* PxO10(s) AH = —2940.1 kJ 
(b) Construct an enthalpy diagram for substances A, B, and 
C, and show how Hess’s law applies. 
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5.31 From the enthalpies of reaction 
H2(g) + Fo(g) —> 2 HF(s) 

C(s) + 2 Fa(5) —> CF4(8) 
2 C(s) + 2H2(g) —> C2H4(8) 


calculate AH for the reaction of ethylene with F,: 


AH = —537 kJ C2H4(8) + 6F(g) —> 2CK,(g) + 4HF(g) 
AH = —680kJ 
AH = +52.3kJ 
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5.7 | Enthalpies of Formation 


Data banks play an important part in modern society, empowering decisions that 
have been informed by ready access to relevant data. In the area of thermochemistry, 
the compilation of standard enthalpies of formation is the most important. We exam- 
ine how to use this wealth of knowledge in this section, by the end of which you should 
be able to 


e Use standard enthalpies of formation to calculate heats of reaction. 


We can use the methods just discussed to calculate enthalpy changes for a great many 
reactions from tabulated AH values. For example, extensive tables exist of enthalpies 
of vaporization (AH for converting liquids to gases), enthalpies of fusion (AH for melt- 
ing solids), enthalpies of combustion (AH for combusting a substance in oxygen), and so 
forth. A particularly important process used for tabulating thermochemical data is the 
formation of a compound from its constituent elements. The enthalpy change associ- 
ated with this process is called the enthalpy of formation (or heat of formation), AH,, 
where the subscript findicates that the substance has been formed from its constituent 
elements. 

The magnitude of any enthalpy change depends on the temperature, pressure, 
and state (gas, liquid, or solid crystalline form) of the reactants and products. To com- 
pare enthalpies of different reactions, we must define a set of conditions, called a stan- 
dard state, at which most enthalpies are tabulated. The standard state of a substance is 
its pure form at atmospheric pressure (100 kPa) and the temperature of interest, which 
we usually choose to be 298 K (25 °C). The standard enthalpy change of a reaction 
is defined as the enthalpy change when all reactants and products are in their standard 
states. We denote a standard enthalpy change as AH”, where the superscript ° indicates 
standard-state conditions. 


TABLE 5.3 Standard Enthalpies of Formation, AH 
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P at 298 K 
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Substance Formula AH, (kJ/mol) Substance Formula AH’, (kJ/mol) 
Acetylene C2H2(g) 226.7 Hydrogen chloride HCl(g) T20 
Ammonia NH;(g) —46.19 Hydrogen fluoride HF(g) —268.60 
Benzene C6H6(1) 49.0 Hydrogen iodide HI(g) Zo) 
Calcium carbonate CaCO3;(s) —1207.1 Methane CH,y(g) —74.80 
Calcium oxide CaO(s) T6355 Methanol CHOH (1) T2386 
Carbon dioxide CO2(8) —393.5 Propane C3H¢(g) —103.85 
Carbon monoxide CO(g) =I). Silver chloride AgCl(s) =127/10 
Diamond C(s) 1.88 Sodium bicarbonate NaHCO;(s) —947.7 
Ethane C2H6(8) —84.68 Sodium carbonate Na,CO3(s) =O) 
Ethanol C2H5OH(1) —277.7 Sodium chloride NaCl(s) —410.9 
Ethylene C2H4(8) 52.30 Sucrose Cy2H22011(s) T222 
Glucose C6H1206(5) =1273 Water H20(1) —285.8 
Hydrogen bromide HBr(g) S303) Water vapor H,0(g) —241.8 


The standard enthalpy of formation of a compound, AHP, is the change in 
enthalpy for the reaction that forms one mole of the compound from its elements with 
all substances in their standard states: 


elements = 
(in standard state) 


compound 
(1 molin standard state) 


AHxn = AH? [5.24] 


We usually report AH; values at 298 K. If an element exists in more than one form under 
standard conditions, the most stable form of the element is usually used for the forma- 
tion reaction. For example, the standard enthalpy of formation for ethanol, C2H5OH, is 
the enthalpy change for the reaction 


2 C(graphite) + 3H2(g) + 4 O2(8) — C2H5OH(1) AHF = —277.7kJ [5.25] 


The elemental source of oxygen is O2, not O or O3, because O; is the stable form of oxygen 
at 298 K and atmospheric pressure. Similarly, the elemental source of carbon is graphite 
and not diamond because graphite is the more stable (lower-energy) form at 298 K and 
atmospheric pressure. Likewise, the most stable form of hydrogen under standard condi- 
tions is H,(g), so this is used as the source of hydrogen in Equation 5.25. 

The stoichiometry of formation reactions always indicates that one mole of the 
desired substance is produced, as in Equation 5.25. As a result, standard enthalpies of 
formation are reported in kJ/mol of the substance being formed. Some values are given 
in Table 5.3, and a more extensive table is provided in Appendix C. 

By definition, the standard enthalpy of formation of the most stable form of any element 
is zero because there is no formation reaction needed when the element is already in its 
standard state. Thus, the values of AH? for C(graphite), H2(g), O2(g), and the standard 
states of other elements are zero by definition. 


= Sample Exercise 5.10 
D Equations Associated with Enthalpies of Formation 


© 


For which of these reactions at 25°C does the enthalpy change represent a standard enthalpy of formation? For each that does 
not, what changes are needed to make it an equation whose AH is an enthalpy of formation? 


(a) 2 Na(s) + 5 Oo(g) —> Naz0(s) 
(b) 2K(/) + Clo(g) —> 2KCI(s) 
(c) C6H1206(8) — 6 C(diamond) ste 6 H2(g) F 3 02(g) 


Continued 
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SOLUTION 


Analyze The standard enthalpy of formation is represented by a 
reaction in which each reactant is an element in its standard state 
and the product is one mole of the compound. 


Plan We need to examine each equation to determine (1) whether 
the reaction is one in which one mole of substance is formed from 
the elements, and (2) whether the reactant elements are in their 
standard states. 


Solve In (a) 1 mol Na,O is formed from the elements sodium and 


K(s) + 5 Clo(g) —> KC\(s) 


Reaction (c) does not form a substance from its elements. In- 
stead, a substance decomposes to its elements, so this reaction 
must be reversed. Next, the element carbon is given as dia- 
mond, whereas graphite is the standard state of carbon at room 
temperature and 101.3 kPa pressure. The equation that correctly 
represents the enthalpy of formation of glucose from its ele- 
ments is 


6 C(graphite) + 6 H2(g) + 3 O2(g) ——> C6H120¢(s) 


oxygen in their proper states, solid Na and O, gas, respectively. 
Therefore, the enthalpy change for reaction (a) corresponds to a 
standard enthalpy of formation. 


In (b) potassium is given as a liquid. It must be changed to the 
solid form, its standard state at room temperature. Furthermore, 
2 mol KCl are formed, so the enthalpy change for the reaction as 
written is twice the standard enthalpy of formation of KCl(s). The 
equation for the formation reaction of 1 mol of KCl(s) is 


> Practice Exercise 
Write the equation corresponding to the standard enthalpy of 
formation of liquid carbon tetrachloride (CCl4) and look up 
AHP for this compound in Appendix C. 


Using Enthalpies of Formation to Calculate 

Enthalpies of Reaction 

We can use Hess’s law and tabulations of AHF values, such as those in Table 5.3 and 
Appendix C, to calculate the standard enthalpy change for any reaction for which we 


know the AHP values for all reactants and products. For example, consider the combus- 
tion of propane under standard conditions: 


C3Hs(g) + 5 O2(g) —> 3 CO2(8) + 4 H20(1) 


We can write this equation as the sum of three equations associated with standard 
enthalpies of formation: 


C3Hs(g) —> 3C(s) + 4 H2(8) AH, = -AHF [C;Hg(8)] [5.26] 

3 C(s) + 302(g) — 3 CO2(8) AH, = 3AHf [CO2(g)} [5.27] 
4 H2(g) T 2 O2(8) — 4 H20(1) AH; = 4AHP[H20(1)] [5.28] 
C3Hs(g) +S O2(g) — 3 CO2(g) +4 H20(1) AH izi = AH, + AH) + AH; [5.29] 


(Note that it is sometimes useful to add subscripts to the enthalpy changes, as we have 
done here, to keep track of the associations between reactions and their AH values.) 

Notice that we have used Hess’s law to write the standard enthalpy change for Equa- 
tion 5.29 as the sum of the enthalpy changes for Equations 5.26 through 5.28. We can 
use values from Table 5.3 to calculate AH &n: 


AHS. = AH, + AH, ot AH, 


Il 


—AHP[C3Hs(g)] + 34H? [CO2(g)] + 44H? [H20(})] 


= —(—103.85 kJ) + 3(—393.5kJ) + 4(—285.8 kJ) = —2220kJ [5.30] 

The enthalpy diagram in Figure 5.23 shows the components of this calculation. In 
Step @ the reactants are decomposed into their constituent elements in their standard 
states. In Steps @ and © the products are formed from the elements. Several aspects of 
how we use enthalpy changes in this process depend on the guidelines we discussed in 
Section 5.4. 


@ Decomposition. Equation 5.26 is the reverse of the formation reaction for 
C3H¢(g), so the enthalpy change for this decomposition reaction is the negative of 
the AHF value for the propane formation reaction: — AH? [C3Hg(3) J. 
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3 C (graphite) + 4 H»(g) + 5 On(g) 
Elements 


@ Decomposition 
to elements 


AH, = +103.85 kJ @ Formation of 3 CO, 


AH, = —1181 kJ 


C3H(g) + 5 O2(8) 
Reactants 


Enthalpy t——>~ 


AH; = —2220 kJ 
© Formation of 4 HO 
AH = —1143 kJ 


3 CO,(g) + 4 H20(1) 
Products 


Numbered steps with pale yellow 
background show multistep route 


This red arrow shows one route to 
products COs(g) and H20(/). 


to same products. 


© Formation of CO). Equation 5.27 is the formation reaction for 3 mol of CO,(g). 
Because enthalpy is an extensive property, the enthalpy change for this step is 
3AHF[CO2(8)]. 

© Formation of H,O. The enthalpy change for Equation 5.28, formation of 4 mol of 
H2O, is 4AHfF[H20(1)]. The reaction specifies that HzO(/) is produced, so be careful 
to use the value of AH? for H,O(/) and not the value for H2O(g). 


Note that in this analysis we assume that the stoichiometric coefficients in the bal- 
anced equation represent the number of moles of each substance. For Equation 5.29, 
therefore, AHxn = —2220kJ represents the enthalpy change for the reaction of 1 mol 
C3Hg and 5 mol O, to form 3 mol CO, and 4 mol H,0. 

We can break down any reaction into formation reactions as we have done here. 
When we do, we obtain the general result that the standard enthalpy change of a reac- 
tion is the sum of the standard enthalpies of formation of the products minus the stan- 
dard enthalpies of formation of the reactants: 


AHxn = XnAH /(products) — 2mAHf (reactants) [5.31] 


The symbol ¥ (sigma) means “the sum of,” and n and mare the stoichiometric coef- 
ficients of the relevant chemical equation. The first term on the right in Equation 5.31 
represents the formation reactions of the products, which are written in the “forward” 
direction in the chemical equation, that is, elements reacting to form products. This term 
is analogous to Equations 5.27 and 5.28. The second term on the right in Equation 5.31 
represents the reverse of the formation reactions of the reactants, analogous to Equa- 
tion 5.26, which is why this term is preceded by a minus sign. 


am Sample Exercise 5.11 


| Calculating an Enthalpy of Reaction from Enthalpies of Formation 


© 
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< Figure 5.23 Enthalpy diagram 


for propane combustion. 


(a) Calculate the standard enthalpy change for the combustion of 1 mol of benzene, CgHe(/), to CO2(g) and H20(/). 
(b) Compare the quantity of heat produced by combustion of 1.00 g propane with that produced by 1.00 g benzene. 


Continued 
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SOLUTION 


Analyze (a) We are given a reaction (combustion of CgH,(/) to form 
CO>(g) and H,O(/)) and asked to calculate its standard enthalpy 
change, AH”. (b) We then need to compare the quantity of heat 
produced by combustion of 1.00 g C6H6 with that produced by 
1.00 g C3Hg, whose combustion was treated previously in the text. 
(See Equations 5.29 and 5.30.) 


Solve 


(a) We know that a combustion reaction involves O2(g) as a reactant. 
Thus, the balanced equation for the combustion reaction of 
1 mol CeH(/) is: 


Plan (a) We first write the balanced equation for the combustion of 
CH. We then look up AH/ values in Appendix C or in Table 5.3 
and apply Equation 5.31 to calculate the enthalpy change for the 
reaction. (b) We use the molar mass of C,H, to change the enthalpy 
change per mole to that per gram. We similarly use the molar mass of 
C3Hg and the enthalpy change per mole calculated in the text previ- 
ously to calculate the enthalpy change per gram of that substance. 


C6H6(1) + Žž On($) —> 6CO,(g) + 3 H20(1) 


We can calculate AH” for this reaction by using Equation 5.31 
and data in Table 5.3. Remember to multiply the AH? value for 
each substance in the reaction by that substance’s stoichiometric 
coefficient. Recall also that AH? = 0 for any element in its most 
stable form under standard conditions, so AH?[O2(g)] = 0. 


AH xn = [6AHF(CO2) + 34Hf(H20)] — [AHf(CoHe) + AHe(02)] 
= [6(—393.5kJ) + 3(-285.8kJ)] — [(49.0kJ) + 8(0k))] 
(—2361 — 857.4 — 49.0) kJ 
= —3267 kJ 


(b) From the example worked in the text, AH? = —2220kJ 
for the combustion of 1 mol of propane. In part (a) of 
this exercise we determined that AH? = —3267 kJ for the 
combustion of 1 mol benzene. To determine the heat of 
combustion per gram of each substance, we use the molar 
masses to convert moles to grams: 


Comment Both propane and benzene are hydrocarbons. As a rule, 
the energy obtained from the combustion of a gram of hydrocar- 
bon is between 40 and 50 kJ. 


P Practice Exercise 


Calculate the enthalpy change for the reaction 


2 H202(1) — 2 H20(1) + O2(8) 


Wa Sample Exercise 5.12 


C3H(g): 
CcH¢(1): 


(—2220 kJ/mot)(1 mol/44.1g) = —50.3kJ/g 
(—3267 kJ /mol)(1 mol/78.1g) = —41.8kJ/g 


using enthalpies of formation: 


AH{[H,0,(1)] = —187.8 kJ/mol AH?[H,O(1)] = —285.8 kJ/mol 


(a) —88.0 kJ 

(b) -196.0 kJ 

(c) +88.0 kJ 

(d) +196.0kJ 

(e) more information needed 


D Calculating an Enthalpy of Formation Using an Enthalpy of Reaction 


The standard enthalpy change for the reaction CaCO3[s] ——> CaO[s] + CO2[g] is 178.1 kJ. Use Table 5.3 to calculate the 
standard enthalpy of formation of CaCO3/s]. 


SOLUTION 
Analyze Our goal is to obtain AH/[CaCOs3]. 


Solve 


Inserting the given AH?,,, and the known AHP values from Table 5.3 
or Appendix C, we have: 


Plan We begin by writing the expression for the standard enthalpy 
change for the reaction: 


AHixn = AH{[CaO] + AH?[CO,] — AHf[CaCOs] 


178.1kJ = —635.5kJ — 393.5 kJ — AHf[CaCO3] 


Solving for AH [CaCOs] gives: 


AHf[CaCO3] = —1207.1 kJ/mol 


Check We expect the enthalpy of formation of a stable solid such 
as calcium carbonate to be negative, as obtained. 


> Practice Exercise 
Given 2 SO2(g) + O2(g) — > 2S03(g), which of the follow- 
ing equations is correct? 


(a) AH{[SO3] = AH&n — AHf[SOp] 
(b) AH[SO3] = AH&n + AHf[SOz] 
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(c) 2AH?[SO3] = AH&n + 2AHF[SO};] 
(d) 2AH{[SO3] = AH%n — 2AHf[SO;] 


(e) 2AH?[SO3] = 2AHF[SO;] — 


AH xn 


Self-Assessment Exercise 


5.32 


The equation for the combustion of urea is: (NH2)2CO(s) + 
1z O2(83) —> CO2(8) + N2(8) + 2 H20(1) 
Use AHP? (urea) = —333 kJ and the values in Table 5.3 to cal- 
culate the enthalpy of combustion of urea. 


(a) AH = -346 kJ 
(b) AH = —632kJ 
(c) AH = -1300kJ 


Exercises 


5.33 


5.34 


5.35 


5.36 


5.37 


(a) What is meant by the term standard conditions with ref- 
erence to enthalpy changes? (b) What is meant by the term 
enthalpy of formation? (c) What is meant by the term standard 
enthalpy of formation? 


For each of the following compounds, write a balanced ther- 
mochemical equation depicting the formation of one mole 
of the compound from its elements in their standard states 
and then look up AH*; for each substance in Appendix C. 
(a) NO2(8), (b) SO3(3), (c) NaBr(s), (d) Pb(NO3)2(s8). 


The following is known as the thermite reaction: 
2 Al(s) + Fe203(s) —> Al,O3(s) + 2 Fe(s) 


This highly exothermic reaction is used for welding massive 
units, such as propellers for large ships. Using standard en- 
thalpies of formation in Appendix C, calculate AH’ for this 
reaction. 


Using values from Appendix C, calculate the standard en- 
thalpy change for each of the following reactions: 


(a) 2SO2(g) + O2(g) —> 2S803(g) 

(b) Mg(OH)2(s) —> MgO(s) + H20(1) 

(c) N204(8) + 4Ho(g) —> No(s) + 4H20(g) 
(d) SiCl,(1) + 2H,O(1) —> SiO,(s) + 4HCI(g) 


Complete combustion of 1 mol of acetone (C3H,O) liberates 
1790 kj: 


AH? = -1790KJ 


5.38 


5.39 


Using this information together with the standard en- 
thalpies of formation of O2(g), CO2(g), and H,O(/) from 
Appendix C, calculate the standard enthalpy of formation of 
acetone. 


Petrol is composed primarily of hydrocarbons, including 
many with eight carbon atoms, called octanes. One of the 
cleanest-burning octanes is a compound called 
2,3,4-trimethylpentane, which has the following structural 
formula: 


CH; ve ces 


H3;C—CH—CH—CH—CH; 


The complete combustion of one mole of this com- 
pound to CO2(g) and H2O(g) leads to AH? = —5064.9 kJ. 
(a) Write a balanced equation for the combustion of 
1 mol of CgHj9(/). (b) By using the information in 
this problem and data in Table 5.3, calculate AHP for 
2,3,4-trimethylpentane. 

Ethanol (C2H5OH) is blended with petrol as a vehicle fuel. 
(a) Write a balanced equation for the combustion of liq- 
uid ethanol in air. (b) Calculate the standard enthalpy 
change for the reaction, assuming H,O(g) as a product. 
(c) Calculate the heat produced per liter of ethanol by com- 
bustion of ethanol under constant pressure. Ethanol has a 
density of 0.789 g/mL. (d) Calculate the mass of CO, pro- 
duced per kJ of heat emitted. 
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5.8 | Bond Enthalpies 


Knowing the limitations of the data that you are using is an important part of estimating 
errors. As we shall see with bond enthalpies, the data is compiled from reactions involving 
gases. While this is useful in estimating enthalpy changes for some reactions—principally 
gas phase ones—it may be less accurate for reactions in liquid or solid states. Nevertheless, 
it can still give us useful approximations of energy changes. By the end of this section, you 
should be able to 


e Use average bond enthalpies to estimate the reaction enthalpies of reactions where 
all reactants and products are in the gas phase. 


The energy changes that accompany chemical reactions are closely related to the 
changes associated with forming and breaking chemical bonds—breaking bonds re- 
quires energy and forming bonds releases energy. It follows that if we measure the en- 
thalpy of a reaction and keep track of the bonds that are broken and formed, we can 
assign an enthalpy value to specific bonds. The bond enthalpy is the enthalpy change, AH, 
for the breaking of a particular bond in one mole of a gaseous substance. It is easiest to 
determine bond enthalpies from simple reactions where only one bond is broken, such 
as the dissociation of Clz(g). A Cl} molecule is held together by a single covalent bond, 
which is represented as CI—Cl. The dissociation of Cl2(g) into chlorine atoms results 
when the Cl—Cl bond is broken: 


Cla(g) — 2Cl(g) 
e—e@ _ e 
The bond enthalpy for a CI—Cl bond is equal to the enthalpy of this reaction, 
242 kJ/mol. The bond enthalpy is a positive number because energy must be supplied 
from the surroundings to break the CI—C1 bond. We use the letter D followed by the 
bond in question to represent bond enthalpies. For example, D(CI1—C]) is the bond en- 
thalpy for the Cl, bond, and D(H—Br) is the bond enthalpy for the HBr bond. 

It is straightforward to assign bond enthalpies for a reaction involving the breaking 
of a bond in a diatomic molecule: the bond enthalpy is simply equal to the enthalpy of 
the reaction. However, many important bonds, such as the C—H bond, exist only in poly- 
atomic molecules. For these bonds, we usually use average bond enthalpies. For example, the 


enthalpy change for the following process in which a methane molecule is decomposed into 
its five constituent atoms can be used to define an average bond enthalpy for the C—H bond: 


CH4(8) —> C(g) + 4 H(8) AH = 1660 KJ 


J 


| Y@ 
Q-— 
J g 


Because there are four equivalent C—H bonds in methane, the enthalpy of this reaction 
is four times the enthalpy needed to break a single C—H bond. Therefore, the average 
C—H bond enthalpy in CH, is D(C—H) = (1660/4) kJ/mol = 415 kJ/mol. 

The exact bond enthalpy for a given pair of atoms, say C—H, depends on the rest 
of the molecule containing the atom pair. However, the variation from one molecule to 
another is generally small. If we consider C—H bond enthalpies in many different com- 
pounds, we find that the average bond enthalpy is 413 kJ/mol, close to the 415 kJ/mol 
value we just calculated from for the dissociation of CH4. 


The bond enthalpy is always a positive quantity because energy is required 
to break chemical bonds. Conversely, energy is always released when a bond 
forms between two gaseous atoms or molecular fragments. The greater the 
bond enthalpy, the stronger the bond. 


Table 5.4 lists average bond enthalpies for a number of atom pairs. Further, a mole- 
cule with strong chemical bonds is generally less likely to undergo chemical change than 
one with weak bonds. As we will learn in later chapters, atom pairs are sometimes held 
together by multiple bonds. For example, the oxygen atoms in an O, molecule are held 
together by a double bond, O =O, rather than a single bond, O—O. 


O=O(g) — 2 O(g) AH = 495 kj 
eo- o°? 
Inspection of Table 5.4 shows that D(O=O) = 495 kJ/mol, which is larger but not exactly 


twice the enthalpy of an oxygen-oxygen single bond, D(O—O) = 146 kJ/mol. We will con- 
sider the variations in bond enthalpy for double and triple bonds in more detail in Chapter 8. 


Bond Enthalpies and the Enthalpies of Reactions 


Because enthalpy is a state function, we can use average bond enthalpies to estimate 
the enthalpies of reactions in which bonds are broken and new bonds are formed. This 
procedure allows us to estimate quickly whether a given reaction will be endothermic 


TABLE 5.4 Average Bond Enthalpies (kJ/mol) 


Cal 413 IN| = 391 OH 463 Pls 155 

C—C 348 N—N 163 O—O 146 

C=C 614 N= O 201 O=O 495 CE 253 

C—N 293 N—F 272 O—F 190 CI—Cl 242 

C= 358 Ne Gl 200 O—El 203 

C=O 799 N—Br 243 o=] 234 Br— F 237 

CZE 485 Biel 218 

C—Cl 328 H—H 436 Br —Br 193 

(Clie 276 [ple 567 

Cc—I 240 H— Cl 431 I—Ccl 208 
i=l 366 I= S 


H= 299 I= ISi 
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(AH > 0) or exothermic (AH < 0), even if we do not know AH; for all of the species 
involved. 

Our strategy for estimating reaction enthalpies is a straightforward application 
of Hess’s law. We use the fact that breaking bonds is always endothermic and forming 
bonds is always exothermic. We therefore imagine that the reaction occurs in two steps: 


1. We supply enough energy to break those bonds in the reactants that are not present 
in the products. The enthalpy of the system is increased by the sum of the bond en- 
thalpies of the bonds that are broken. 


2. We form the bonds in the products that were not present in the reactants. This step 
releases energy and therefore lowers the enthalpy of the system by the sum of the 
bond enthalpies of the bonds that are formed. 


The enthalpy of the reaction, AH,x,, is estimated as the sum of the bond enthalpies of 
the bonds broken minus the sum of the bond enthalpies of the bonds formed: 


AHx, = È (bond enthalpies — > (bond enthalpies [5.32] 
of bonds broken) of bonds formed) 


If the total enthalpy of the broken bonds is larger, the reaction is endothermic 
(AH.xn > 0); if the total enthalpy of the newly formed bonds is larger, the reaction is 
exothermic (AH,xn < 0). 

Consider for example, the gas-phase reaction between methane, CH,4, and chlorine 
to produce chloromethane, CH3Cl, and hydrogen chloride, HCI: 


H—CH,(g) + ClI—Cl(g) — ClI—CH;(g) + H—CI(g) AH =? [5.33] 


Is this reaction exothermic or endothermic? 


W. Go Figure 


C—H and CI—Cl C—Cl and H—Cl 


bonds bonds 
l 
AH, > 0! | AH <0 e@ 
C 
= | 
a ! a 
E 
£ 
Z @ 
| CI 
on 


( > ) A Figure 5.24 Using bond enthalpies to estimate AH,,,. Average bond enthalpies are 
used to estimate AH,,, for the reaction of methane with chlorine to make methyl chloride 
and hydrogen chloride. 


Our two-step procedure is outlined in Figure 5.24. We note that the following bonds are 
broken and formed: 


Bonds broken: 1 mol C—H, 1 mol CI—Cl 
Bonds formed: 1 mole C—Cl, 1 mol H—C1 


We first supply enough energy to break the C—H and Cl—Cl bonds, which raises the 
enthalpy of the system (indicated as AH; > 0 in Figure 5.24). We then form the C—Cl 
and H—CI bonds, which release energy and lower the enthalpy of the system (AH; < 0 
in Figure 5.24). We then use Equation 5.32 to estimate the enthalpy of the reaction: 


AHixn = [D(C—H) + D(CI—Cl)] - [D(C—Cl) + D(H—CI)] 
AH;,xn = (413 kJ + 242 kJ) — (328 kJ + 431 KJ) = —104 kJ 


The reaction is exothermic because the bonds in the products are stronger than the bond 
in the reactants. 

Typically, bond enthalpies are used to estimate AH,,, only if the needed AH? values 
are not readily available. For the preceding reaction, we cannot calculate AH,,, from AH? 
values and Hess’s law because AH? for CH3Cl(g) is not given in Appendix C. If we obtain 
the value of AH? for CH3Cl(g) from another source and use Equation 5.31, we find that 
AH,xn = —99.8 kJ for the reaction in Equation 5.33. The two values are slightly different 
because bond enthalpies are averaged over many compounds, but the use of average bond 
enthalpies provides a reasonably accurate estimate of the actual reaction enthalpy change. 

It is important to remember that bond enthalpies are derived for gaseous molecules. 
In solids, liquids, and solutions, intermolecular forces between different molecules must 
also be taken into account. We will examine the strengths of those forces in detail in 
Chapter 11, but for now it is sufficient to remember that bond enthalpies cannot be used 
to accurately estimate the enthalpies of reactions containing solids, liquids, or solutions. 


= Sample Exercise 5.13 
PF Estimating Reaction Enthalpies from Bond Enthalpies 


Use Table 5.4 to estimate AH for the following combustion reaction. 


H H 


the enthalpy change for a chemical reaction. 


Plan Energy is required to break twelve C—H bonds and two C—C 
bonds in the two molecules of C2H6, and seven OO bonds in 
the seven Oz molecules. Energy is released by forming eight C=O > Practice Exercise 
bonds, two per molecule of CO, and twelve O—H bonds, two per 
H20 molecule. 


Solve Using Equation 5.32 and data from Table 5.4, we have 
AH = [12D(C—H) + 2D(C—C) + 7D(0=O)] 
[8D(C=O) + 12D(0—H)] 
= [12(413 kJ) + 2(348 kJ) + 7(495 KJ)] 
— [8(799 kJ) + 12(463 kJ)] 
= 9117 KJ — 11948 kJ 
= —2831 kJ 
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et ae + 70=O(g) —> 40=C=O(g) + 6 H—O—H(g) 


Use the average bond enthalpies in Table 5.4 to estimate AH 
for the combustion of ethanol. 
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H H 
SOLUTION Check This estimate can be compared with the value of —2856 kJ 
calculated from more accurate thermochemical data; the 
Analyze We are asked to use average bond enthalpies to estimate agreement is good. 
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Self-Assessment Exercise 


5.40 Use average bond enthalpies from Table 5.4 to estimate the (a) AH = —42kJ 
enthalpy change in the reaction: (b) AH = +42kJ 
H H H (c) AH = +371) 


Hoe (g) + H—H (g) —> 24a (g) 


H H H 
Exercises 
§.41 Without doing any calculations, predict the sign of AH for 5.43 (a) Use enthalpies of formation given in Appendix C to cal- 
each of the following reactions: culate AH for the reaction Br,(g) —— 2 Br(g), and use this 
(a) NaCl(s) —> Na*(g) + CI (g) value to estimate the bond enthalpy D(Br—Br). (b) How 
(b) 2H(g) — H,(g) large is the difference between the value calculated in part (a) 


(c) Na(g) > Na*(g) + e and the value given in Table 5.4? 


(d) 1,(s) — 1,(]) 5.44 Consider the reaction 2H,(g) + Oo(g) —> 2H,O(/). 
(a) Use the bond enthalpies in Table 5.4 to estimate AH for 
this reaction, ignoring the fact that water is in the liquid 
state. (b) Without doing a calculation, predict whether your 
(a) H—H(g) + Br—Br(g) r2 H= Brg) estimate in part (a) is mia negative or D negative cae | the 
(b) true reaction enthalpy. (c) Use the enthalpies of formation 
H in Appendix C to determine the true reaction enthalpy. 


5.42 Use bond enthalpies in Table 5.4 to estimate AH for each of 
the following reactions: 


| 
2H—C—O—H +30=0 —> 20=C=O + 4H—O—H 
H 
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5.9 | Foods and Fuels 


Everything we do is connected in one way or another with energy. Without energy, 
modern society could not function and life itself would not exist. The issues surround- 
ing energy—its sources, production, distribution, consumption, and environmental 
impact—pervade conversations in science, politics, economics, and public policy. 

At the end of this section, you should have 


e An insight into global energy issues 


Most chemical reactions used for the production of heat are combustion reactions. The 
energy released when one gram of any substance is combusted is the fuel value of the 
substance. The fuel value of any food or fuel can be measured by calorimetry. 


Foods 


Most of the energy our bodies need comes from carbohydrates and fats. The carbohy- 
drates known as starches are decomposed in the intestines into glucose, C6eH1206. 
Glucose is soluble in blood, and in the human body it is known as blood sugar. It is trans- 
ported by the blood to cells where it reacts with O3 in a series of steps, eventually produc- 
ing CO2(g), H,O(/), and energy: 


C6H,20¢(s) + 6 O2(g) => 6 CO2(g) + 6 H20(1) AH’ = —2803 kJ 


Because carbohydrates break down rapidly, their energy is quickly supplied to the body. 
However, the body stores only a very small amount of carbohydrates. The average fuel 
value of carbohydrates is 17 kJ/g. Although fuel values represent the heat released in a 
combustion reaction, by convention fuel values are reported as positive numbers. 

Like carbohydrates, fats produce CO, and H2O when metabolized. The reaction of 
tristearin, Cs7H11006, a typical fat, is 


2 Cs7H11006(58) + 163 O2(g) — 114 CO,(g) + 110 H20(1) AH’ = —71,609 kJ 


The body uses the chemical energy from foods to maintain body temperature (see 
the “Chemistry and Life” box in Section 5.5), to contract muscles, and to construct 
and repair tissues. Any excess energy is stored as fats. Fats are well suited to serve as the 
body’s energy reserve for at least two reasons: (1) They are insoluble in water, which 
facilitates storage in the body, and (2) they produce more energy per gram than either 
proteins or carbohydrates, which makes them efficient energy sources on a mass basis. 
The average fuel value of fats is 38 kJ/g. 

The combustion of carbohydrates and fats in a bomb calorimeter gives the same 
products as when they are metabolized in the body. The metabolism of proteins 
produces less energy than combustion in a calorimeter because the products are 
different. Proteins contain nitrogen, which is released in the bomb calorimeter as 
N2. In the body this nitrogen ends up mainly as urea, (NH2)2CO. Proteins are used 
by the body mainly as building materials for organ walls, skin, hair, muscle, and 
so forth. On average, the metabolism of proteins produces 17 kJ/g, the same as for 
carbohydrates. 

Fuel values for some common foods are shown in Table 5.5. Labels on packaged 
foods show the amounts of carbohydrate, fat, and protein contained in an average 
serving, as well as the amount of energy supplied by a serving (Figure 5.25). 

The amount of energy our bodies require varies considerably, depending on such 
factors as weight, age, and muscular activity. About 100 kJ per kilogram of body mass 
per day is required to keep the body functioning at a minimal level. An average 70 kg 
person expends about 800 kJ/h when doing light work, and strenuous activity often 
requires 2000 kJ/h or more. When the fuel value, or caloric content, of the food we 
ingest exceeds the energy we expend, our body stores the surplus as fat. 


SECTION 5.9 Foods and Fuels 259 


YW Go Figure 


Which value would change most if 
this label were for skim milk instead 
of whole milk: grams of fat, grams 
of total carbohydrate, or grams of 
protein? 


Vitamin D Milk 


Nutrition Facts 
Serving Size 1 cup (236mL) 


Amount Per Serving 


“a Daily Value” 
12% 


Total Fat 8g 
Saturated Fat 5g 
Trans Fat 0g 


Sodium 125mg 

Total Carbohydrate 129 
Dietary Fiber 0g 
Sugars 12g 

Protein 8g 


Vitamin A 6% 
Calcium 30% 
Vitamin D 25% 
* Percent Daily Values are based on a 2,000 
calorie diet. Your daily values may be higher 
or lower depending on your calorie needs. 
Calories: 2,000 2,500 
Tess than 659 80g 
Sat Fat Less than 209 25g 
Cholesterol 
Sodium 
Total Carbohydrate 
Dietary Fiber 
Ingredients: Grade A Pasteurized Milk, Vitamin D3. 


+ Vitamin C 4% 
Iron 0% 


‘Total tat 


A Figure 5.25 Nutrition label for whole milk. 
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TABLE 5.5 Compositions and Fuel Values of Some Common Foods 


Approximate Composition (% by Mass) Fuel Value 

Carbohydrate Fat Protein kJ/g 
Carbohydrate 100 z= = 17 
Fat = 100 = 38 
Protein a TF 100 17 
Apples 13 0.5 0.4 2.5 
Beer? 12 = Os} 1.8 
Bread 52 3 9 12 
Cheese 4 37 28 20 
Eggs 0.7 10 13 6.0 
Fudge 81 i 2 18 
Green beans 7.0 — 1.9 1.5 
Hamburger a 30 22 15 
Milk (whole) 5.0 4.0 33 3.0 
Peanuts 22 89 26 23 


a Beer typically contains 3.5% ethanol, which has fuel value. 


= Sample Exercise 5.14 


PF Estimating the Fuel Value of a Food from Its Composition 


(a) A 28 g serving of a popular breakfast cereal served with 120 mL of skim milk provides 8 g protein, 26 g carbohydrates, 

and 2 g fat. Using the average fuel values of these substances, estimate the fuel value of this serving. (b) A person of average 
weight uses about 420 KJ/km when running or jogging. How many servings of this cereal provide the fuel value requirements to 
run 3 km? 


SOLUTION (b) We can use these factors in a straightforward dimensional 
analysis to determine the number of servings needed, 
rounded to the nearest whole number: 


420 J ( 1 serving 
1km 650 KJ 


Analyze (a) The fuel value of the serving will be the sum of the fuel 
values of the protein, carbohydrates, and fat. (b) Here we are faced 
with the reverse problem, calculating the quantity of food that 
provides a specific fuel value. 


Servings = (3 tm ( ) 2 servings 
Plan (a) We are given the masses of the protein, carbohydrates, 

and fat contained in a serving. We can use the data in Table 5.4 to 
convert these masses to their fuel values, which we can sum to get 
the total fuel value. (b) The problem statement provides a conver- 
sion factor between Calories and kilometers. The answer to part (a) 
provides us with a conversion factor between servings and Calories. 


> Practice Exercise 
(a) Dry red beans contain 62% carbohydrate, 22% protein, 
and 1.5% fat. Estimate the fuel value of these beans. 
(b) During a very light activity, such as reading or watching 


Solve television, the average adult expends about 7 kJ/min. How 
(a) many minutes of such activity can be sustained by the energy 
17kJ 17kJ provided by a serving of chicken noodle soup containing 
(8 gprotein)( Teme) + (26 gcarbohydrate)( ‘ieeabencne =) 13 g protein, 15 g carbohydrate, and 5 g fat? 
38k) ere : 
+ (2 stat) a) = 650 kJ (to two significant figures) 


TABLE 5.6 Fuel Values and Compositions of Some Common Fuels 


Approximate Elemental 
Composition (Mass %) 


(H H 0 Fuel Value (kJ/g) 
Wood (pine) 50 6 44 18 
Anthracite coal (Pennsylvania) 82 1 2 31 
Bituminous coal (Pennsylvania) Hi 5 y 32 
Charcoal 100 (0) 0 34 
Crude oil (Texas) 85 12 0 45 
Gasoline 85 15 (0) 48 
Natural gas 70 23 (0) 49 
Hydrogen 0 100 0 142 


Fuels 


During the complete combustion of fuels, carbon is converted to CO; and hydrogen is 
converted to H20, both of which have large negative enthalpies of formation. Conse- 
quently, the greater the percentage of carbon and hydrogen in a fuel, the higher its fuel 
value. In Table 5.6, for example, compare the compositions and fuel values of bituminous 
coal and wood. The coal has a higher fuel value because of its greater carbon content. 

Coal, petroleum, and natural gas, which are the world’s major sources of energy, are 
known as fossil fuels. All have formed over millions of years from the decomposition of 
plants and animals and are being depleted far more rapidly than they are being formed. 

Natural gas consists of gaseous hydrocarbons, compounds of hydrogen and carbon. It 
contains primarily methane (CH,), with small amounts of ethane (C2H6), propane (C3Hg), 
and butane (C4Hj9). We determined the fuel value of propane in Sample Exercise 5.10. 
Natural gas burns with far fewer by-products and produces less CO, than either petro- 
leum or coal. Petroleum is a liquid composed of hundreds of compounds, most of which 
are hydrocarbons, with the remainder being chiefly organic compounds containing sul- 
fur, nitrogen, or oxygen. Coal, which is solid, contains hydrocarbons of high molecular 
weight as well as compounds containing sulfur, oxygen, or nitrogen. Coal is the most 
abundant fossil fuel; current reserves are projected to last for well over 100 years at current 
consumption rates. However, the use of coal presents a number of problems. 

Coal is a complex mixture of substances, and it contains components that cause air 
pollution. When coal is combusted, the sulfur it contains is converted mainly to sulfur 
dioxide, SO, a troublesome air pollutant. Because coal is a solid, recovery from its under- 
ground deposits is expensive and often dangerous. Furthermore, coal deposits are not 
always close to locations of high-energy use, so there are often substantial shipping costs. 

Fossil fuels release energy in combustion reactions, which ideally produce only CO, 
and H20. The production of CO, has become a major issue that involves science and 
public policy because of concerns that increasing concentrations of atmospheric CO, 
are causing global climate changes. We will discuss the environmental aspects of atmo- 
spheric CO, in Chapter 18. 


Other Energy Sources 


Nuclear energy is the energy released in either the fission (splitting) or the fusion (com- 
bining) of atomic nuclei. Nuclear energy is, in principle, free of the polluting emissions 
that are a major problem with fossil fuels. However, nuclear power plants produce radio- 
active waste products, and their use has therefore been controversial. We will discuss is- 
sues related to the production of nuclear energy in Chapter 21. 

Fossil fuels and nuclear energy are nonrenewable sources of energy—they are limited 
resources that we are consuming at a much greater rate than they can be regenerated. 
Eventually these fuels will be expended, although estimates vary greatly as to when this 
will occur. Because nonrenewable energy sources will eventually be used up, a great deal of 
research is being conducted on renewable energy sources, sources that are essentially 


SECTION 5.9 Foods and Fuels 


261 


262 


CHAPTER 5 Thermochemistry 


inexhaustible. Renewable energy sources include solar energy from the Sun, wind energy 
harnessed by windmills, geothermal energy from the heat stored inside Earth, hydroelectric 
energy from flowing rivers, and biomass energy from crops and biological waste matter. 

Fulfilling our future energy needs will depend on developing technology to harness 
solar energy with greater efficiency. Solar energy is the world’s largest energy source. On 
a clear day about 1 kJ of solar energy reaches each square meter of Earth’s surface every 
second. Harnessing this energy is difficult because it is dilute (that is, distributed over a 
wide area) and varies with time of day and weather conditions. The effective use of solar 
energy will depend on the development of some means of storing and distributing it. 
One practical way to do this is to use the Sun’s energy to drive an endothermic chemical 
process that can be later reversed to release heat. One such reaction is 


CH,4(g) + H2O(g) + heat —> CO(g) + 3 H2(g) 


This reaction proceeds in the forward direction at high temperatures, which can be ob- 
tained in a solar furnace. The CO and H, formed in the reaction could then be stored and 


allowed to react later, with the heat released being put to useful work. 


CHEMISTRY PUT TO WORK BIGRE fitter Ee A 


One of the biggest challenges facing us in the twenty-first century is 
production of abundant sources of energy, both food and fuels. At 
the end of 2020, the global population was estimated to be 7.8 bil- 
lion people, and growing at a rate of about 750 million per decade. A 
growing world population puts greater demands on the global food 
supply, especially in Asia and Africa, which together make up more 
than 75% of the world population. 

A growing population also increases demands on the produc- 
tion of fuels for transportation, industry, electricity, heating, and 
cooling. As populous countries such as China and India have mod- 
ernized, their per capita consumption of energy has increased sig- 
nificantly. In China, for instance, per capita energy consumption 
roughly doubled between 1990 and 2010. 

Global fuel energy consumption in 2012 was more than 
5 x 10!’ kJ, a staggeringly large number. More than 80% of current en- 
ergy requirements comes from combustion of nonrenewable fossil fuels, 
especially coal and petroleum. The exploration of new fossil fuel sources 
often involves environmentally sensitive regions, making the search for 
new supplies of fossil fuels a major political and economic issue. 

The global importance of petroleum is in large part because 
it provides liquid fuels, such as gasoline, that are critical to sup- 
plying transportation needs. One of the most promising—but 
controversial—alternatives to petroleum-based fuels is biofuels, liquid 
fuels derived from biological matter. The most common approach to 
producing biofuels is to transform plant sugars and other carbohy- 
drates into combustible liquids. 

The most commonly produced biofuel is bioethanol, which is 
ethanol (C,H;OH) made from fermentation of plant carbohydrates. 
The fuel value of ethanol is about two-thirds that of gasoline and is 
therefore comparable to that of coal (Table 5.6). The United States 
and Brazil dominate bioethanol production, together supplying 85% 
of the world’s total. 

In the United States, nearly all the bioethanol currently pro- 
duced is made from yellow feed corn. Glucose (C6H1206) in the corn 
is converted to ethanol and CO3: 


CH120¢(s) —> 2.C,H;OH(I) + 2 CO,(g) AH = 15.8kJ 


Notice that this reaction is anaerobic—it does not involve O2(g) — 
and that the enthalpy change is positive and much smaller in mag- 
nitude than for most combustion reactions. Other carbohydrates can 
be converted to ethanol in similar fashion. 

Producing bioethanol from corn is controversial for two main rea- 
sons. First, growing and transporting corn are both energy-intensive 


processes, and growing it requires the use of fertilizers. It is estimated 
that the energy return on corn-based bioethanol is only 34% —that is, for 
each 1.00 J of energy expended to produce the corn, 1.34 J of energy is 
produced in the form of bioethanol. Second, the use of corn as a starting 
material for making bioethanol competes with its use as an important 
component of the food chain (the so-called food versus fuel debate). 

Much current research focuses on the formation of bioethanol 
from cellulosic plants, plants that contain the complex carbohydrate 
cellulose. Cellulose is not readily metabolized and so does not com- 
pete with the food supply. However, the chemistry for converting 
cellulose to ethanol is much more complex than that for convert- 
ing corn. Cellulosic bioethanol could be produced from very fast- 
growing nonfood plants, such as prairie grasses and switchgrass, 
which readily renew themselves without the use of fertilizers. 

The Brazilian bioethanol industry uses sugarcane as its feedstock 
(Figure 5.26). Sugarcane grows much faster than corn and without the 
need for fertilizers or tending. Because of these differences, the energy 


A Figure 5.26 Sugarcane can be converted to a sustainable bioethanol 
product. 


* Data from the Annual Energy Outlook 2012, U.S. Energy Information Administration. 
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return for sugarcane is much higher than the energy return forcorn. fuel. Biodiesel is typically produced from crops that have a high oil 

It is estimated that for each 1.0 J of energy expended in growing and content, such as soybeans and canola. It can also be produced from 

processing sugarcane, 8.0 J of energy is produced as bioethanol. animal fats and waste vegetable oil from the food and restaurant 
Other biofuels that are also becoming a major part of the world industry. 

economy include biodiesel, a substitute for petroleum-derived diesel Related Exercise: 5.122 


Plants utilize solar energy in photosynthesis, the reaction in which the energy of sun- 
light is used to convert CO, and H30 into carbohydrates and O3: 


6 CO2(g) + 6 H2O(1) + sunlight —> C.H120¢(s) + 6 O2(g) [5.34] 


Photosynthesis is an important part of Earth’s ecosystem because it replenishes atmo- 
spheric O2, produces an energy-rich molecule that can be used as fuel, and consumes 
some atmospheric CO3. 

Perhaps the most direct way to use the Sun’s energy is to convert it directly into elec- 
tricity in photovoltaic devices, or solar cells, which we mentioned at the beginning of this 
chapter. The efficiencies of such devices have increased dramatically during the past few 
years. Technological advances have led to solar panels that last longer and produce elec- 
tricity with greater efficiency at steadily decreasing unit cost. Indeed, the future of solar 
energy is, like the Sun itself, very bright. 


SAMPLE INTEGRATIVE EXERCISE 


PF Putting Concepts Together 


Trinitroglycerin, C3H5N309 (usually referred to simply as nitroglycerin), has been widely used as an explosive. Alfred Nobel 

used it to make dynamite in 1866. Rather surprisingly, it also is used as a medication, to relieve angina (chest pains resulting 
from partially blocked arteries to the heart) by dilating the blood vessels. At 100 kPa pressure and 25°C, the enthalpy of 
decomposition of trinitroglycerin to form nitrogen gas, carbon dioxide gas, liquid water, and oxygen gas is —-1541.4 kJ/mol. 

(a) Write a balanced chemical equation for the decomposition of trinitroglycerin. 

(b) Calculate the standard heat of formation of trinitroglycerin. 

(c) A standard dose of trinitroglycerin for relief of angina is 0.60 mg. If the sample is eventually oxidized in the body (not explosively, 
though!) to nitrogen gas, carbon dioxide gas, and liquid water, what energy is released? 

(d) One common form of trinitroglycerin melts at about 3 °C. From this information and the formula for the substance, would you 
expect it to be a molecular or ionic compound? Explain. 

(e) Describe the various conversions of forms of energy when trinitroglycerin is used as an explosive to break rockfaces in highway 
construction. 


SOLUTION The enthalpy change for this decomposition is 4(—1541.4kJ) = 
—6165.6 kJ. [We need to multiply by 4 because there are 4 mol of 

(a) The general form of the equation we must balance is C3H5N30,(/) in the balanced equation. ] 
C3HsN30o(/) > No(g) + CO2(g) + H2,0(/) + O2(g) This enthalpy change equals the sum of the heats of forma- 


tion of the products minus the heats of formation of the reac- 


We go about balancing in the usual way. To obtain an even num- ann : isn ; ; 
tants, each multiplied by its coefficient in the balanced equation: 


ber of nitrogen atoms on the left, we multiply the formula for 


C3H5N30 by 2, which gives us 3 mol of Nz, 6 mol of CO, and _ = o + o + o 
5 mol of H2O. Everything is then balanced except for oxygen. We 6165.6 KI = GRE; Wale) + Pear Cola) + SOA) 


have an odd number of oxygen atoms on the right. We can balance + AHP[O2(8)]-4AHF[C3H5N309(1)] 
the oxygen by using the coefficient 3 for O, on the right: 


2 CHsN309(1) —> 3Nz(g) + 6CO2(g) + 5 H20(1) + 7 O2(8) 
We multiply through by 2 to convert all coefficients to whole numbers: 
4 C3H;N30,(1) —> 6N(8) + 12 COo(g) + 10 H20(1) + O2(g) 


(At the temperature of the explosion, water is a gas rather than a 


The AHF values for N2(g) and O2(8) are zero, by definition. Using the 
values for H,O(/) and CO,(g) from Table 5.3 or Appendix C, we have 


-6165.6 kJ = 12(—393.5 kJ) + 10(-285.8 kJ) — 4AH?[C3HsN30o(J)] 
AHf[C3HsN30o(1)] = —353.6 kJ/mol 


liquid. The rapid expansion of the gaseous products creates the (c) Converting 0.60 mg C3H;N30,(/) to moles and using the fact that 
force of an explosion.) the decomposition of 1 mol of C;H;N30o(/) yields 1541.4 kJ we have: 
(b) We can obtain the standard enthalpy of formation of nitro- Lmol CHNO; 1541.4 KJ 
glycerin by using the heat of decomposition of trinitroglycerin (0.60 x 10° g C3H N:00)( Sa )( ` ) 
together with the standard enthalpies of formation of the other 227 § C3HsN309 / \ Lmol- C3Hs5N309 
substances in the decomposition equation: = 4.1 xX 10°kJ = 4.1J 


Continued 
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(d) Because trinitroglycerin melts below room temperature, we 
expect that it is a molecular compound. With few exceptions, 
ionic substances are generally hard, crystalline materials that melt 
at high temperatures. Also, the molecular formula suggests that it 
is a molecular substance because all of its constituent elements are 
nonmetals. 


(e) The energy stored in trinitroglycerin is chemical potential 
energy. When the substance reacts explosively, it forms carbon 
dioxide, water, and nitrogen gas, which are of lower potential 
energy. In the course of the chemical transformation, energy is 


released in the form of heat; the gaseous reaction products are 
very hot. This high heat energy is transferred to the surroundings. 
Work is done as the gases expand against the surroundings, mov- 
ing the solid materials and imparting kinetic energy to them. For 
example, a chunk of rock might be impelled upward. It has been 
given kinetic energy by transfer of energy from the hot, expand- 
ing gases. As the rock rises, its kinetic energy is transformed into 
potential energy. Eventually, it again acquires kinetic energy as it 
falls to Earth. When it strikes Earth, its kinetic energy is converted 
largely to thermal energy, though some work may be done on the 
surroundings as well. 


cr ca, 


Exercises 


5.45 (a) What is meant by the term fuel value? (b) Which is a greater 
source of energy as food, 5 g of fat or 9 g of carbohydrate? 
(c) The metabolism of glucose produces CO2(g) and H20(/). 
How does the human body expel these reaction products? 


5.46 (a) A serving of a particular ready-to-serve brown & wild rice 
meal contains 4.5 g fat, 42 g carbohydrate, and 4.0 g protein. 
Estimate the number of calories in a serving. (b) According 
to its nutrition label, the same meal also contains 140 mg of 
potassium ions. Do you think the potassium contributes to 


the caloric content of the food? 


ee  ee_— ene 


Chapter Summary and Key Terms 


CHEMICAL ENERGY (INTRODUCTION AND SECTION 5.1) Ther- 
modynamics is the study of energy and its transformations. In this 
chapter we have focused on thermochemistry, the transformations 
of energy—especially heat—during chemical reactions. 

An object can possess energy in two forms: (1) kinetic energy, 
which is the energy due to the motion of the object, and (2) po- 
tential energy, which is the energy that an object possesses by vir- 
tue of its position relative to other objects. An electron in motion 
near a proton has kinetic energy because of its motion and po- 
tential energy because of its electrostatic attraction to the proton. 

Chemical energy originates largely from electrostatic in- 
teractions at the atomic level. Energy must be supplied to break 
chemical bonds leading to an increase in potential energy. Con- 
versely, energy is released when chemical bonds form as the po- 
tential energy decreases. 


THE FIRST LAW OF THERMODYNAMICS (SECTION 5.2) When 
we study thermodynamic properties, we define a specific amount 
of matter as the system. Everything outside the system is the sur- 
roundings. When we study a chemical reaction, the system is gen- 
erally the reactants and products. A closed system can exchange 
energy, but not matter, with the surroundings. The internal en- 
ergy of a system is the sum of all the kinetic and potential ener- 
gies of its component parts. The internal energy of a system can 
change because of energy transferred between the system and the 
surroundings. 

According to the first law of thermodynamics, the change in 
the internal energy of a system, AE, is the sum of the heat, q, 
transferred into or out of the system and the work, w, done on 
or by the system: AE = q + w. Both q and w have a sign that in- 
dicates the direction of energy transfer. When heat is transferred 
from the surroundings to the system, q > 0. Likewise, when the 
surroundings do work on the system, w > 0. In an endothermic 
process the system absorbs heat from the surroundings; in an exo- 
thermic process the system releases heat to the surroundings. 


5.47 The heat of combustion of fructose, CgH,20¢, is —2812 
kJ/mol. If a fresh golden delicious apple weighing 120 g 
contains 16.0 g of fructose, what caloric content does the 
fructose contribute to the apple? 


5.48 The standard enthalpies of formation of gaseous pro- 
pyne (CH4), propene (CH6), and propane (C3Hg) are 
+185.4, +20.4, and —103.8 kJ/mol, respectively. (a) Calculate 
the heat evolved per mole on combustion of each substance to 
yield CO2(g) and H,O(g). (b) Calculate the heat evolved on 
combustion of 1 kg of each substance. (c) Which is the most 
efficient fuel in terms of heat evolved per unit mass? 


The internal energy, E, is a state function. The value of any 
state function depends only on the state or condition of the sys- 
tem and not on the details of how it came to be in that state. Heat, 
q, and work, w, are not state functions; their values depend on the 
particular way by which a system changes its state. 


ENTHALPY (SECTIONS 5.3 AND 5.4) When a gas is produced or 
consumed in a chemical reaction occurring at constant pressure, 
the system may perform pressure-volume (P-V) work against the 
prevailing pressure of the surroundings. For this reason, we de- 
fine a new state function called enthalpy, H, which is related to en- 
ergy: H = E + PV. In systems where only pressure-volume work is 
involved, the change in the enthalpy of a system, AH, equals the 
heat gained or lost by the system at constant pressure: AH = q, 
(the subscript P denotes constant pressure). For an endothermic 
process, AH > 0; for an exothermic process, AH < 0. 

In a chemical process, the enthalpy of reaction is the en- 
thalpy of the products minus the enthalpy of the reactants: 
AH,xn = H(products) — H(reactants). Enthalpies of reaction 
follow some simple rules: (1) The enthalpy of reaction is pro- 
portional to the amount of reactant that reacts. (2) Reversing a 
reaction changes the sign of AH. (3) The enthalpy of reaction de- 
pends on the physical states of the reactants and products. 


CALORIMETRY (SECTION 5.5) The amount of heat transferred 
between the system and the surroundings is measured experi- 
mentally by calorimetry. A calorimeter measures the temperature 
change accompanying a process. The temperature change of a cal- 
orimeter depends on its heat capacity, the amount of heat required 
to raise its temperature by 1 K. The heat capacity for one mole of 
a pure substance is called its molar heat capacity; for one gram of 
the substance, we use the term specific heat. Water has a very high 
specific heat, 4.18 J/g K. The amount of heat, q, absorbed by a sub- 
stance is the product of its specific heat (c), its mass, and its tem- 
perature change: q = c X m X AT. 


If a calorimetry experiment is carried out under a constant 
pressure, the heat transferred provides a direct measure of the en- 
thalpy change of the reaction. Constant-volume calorimetry is 
carried out in a vessel of fixed volume called a bomb calorimeter. 
The heat transferred under constant-volume conditions is equal 
to AE. Corrections can be applied to AE values to yield AH. 


HESS’S LAW (SECTION 5.6) Because enthalpy is a state func- 
tion, AH depends only on the initial and final states of the system. 
Thus, the enthalpy change of a process is the same whether the 
process is carried out in one step or in a series of steps. Hess’s law 
states that if a reaction is carried out in a series of steps, AH for the 
reaction will be equal to the sum of the enthalpy changes for the 
steps. We can therefore calculate AH for any process, as long as we 
can write the process as a series of steps for which AH is known. 


ENTHALPIES OF FORMATION (SECTION 5.7) The enthalpy of 
formation, AH; of a substance is the enthalpy change for the reac- 
tion in which the substance is formed from its constituent elements. 
Usually, enthalpies are tabulated for reactions where reactants and 
products are in their standard states. The standard state of a substance 
is its pure, most stable form at 100 kPa and the temperature of inter- 
est (usually 298 K). Thus, the standard enthalpy change of a reaction, 
AH’, is the enthalpy change when all reactants and products are in 
their standard states. The standard enthalpy of formation, AH;*, of a sub- 
stance is the change in enthalpy for the reaction that forms one mole 
of the substance from its elements in their standard states. For any 
element in its standard state, AH? = 0. 
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The standard enthalpy change for any reaction can be readily 
calculated from the standard enthalpies of formation of the reac- 
tants and products in the reaction: 


AAixn = XnAHf (products) — XmAHf (reactants) 


BOND ENTHALPIES (SECTION 5.8) The strength of a covalent 
bond is measured by its bond enthalpy, which is the molar enthalpy 
change required to break a particular bond. Average bond enthalpies 
can be determined for a wide variety of covalent bonds. We can esti- 
mate the enthalpy changes during chemical reactions involving gas- 
eous substances by adding the average bond enthalpies of the bonds 
that are broken and subtracting the average bond enthalpies of the 
bonds that are formed. When the energy needed to break bonds is 
larger than the energy released by forming bonds the reaction en- 
thalpy is positive; when the opposite situation holds the reaction 
enthalpy is negative. 


FOODS AND FUELS (SECTION 5.9) The fuel value of a substance 
is the heat released when one gram of the substance is com- 
busted. Different types of foods have different fuel values and 
differing abilities to be stored in the body. The most common fu- 
els are hydrocarbons that are found as fossil fuels, such as natu- 
ral gas, petroleum, and coal. Renewable energy sources include solar 
energy, wind energy, biomass, and hydroelectric energy. Nuclear 
power does not utilize fossil fuels but does create controversial 
waste-disposal problems. 


Learning Outcomes After studying this chapter, you should be able to: 


e Describe the changes in potential energy that accompany 
the formation and breaking of chemical bonds. (Section 5.1) 
Related Exercises: 5.3, 5.64 


e Distinguish between the system and the surroundings in ther- 
modynamics. (Section 5.2) Related Exercises: 5.6, 5.66 


e Calculate internal energy from heat and work and state the sign 
conventions of these quantities. (Section 5.2) 
Related Exercises: 5.8, 5.9, 5.68, 5.69 


e Explain the concept of a state function and give examples. 
(Section 5.2) Related Exercises: 5.10, 5.70 


e Calculate AH from AE and PAV (Section 5.3) 
Related Exercises: 5.15, 5.74, 5.75 


e Relate q, to AH and indicate how the signs of q and AH relate to 
whether a process is exothermic or endothermic. (Sections 5.2 
and 5.3) Related Exercises: 5.18, 5.78 


e Use thermochemical equations to relate the amount of heat en- 
ergy transferred in reactions at constant pressure (AH) to the 
amount of substance involved in the reaction. (Section 5.4) 
Related Exercises: 5.19, 5.20, 5.79, 5.80 


e Calculate the heat transferred in a process from temperature 
measurements together with heat capacities or specific heats 
(calorimetry). (Section 5.5) Related Exercises: 5.24, 5.81-5.83 


e Use Hess’s law to determine enthalpy changes for reactions. 
(Section 5.6) Related Exercises: 5.30, 5.31, 5.88, 5.89 


e Use standard enthalpies of formation to calculate AH” for reac- 
tions. (Section 5.7) Related Exercises: 5.34-5.37 


e Use average bond enthalpies to estimate the reaction enthalpies of 
reactions where all reactants and products are in the gas phase. 
(Section 5.8) Related Exercises: 5.41-5.44 


a 


Key Equations 


e w=Fxd [5.1] 
° Ea = KQQz/d ae 
° AE = Eina — Einna [5-3] 
ee [5.4] 
e H=E+PV [5.5] 
e w=-PAV [5.7] 
e AH = AE + PAV = ap [5.9] 
+e q=QXmXAT [5.21] 


Relates work to force and distance 
Electrostatic potential energy. 
The change in internal energy 


Relates the change in internal energy to heat and work (the first law 
of thermodynamics) 


Defines enthalpy 
The work done by an expanding gas at constant pressure 
Enthalpy change at constant pressure 


Heat gained or lost based on specific heat, mass, and temperature 
change 


266 


Arxn = 


CHAPTER 5 Thermochemistry 


—=Cea X AT [5.23] 

° AHxn = =nAHf(products) — $mAH?(reactants) [5.31] 
e AH, = (bond enthalpies of bonds broken) — 

(bond enthalpies of bonds formed) [5.32] 


Heat exchanged between a reaction and calorimeter 


Standard enthalpy change of a reaction 


The reac 
reaction, 


tion enthalpy as a function of average bond enthalpies for 
s involving gas-phase molecules. 


Exercises 


Visualizing Concepts 


5.49 Two positively charged spheres, each with a charge of 2.0 x10~° 


5.50 


5.51 


5.52 


C, a mass of 1.0 kg, and separated by a distance of 1.0 cm, are 
held in place on a frictionless track. (a) What is the electro- 
static potential energy of this system? (b) If the spheres are 
released, will they move toward or away from each other? 
(c) What speed will each sphere attain as the distance be- 
tween the spheres approaches infinity? [Section 5.1] 


The accompanying photo shows a pipevine swallowtail cat- 
erpillar climbing up a twig. (a) As the caterpillar climbs, its 
potential energy is increasing. What source of energy has 
been used to effect this change in potential energy? (b) If the 
caterpillar is the system, can you predict the sign of q as the 
caterpillar climbs? (c) Does the caterpillar do work in climb- 
ing the twig? Explain. (d) Does the amount of work done in 
climbing a 30-cm section of the twig depend on the speed of 
the caterpillar’s climb? (e) Does the change in potential en- 
ergy depend on the caterpillar’s speed of climb? [Section 5.1] 


Consider the accompanying energy diagram. (a) Does this 
diagram represent an increase or decrease in the internal en- 
ergy of the system? (b) What sign is given to AE for this pro- 
cess? (c) If there is no work associated with the process, is it 
exothermic or endothermic? [Section 5.2] 


Products 


energy, E ————>- 


Internal 


Reactants 


The contents of the closed box in each of the following il- 
lustrations represent a system, and the arrows show the 
changes to the system during some process. The lengths of 
the arrows represent the relative magnitudes of q and w. 


(a) Which of these processes is endothermic? (b) For which 
of these processes, if any, is AE < 0? (c) For which process, 
if any, does the system experience a net gain in internal en- 
ergy? [Section 5.2] 


(i) 


5.53 


5.54 


Internal energy, E ———> 


5.55 


(ii) (iii) 


Imagine that you are climbing a mountain. (a) Is the dis- 
tance you travel to the top a state function? (b) Is the change 
in elevation between your base camp and the peak a state 
function? [Section 5.2] 


The diagram shows four states of a system, each with differ- 
ent internal energy, E. (a) Which of the states of the system 
has the greatest internal energy? (b) In terms of the AE val- 
ues, write two expressions for the difference in internal en- 
ergy between State A and State B. (c) Write an expression for 
the difference in energy between State C and State D. 
(d) Suppose there is another state of the system, State E, and 
its energy relative to State A is AE = AE, + AE,. Where 
would State E be on the diagram? [Section 5.2] 


State B 


State D 


State A 


You may have noticed that when you compress the air in a 
bicycle pump, the body of the pump gets warmer. (a) Assum- 
ing the pump and the air in it comprise the system, what is 
the sign of w when you compress the air? (b) What is the sign 


5.56 


5.57 


5.58 


of q for this process? (c) Based on your answers to parts (a) 
and (b), can you determine the sign of AE for compressing 
the air in the pump? If not, what would you expect for the 
sign of AE? What is your reasoning? [Section 5.2] 


Imagine a container placed in a tub of water, as depicted in the 
accompanying diagram. (a) If the contents of the container are 
the system and heat is able to flow through the container walls, 
what qualitative changes will occur in the temperatures of the 
system and in its surroundings? From the system’s perspective, 
is the process exothermic or endothermic? (b) If neither the 
volume nor the pressure of the system changes during the pro- 
cess, how is the change in internal energy related to the change 
in enthalpy? [Sections 5.2 and 5.3] 


In the accompanying cylinder diagram, a chemical process 
occurs at constant temperature and pressure. (a) Is the sign 
of w indicated by this change positive or negative? (b) If 
the process is endothermic, does the internal energy of the 
system within the cylinder increase or decrease during the 
change and is AE positive or negative? [Sections 5.2 and 5.3] 


P 


ERN CEON 
»> D 


Reaction 
— 


The gas-phase reaction shown, between N; and Oz, was run 
in an apparatus designed to maintain a constant pressure. 
(a) Write a balanced chemical equation for the reaction de- 
picted and predict whether w is positive, negative, or zero. 
(b) Using data from Appendix C, determine AH for the for- 
mation of one mole of the product. [Sections 5.3 and 5.7] 


5.59 


5.60 
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Consider the two diagrams that follow. (a) Based on (i), write 
an equation showing how AH; is related to AĦg and AHc. 
(b) Based on (ii), write an equation relating AH; to the other 
enthalpy changes in the diagram. (c) The equations you ob- 
tained in parts (a) and (b) are based on what law? (d) Would 
similar relationships hold for the work involved in each 


process? [Section 5.6] 


ii 
itt 


Consider the conversion of compound A into compound B: 
A —> B. For both compounds A and B, AH? > 0. (a) Sketch 
an enthalpy diagram for the reaction that is analogous to 
Figure 5.23. (b) Suppose the overall reaction is exothermic. 
What can you conclude? [Section 5.7] 


Enthalpy ——> 


The Nature of Chemical Energy (Section 5.1) 


5.61 
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5.63 


5.64 
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(a) What is the electrostatic potential energy (in joules) 
between two electrons that are separated by 460 pm? 
(b) What is the change in potential energy if the dis- 
tance separating the two electrons is increased to 1.0 nm? 
(c) Does the potential energy of the two particles increase 
or decrease when the distance is increased to 1.0 nm? 


(a) The electrostatic force (not energy) of attraction between 
two oppositely charged objects is given by the equation 
F = «(Q4Q;/d”)where « = 8.99 x 10°N-m?/C?, Qı and 
Q, are the charges of the two objects in Coulombs, and d is 
the distance separating the two objects in meters. What is 
the electrostatic force of attraction (in Newtons) between 
an electron and a proton that are separated by 0.23 nm? 
(b) The force of gravity acting between two objects is given 
by the equation F = G(m,m,/d”) where G is the gravita- 
tional constant, G = 6.674 x 1071! N-m?/kg?, m, and m, 
are the masses of the two objects, and d is the distance sepa- 
rating them. What is the gravitational force of attraction (in 
Newtons) between the electron and proton? (c) How many 
times larger is the electrostatic force of attraction? 


Use the equations given in Exercise 5.62 to calculate: (a) The 
electrostatic force of repulsion for two electrons separated by 
75 pm. (b) The gravitational force of attraction for two elec- 
trons separated by 75 pm. (c) If allowed to move, will the elec- 
trons be repelled or attracted to one another? 


A magnesium ion, Mg?*, with a charge of 3.2 x 10°! Cand 
an oxide ion, O7, with a charge of —3.2 x 107!°C, are sep- 
arated by a distance of 0.35 nm. How much work would be 
required to increase the separation of the two ions to an in- 
finite distance? 


Identify the force present and explain whether work is done 
when (a) an electron moves in a circle at a fixed distance from 
a proton, (b) an iron nail is attracted by and pulled onto a 
magnet. 
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The First Law of Thermodynamics (Section 5.2) 


5.66 
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In a thermodynamic study, a scientist focuses on the prop- 
erties of a solution in an apparatus as illustrated. A solution 
is continuously flowing into the apparatus at the top and 
out at the bottom, such that the amount of solution in the 
apparatus is constant with time. (a) Is the solution in the 
apparatus a closed system, open system, or isolated system? 
(b) If the inlet and outlet were closed, what type of system 
would it be? 


Out 


(a) Write an equation that expresses the first law of thermo- 
dynamics in terms of heat and work. (b) Under what condi- 
tions will the quantities q and w be negative numbers? 


For the following processes, calculate the change in internal 
energy of the system and determine whether the process is 
endothermic or exothermic: (a) A balloon is cooled by re- 
moving 0.655 kJ of heat. It shrinks on cooling, and the atmo- 
sphere does 382 J of work on the balloon. (b) A 100.0 g bar 
of gold is heated from 25 °C to 50°C during which it absorbs 
322 J of heat. Assume the volume of the gold bar remains 
constant. 


Consider a system consisting of two oppositely charged 
spheres hanging by strings and separated by a distance r, as 
shown in the accompanying illustration. Suppose they are 
separated to a larger distance %, by moving them apart. 
(a) What change, if any, has occurred in the potential energy 
of the system? (b) What effect, if any, does this process have 
on the value of AE? (c) What can you say about q and w for 
this process? 
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Indicate which of the following is independent of the path 
by which a change occurs: (a) the change in potential en- 
ergy when a book is transferred from table to shelf, (b) the 
heat evolved when a cube of sugar is oxidized to CO2(g) and 
H2O0(g), (c) the work accomplished in burning a gallon of 
gasoline. 


Enthalpy (Section 5.3 and 5.4) 
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How much work (in J) is involved in a chemical reaction if 
the volume decreases from 33.6 L to 11.2 L against a constant 
pressure of 90.5 kPa? 


(a) Under what condition will the enthalpy change of a pro- 
cess equal the amount of heat transferred into or out of the 
system? (b) During a constant-pressure process, the system 
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releases heat to the surroundings. Does the enthalpy of the 
system increase or decrease during the process? (c) In a con- 
stant-pressure process, AH = 0. What can you conclude 
about AE, q, and w? 


Assume that 2 moles of water are formed according to the fol- 
lowing reaction at constant pressure (100 kPa) and constant 
temperature (298 K): 


2 H2(g) + Oo(g) — 2H20()) 


(a) Calculate the pressure-volume work for this reaction. 
(b) Calculate AE for the reaction using your answer to (a). 


Suppose that the gas-phase reaction 2 NO(g) + O2(g) —> 
2 NO2(g) were carried out in a constant-volume container at 
constant temperature. (a) Would the measured heat change 
represent AH or AE? (b) If there is a difference, which quantity 
is larger for this reaction? (c) Explain your answer to part (b). 


A gas is confined to a cylinder under constant atmospheric 
pressure, as illustrated in Figure 5.4. When 0.49 kJ of heat is 
added to the gas, it expands and does 214 J of work on the 
surroundings. What are the values of AH and AE for this 
process? 


The decomposition of sodium hydrogen carbonate (baking 
soda), NaHCO3(s), into NazCO3(s), H,O(/), and CO2(g) at 
constant pressure requires the addition of 85 kJ of heat per 
two moles of NaHCO3. (a) Write a balanced thermochemical 
equation for the reaction. (b) Draw an enthalpy diagram for 
the reaction. 


Without referring to tables, predict which of the follow- 
ing has the higher enthalpy in each case: (a) 1 mol I,(s) or 
1 mol I,(g) at the same temperature, (b) 2 mol of iodine 
atoms or 1 mol of Ip, (c) 1 mol I,(g) and 1 mol H,(g) at 
25°C or 2 mol HI(g) at 25°C, (d) 1 mol H2(g) at 100°C or 
1 mol H2(g) at 300°C. 


Consider the following reaction: 


2 CH3OH(g) —> 2CH,(g) + O(g) AH = +252.8kJ 


(a) Is this reaction exothermic or endothermic? (b) Calculate 
the amount of heat transferred when 24.0 g of CH;0H(g) is 
decomposed by this reaction at constant pressure. (c) Fora 
given sample of CH3OH, the enthalpy change during the 
reaction is 82.1 kJ. How many grams of methane gas are 
produced? (d) How many kilojoules of heat are released 
when 38.5 g of CH,(g) reacts completely with O2(g) to form 
CH30H(g) at constant pressure? 


At one time, acommon means of forming small quantities of 
oxygen gas in the laboratory was to heat KCI1O3: 


2 KCIO;(s) —> 2KCI(s) + 30(g) AH = -89.4 kJ 


For this reaction, calculate AH for the formation of (a) 1.36 mol 
of O; and (b) 10.4 g of KCI. (c) The decomposition of KC1O3 
proceeds spontaneously when it is heated. Do you think 
that the reverse reaction, the formation of KCIO3 from KCl 
and Os, is likely to be feasible under ordinary conditions? 
Explain your answer. 


Consider the decomposition of liquid benzene, C,H,(/), to 
gaseous acetylene, C2H>(g): 


CeHg(1) —> 3C,H(g) AH = +630KJ 


(a) What is the enthalpy change for the reverse reaction? 
(b) What is AH for the formation of 1 mol of acetylene? 


(c) Which is more likely to be thermodynamically favored, 
the forward reaction or the reverse reaction? 


(d) If CsHg(g) were consumed instead of C6H6(1), would you 
expect the magnitude of AH to increase, decrease, or 
stay the same? Explain. 


Calorimetry (Section 5.5) 
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Two solid objects, A and B, are placed in boiling water and al- 
lowed to come to the temperature of the water. Each is then 
lifted out and placed in separate beakers containing 1000 g 
of water at 10.0 °C. Object A increases the water temperature 
by 3.50°C; B increases the water temperature by 2.60 °C. 
(a) Which object has the larger heat capacity? (b) What can 
you say about the specific heats of A and B? 


(a) Which substance in Table 5.2 requires the smallest 
amount of energy to increase the temperature of 50.0 g of 
that substance by 10 K? (b) Calculate the energy needed for 
this temperature change. 


Consider the data about gold metal in Exercise 5.68(b). 
(a) Based on the data, calculate the specific heat of Au(s). 
(b) Suppose that the same amount of heat is added to two 
10.0 g blocks of metal, both initially at the same tempera- 
ture. One block is gold metal, and one is iron metal. Which 
block will have the greater rise in temperature after the addi- 
tion of the heat? (c) What is the molar heat capacity of Au(s)? 


(a) When an 8.50 g sample of solid ammonium nitrate 
(NH4NO3(s)) dissolves in 120.0 g of water in a coffee-cup calo- 
rimeter (Figure 5.18), the temperature drops from 24.0 to 18.9 °C. 
Calculate AH (in kJ/mol NH,NO3) for the solution process: 


NH,4NO3(s) —> NHg4*(aq) + NO; (aq) 


Assume that the specific heat of the solution is the same as that 
of pure water. (b) Is this process endothermic or exothermic? 


A 2.20 g sample of phenol (CgsH;OH) was burned in a bomb 
calorimeter whose total heat capacity is 11.90 kJ/°C. The 
temperature of the calorimeter plus contents increased from 
21.50 to 27.50 °C. (a) Write a balanced chemical equation for 
the bomb calorimeter reaction. (b) What is the heat of com- 
bustion per gram of phenol and per mole of phenol? 


Under constant-volume conditions, the heat of combustion of 
naphthalene (Cj9Hg) is 40.18 kJ/g. A 2.50 g sample of naph- 
thalene is burned in a bomb calorimeter. The temperature of 
the calorimeter increases from 21.50 to 28.83 °C. (a) What is 
the total heat capacity of the calorimeter? (b) A 1.50 g sample 
of a new organic substance is combusted in the same calorim- 
eter. The temperature of the calorimeter increases from 21.14 to 
25.08 °C. What is the heat of combustion per gram of the new 
substance? (c) Suppose that in changing samples, a portion 
of the water in the calorimeter were lost. In what way, if any, 
would this change the heat capacity of the calorimeter? 


Hess’s Law (Section 5.6) 


5.87 


5.88 


2 C(s) + O2(8) + 4H2($5) —> 2 CH30H(g) 


5.89 


Can you use an approach similar to Hess’s law to calculate 
the change in internal energy, AE, for an overall reaction by 
summing the AE values of individual reactions that add up to 


give the desired overall reaction? 
From the enthalpies of reaction 
2C(s) + Oo(g) —> 2CO(g) AH = —221.0kJ 


AH = —402.4kJ 


calculate AH for the reaction 
CO(g) + 2 H2(3) —> CH3OH(8) 


Given the data 
N2(8) + O2(83) —> 2NO(8) 
2NO(g) + O2(8) —> 2NO2(8) 
2N20(g) —> 2Nz2(g) + On(g) 


AH = +180.7 kJ 
AH = -113.1kJ 
AH = -163.2kJ 


use Hess’s law to calculate AH for the reaction 
N20(8) + NO2(g) —> 3NO(3) 
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Enthalpies of Formation (Section 5.7) 
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(a) Why does the standard enthalpy of formation of both the 
very reactive fluorine (Fz) and the almost inert gas nitrogen 
(N2) both read zero? (b) Write the chemical equation for the 
reaction whose enthalpy change is the standard enthalpy of 
formation of naphthalene (C10ĦHg). 


Write balanced equations that describe the formation of the 
following compounds from elements in their standard states, 
and then look up the standard enthalpy of formation for 
each substance in Appendix C: (a) CH,OH(J), (b) CaSO,4(s), 
(€) NO(g), (d) P406(8). 

Acetylene (C2H2(g)) is used for welding because oxyacety- 
lene is the hottest burning common fuel gas. Using standard 
enthalpies of formation, calculate the quantity of heat pro- 
duced when 10 g of acetylene is completely combusted in air 
under standard conditions. 


Using values from Appendix C, calculate the value of AH for 
each of the following reactions: 


(a) CaO(s) + 2HF(g) —> Cak,(s) + H20(g) 
(b) Fe203(s) + 3C(s) > 2Fe(s) + 3CO(g) 
(©) 2CO(g) + 2NO(g) —> N2(s) + 2CO2(g) 
(d) 4NH3(g) + 5 O2(g) —> 4NO(g) + 6 H20(8) 
Calcium carbide (CaC,) reacts with water to form acety- 
lene (C2H2) and Ca(OH)». From the following enthalpy of 
reaction data and data in Appendix C, calculate AHP for 
CaC2(s): 
CaC;(s) + 2H,O(1) — > Ca(OH)2(s) + C2Ho(g) 

AH?’ = —127.2kJ 


Diethyl ether, CyH,)O(/), a flammable compound that was 
once used as a surgical anesthetic, has the structure 


H3,C—CH,—O—CH,— CH, 


The complete combustion of 1 mol of C4H; 9O(/) to CO2(g) 
and H,O(/) yields AH? = —2723.7 kJ. (a) Write a balanced 
equation for the combustion of 1 mol of C4H,9O(J). (b) By 
using the information in this problem and data in Table 5.3, 
calculate AH? for diethyl ether. 


Methanol (CH3OH) is used as a fuel in race cars. (a) Write a 
balanced equation for the combustion of liquid methanol in 
air. (b) Calculate the standard enthalpy change for the reac- 
tion, assuming H2O(g) as a product. (c) Calculate the heat 
produced by combustion per liter of methanol. Methanol 
has a density of 0.791 g/mL. (d) Calculate the mass of CO, 
produced per kJ of heat emitted. 


Bond Enthalpies (Section 5.8) 


5.97 


5.98 


Br 


Without doing any calculations, predict the sign of AH for 
each of the following reactions: 

(a) 2NO2(g) — N204(8) 

(b) 2F(g) —> Ris) 

(c) Mg”*(g) + 2CI-(g) —> MgClz(s) 

(d) HBr(g) —~> H(g) + Br(g) 

Use bond enthalpies in Table 5.4 to estimate AH for each of 
the following reactions: 


(a) 
i, i 
$ H + C—C > Br T Cl + CI—H 
Br Br 
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| 
H—C—H +2 O=0 —> O=C=0 + 2 H—O—H 
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(b) 
H 


H 


(a) The nitrogen atoms in an N; molecule are held together 
by a triple bond; use enthalpies of formation in Appen- 
dix C to estimate the enthalpy of this bond, D(N =N). (b) 
Consider the reaction between hydrazine and hydrogen to 
produce ammonia, N2H,(g) + H2(g) —— 2 NH3(g). Use en- 
thalpies of formation and bond enthalpies to estimate the en- 
thalpy of the nitrogen- nitrogen bond in N2H4. (c) Based on 
your answers to parts (a) and (b), would you predict that the 
nitrogen-nitrogen bond in hydrazine is weaker than, similar 
to, or stronger than the bond in N3? 


Consider the reaction H2(g) + Br,(/) —> 2 HBr(g). (a) Use 
the bond enthalpies in Table 5.4 to estimate AH for this reac- 
tion, ignoring the fact that bromine is in the liquid state. (b) 
Without doing a calculation, predict whether your estimate 
in part (a) is more negative or less negative than the true re- 
action enthalpy. (c) Use the enthalpies of formation in Ap- 
pendix C to determine the true reaction enthalpy. 


Foods and Fuels (Section 5.9) 
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(a) Which releases the most energy when metabolized, 1 g of 
carbohydrates or 1 g of fat? (b) A particular chip snack food 
is composed of 12% protein, 14% fat, and the rest carbohy- 
drate. What percentage of the calorie content of this food is 
fat? (c) How many grams of protein provide the same fuel 
value as 25 g of fat? 


A hamburger contains 28 g fat, 46 g carbohydrate, and 25 g 
protein. What is the fuel value in kJ in one hamburger? How 
many calories does it provide? 


The heat of combustion of ethanol, C,H;OH(J), is —1367 
kJ/mol. A bottle of stout (dark beer) contains up to 6.0% 
ethanol by mass. Assuming the density of the beer to be 
1.0 g/mL, what is the caloric content due to the alcohol 
(ethanol) in a bottle of beer (500 mL)? 

It is interesting to compare the “fuel value” of a hydro- 
carbon in a hypothetical world where oxygen is not the 
combustion agent. The enthalpy of formation of CF,(g) is 
—679.9 kJ/mol. Which of the following two reactions is the 
more exothermic? 

CH4(8) + 2O2(g) —> CO2(g) + 2 H20(8) 


CH,4(g) + 4 F2(8) > CFy(g) + 4HF(g) 
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The air bags that provide protection in automobiles in the 
event of an accident expand because of a rapid chemical re- 
action. From the viewpoint of the chemical reactants as the 
system, what do you expect for the signs of q and w in this 
process? 


Consider a system consisting of the following apparatus, in 
which gas is confined in one flask and there is a vacuum in 
the other flask. The flasks are separated by a valve. Assume 
that the flasks are perfectly insulated and will not allow the 
flow of heat into or out of the flasks to the surroundings. 
When the valve is opened, gas flows from the filled flask to 
the evacuated one. (a) Is work performed during the expan- 
sion of the gas? (b) Why or why not? (c) Can you determine 
the value of AE for the process? 


A B 


100 kPa Evacuated 


A sample of gas is contained in a cylinder-and-piston ar- 
rangement. There is an external pressure of 100 kPa. The gas 
undergoes the change in state shown in the drawing. (a) As- 
sume first that the cylinder and piston are perfect thermal 
insulators that do not allow heat to be transferred. What is 
the value of q for the state change? What is the sign of w for 
the state change? What can be said about AE for the state 
change? (b) Now assume that the cylinder and piston are 
made up of a thermal conductor such as a metal. During the 
state change, the cylinder gets colder to the touch. What is 
the sign of q for the state change in this case? Describe the 
difference in the state of the system at the end of the process 
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in the two cases. What can you say about the relative values 
of AE? 


The corrosion (rusting) of iron in oxygen-free water includes 
the formation of iron(II) hydroxide from iron by the follow- 
ing reaction: 


Fe(s) + 2H,O(1) —> Fe(OH) (s) + Ho(g). 


If 1 mol of iron reacts at 298 K under 101.3 kPa pressure, 
the reaction performs 2.48 kJ of P-V work, pushing back 
the atmosphere as the gaseous H; forms. At the same time, 
11.73 kJ of heat is released to the environment. What are 
the values of AH and of AE for this reaction? 


Both oxyhydrogen torches and fuel cells use the following 
reaction to produce energy: 


2 H2(8) + Or(8) —> 2 H20(/) 


Both processes occur at constant pressure. In both cases the 
change in state of the system is the same: the reactant is 
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oxyhydrogen and the product is water. Yet, with an oxyhy- 
drogen torch, the heat evolved is large and with a fuel cell it 
is small. If heat at constant pressure is considered to be a state 
function, why does it depend on path? 


A house is designed to have passive solar energy features. 
Brickwork incorporated into the interior of the house acts 
as a heat absorber. Each brick weighs approximately 1.8 kg. 
The specific heat of the brick is 0.85 J/g K. How many bricks 
must be incorporated into the interior of the house to pro- 
vide the same total heat capacity as 1.7 X 10° gal of water? 


A coffee-cup calorimeter of the type shown in Figure 5.18 
contains 150.0 g of water at 25.2°C. A 200 g block of silver 
metal is heated to 100.5 °C by putting it in a beaker of boil- 
ing water. The specific heat of Ag(s) is 0.233J/(g K). The Ag 
is added to the calorimeter, and after some time the contents 
of the cup reach a constant temperature of 30.2 °C. (a) De- 
termine the amount of heat, in J, lost by the silver block. 
(b) Determine the amount of heat gained by the water. The 
specific heat of water is 4.184 J/(g K). (c) The difference be- 
tween your answers for (a) and (b) is due to heat loss through 
the Styrofoam’ cups and the heat necessary to raise the tem- 
perature of the inner wall of the apparatus. The heat capacity 
of the calorimeter is the amount of heat necessary to raise 
the temperature of the apparatus (the cups and the stopper) 
by 1 K. Calculate the heat capacity of the calorimeter in J/K. 
(d) What would be the final temperature of the system if all 
the heat lost by the silver block were absorbed by the water in 
the calorimeter? 


(a) When a 0.47 g sample of benzoic acid is combusted in 
a bomb calorimeter (Figure 5.19), the temperature rises by 
3.284°C. When a 0.53 g sample of caffeine, CgHjgN4Oz, is 
burned, the temperature rises by 3.05 °C. Using the value of 
26.38 kJ/g for the heat of combustion of benzoic acid, cal- 
culate the heat of combustion per mole of caffeine at con- 
stant volume. (b) Assuming that there is an uncertainty of 
0.002 °C in each temperature reading and that the masses 
of samples are measured to 0.001 g, what is the estimated 
uncertainty in the value calculated for the heat of combus- 
tion per mole of caffeine? 


The corrosion (rusting) of iron in oxygen-free water includes 
the formation of iron(II) hyrdroxide from iron by the follow- 
ing reaction: 


Fe(s) + 2 H,O(1) —> Fe(OH)o(s) + Ho(g) 


(a) Calculate the standard enthalpy change for this reac- 
tion (the molar enthalpy of formation of Fe(OH), is 
—583.39 kJ/mol). 

(b) Calculate the number of grams of Fe needed to release 
enough energy to increase the temperature of 250 mL of 
water from 22 to 30°C. 


Burning acetylene in oxygen can produce three different 
carbon-containing products: soot (very fine particles of 
graphite), CO(g), and CO.(g). (a) Write three balanced equa- 
tions for the reaction of acetylene gas with oxygen to produce 
these three products. In each case assume that H,O(/) is the 
only other product. (b) Determine the standard enthalpies for 
the reactions in part (a). (c) Why, when the oxygen supply 
is adequate, is CO2(g) the predominant carbon-containing 
product of the combustion of acetylene? 


We can use Hess’s law to calculate enthalpy changes that 
cannot be measured. One such reaction is the conversion of 
methane to ethane: 


2. CH4(g) —> C2H6(8) + H2(8) 
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Calculate the AH” for this reaction using the following ther- 
mochemical data: 


CH,(g) + 2. O2(¢) —> CO,(g) + 2H,O(1) AH? = -890.3 kJ 
2 Hp(g) + O2(g) — 2 H20(1) AH? = —571.6kJ 
2 CoH(g) +7 Or(g) —> 4CO,(g)+6H,O(1) AH? = —3120.8kJ 
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From the following data for three prospective fuels, calculate 
which could provide the most energy per unit mass and per 
unit volume: 


Density Molar Enthalpy 

at 101.3 kPa of Combustion 
Fuel (g/cm?) (MJ/mol) 
Octane, CgHj¢(/) 0.70 at 20 °C = 5.033 
Liquid Butane, C4Hj9(/) 0.60 at —1°C —2.88 
Liquid hydrogen, H,(/) 0.07 at —253 °C =) 29) 
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The hydrocarbons cyclohexane (C6Hı2(1), AHF = —156 
kJ/mol) and 1-hexene (C6H12(1), AH? = —74 kJ/mol) have 
the same empirical formula. (a) Calculate the standard en- 
thalpy change for the transformation of cyclohexane to 
1-hexene. (b) Which has greater enthalpy, cyclohexane 
or 1-hexene? (c) Without doing a further calculation and 
knowing the answer to (b), do you expect cyclohexane or 
1-hexene to have the larger combustion enthalpy? 


Butane C,Hı0o(7) boils at —0.5°C; at this temperature it 
has a density of 0.60 g/cm’. The enthalpy of formation of 
C4Hj0(g) is -124.7 kJ/mol, and the enthalpy of vaporiza- 
tion of CyHjo(/) is 22.44 kJ/mol. Calculate the enthalpy 
change when 1 L of liquid C4H;9(/) is burned in air to give 
CO,(g) and H,O(g). How does this compare with AH for the 
complete combustion of 1 L of liquid methanol, CH3OH(/)? 
For CH3OH(/), the density at 25°C is 0.792g/cm*, and 
AH? = —239kJ/mol. 


Three hydrocarbons that contain four carbons are listed here, 
along with their standard enthalpies of formation: 


Hydrocarbon Formula AH; (kJ/mol) 
Butane C4Hi0(g) =1125) 
1-Butene C4H¢(g) =] 
1-Butyne C4H6(8) 165 


(a) For each of these substances, calculate the molar en- 
thalpy of combustion to CO,(g) and H20(1). (b) Calculate 
the fuel value, in kJ/g, for each of these compounds. (c) For 
each hydrocarbon, determine the percentage of hydrogen 
by mass. (d) By comparing your answers for parts (b) and (c), 
propose a relationship between hydrogen content and fuel 
value in hydrocarbons. 


A 100-kg man decides to add to his exercise routine by walk- 
ing up six flights of stairs (30 m) 10 times per day. He figures 
that the work required to increase his potential energy in 
this way will permit him to eat an extra order of French fries, 
at 245 Cal, without adding to his weight. Is he correct in this 
assumption? 


Sucrose (Cy2H 20,1) is produced by plants as follows: 
12 CO,(g) +11 H20(1) —? C12H22011 #12 O2(8) 
AH = 5645 kJ 


About 4.8 g of sucrose is produced per day per square meter of 
the earth’s surface. The energy for this endothermic reaction 
is supplied by the sunlight. About 0.1% of the sunlight that 
reaches the earth is used to produce sucrose. Calculate the 
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total energy the sun supplies for each square meter of sur- 
face area. Give your answer in kilowatts per square meter 
(kW/m? where 1W = 1J/s). 

It is estimated that the net amount of carbon dioxide fixed by 
photosynthesis on the landmass of Earth is 5.5 X 10!6 g/yr 
of CO3. Assume that all this carbon is converted into glucose. 


(a) Calculate the energy stored by photosynthesis on land 
per year, in kJ. (b) Calculate the average rate of conver- 
sion of solar energy into plant energy in megawatts, MW 
(1W = 1J/s). A large nuclear power plant produces about 
10° MW. The energy of how many such nuclear power plants 
is equivalent to the solar energy conversion? 


ee 
Integrative Exercises 
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At 25°C (approximately room temperature) the rms velocity 
ofan Ar atom in air is 1553 km/h. (a) What is the rms speed 
in m/s? (b) What is the kinetic energy (in J) of an Ar atom 
moving at this speed? (c) What is the total kinetic energy of 
1 mol of Ar atoms moving at this speed? 

Suppose an Olympic diver who weighs 52.0 kg executes a 
straight dive from a 10-m platform. At the apex of the dive, 
the diver is 10.8 m above the surface of the water. (a) What 
is the potential energy of the diver at the apex of the dive, 
relative to the surface of the water? (b) Assuming that all the 
potential energy of the diver is converted into kinetic energy 
at the surface of the water, at what speed, in m/s, will the 
diver enter the water? (c) Does the diver do work on entering 
the water? Explain. 

Consider the combustion of a single molecule of CH4(8), 
forming H,O(/) as a product. (a) How much energy, in J, 
is produced during this reaction? (b) A typical X-ray light 
source has an energy of 8 keV (see inside back cover for 
conversion between eV and J). Is the energy released by the 
combustion of a CH, molecule larger or smaller than the en- 
ergy of an X-ray from this source? 

Consider the following unbalanced oxidation-reduction 
reactions in aqueous solution: 


Ag*(aq) + Li(s) — Ag(s) + Li*(aq) 
Fe(s) + Na*(aq) —> Fe?* (aq) + Na(s) 
K(s) + H,O(1) —> KOH(aq) + Ho(g) 


(a) Balance each of the reactions. (b) By using data in 
Appendix C, calculate AH’ for each of the reactions. 
(c) Based on the values you obtain for AH°, which of the re- 
actions would you expect to be thermodynamically favored? 
(d) Use the activity series to predict which of these reactions 
should occur. Are these results in accord with your conclu- 
sion in part (c) of this problem? 

Consider the following acid-neutralization reactions involv- 
ing the strong base NaOH (aq): 


HNO3(aq) + NaOH(aq) —> NaNO;(aq) + H20(1) 
HCl(aq) + NaOH(aq) —> NaCl(aq) + H20(1) 
NH," (aq) +NaOH(aq) —> NH3(aq) + Na*(aq) + H,O0(1) 


(a) By using data in Appendix C, calculate AH” for each of 
the reactions. (b) As we saw in Section 4.3, nitric acid and 
hydrochloric acid are strong acids. Write net ionic equations 
for the neutralization of these acids. (c) Compare the values 
of AH’ for the first two reactions. What can you conclude? 
(d) In the third equation NH4 (aq) is acting as an acid. Based 
on the value of AR’ for this reaction, do you think it is a 
strong or a weak acid? Explain. 
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5.129 


5.130 


5.131 


Consider two solutions, the first being 50.0 mL of 
1.00 M CuSO, and the second 50.0 mL of 2.00 M KOH. 
When the two solutions are mixed in a constant-pressure 
calorimeter, a precipitate forms and the temperature of the 
mixture rises from 21.5 to 27.7 °C. (a) Before mixing, how 
many grams of Cu are present in the solution of CuSO,? 
(b) Predict the identity of the precipitate in the reaction. 
(c) Write complete and net ionic equations for the reaction 
that occurs when the two solutions are mixed. (d) From the 
calorimetric data, calculate AH for the reaction that occurs 
on mixing. Assume that the calorimeter absorbs only a neg- 
ligible quantity of heat, that the total volume of the solution 
is 100.0 mL, and that the specific heat and density of the 
solution after mixing are the same as those of pure water. 


The precipitation reaction between AgNO3(aq) and NaCl(aq) 
proceeds as follows: 


AgNO3(aq) + NaCl(aq) ——> NaNO;(aq) + AgCl(s) 


(a) By using data in Appendix C, calculate AH” for the net 
ionic equation of this reaction. (b) What would you expect 
for the value of AH’ of the overall molecular equation com- 
pared to that for the net ionic equation? Explain. (c) Use the 
results from (a) and (b) along with data in Appendix C to de- 
termine the value of AHP for AgNO3(aq). 

A sample of a hydrocarbon is combusted completely in 
O2(g) to produce 21.83 g COo(g), 4.47 g H2O(g), and 311 kJ of 
heat. (a) What is the mass of the hydrocarbon sample that 
was combusted? (b) What is the empirical formula of the 
hydrocarbon? (c) Calculate the value of AHP per empirical- 
formula unit of the hydrocarbon. (d) Do you think that the 
hydrocarbon is one of those listed in Appendix C? Explain 
your answer. 

The methane molecule, CHy, has the geometry shown in 
Figure 2.15. Imagine a hypothetical process in which the 
methane molecule is “expanded,” by simultaneously ex- 
tending all four C—H bonds to infinity. We then have the 
process 


CH4(g) —> C(g) + 4H(g) 


(a) Compare this process with the reverse of the reaction 
that represents the standard enthalpy of formation of 
CH,(g). (b) Calculate the enthalpy change in each case. 
Which is the more endothermic process? What accounts 
for the difference in AH” values? (c) Suppose that 3.45 g 
CH,(g) reacts with 1.22 g F,(g), forming CF,(g) and HF(g) 
as sole products. What is the limiting reagent in this re- 
action? If the reaction occurs at constant pressure, what 
amount of heat is evolved? 
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Design an Experiment 


One of the important ideas of thermodynamics is that energy can be 
transferred in the form of heat or work. Imagine that you lived 180 
years ago when the relationships between heat and work were not 
well understood. You have formulated a hypothesis that work can 
be converted to heat with the same amount of work always gener- 
ating the same amount of heat. To test this idea, you have designed 
an experiment using a device in which a falling weight is connected 
through pulleys to a shaft with an attached paddle wheel that is im- 
mersed in water. This is actually a classic experiment performed by 
James Joule in the 1840s. You can see various images of Joule’s appa- 
ratus by searching the internet for “Joule experiment images.” 


(a) Using this device, what measurements would you need to make 
to test your hypothesis? (b) What equations would you use in an- 
alyzing your experiment? (c) Do you think you could obtain a rea- 
sonable result from a single experiment? Why or why not? (d) In 
what way could the precision of your instruments affect the con- 
clusions that you make? (e) List ways that you could modify the 
equipment to improve the data you obtain if you were performing 
this experiment today instead of 180 years ago. (f) Give an example 
of how you could demonstrate the relationship between heat anda 
form of energy other than mechanical work. 
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The beginning of the twentieth century was truly one of the most revolutionary peri- 
ods of scientific discovery. Two theoretical developments caused dramatic changes 
in our view of the universe. The first, Einstein’s theory of relativity, forever changed 
our views of the relationships between space and time. The second—which will be 
the focus of this chapter—is quantum theory, which explains much of the behavior of 
electrons in atoms. 

We begin by looking at the nature of light and how our description of light was 
changed by quantum theory. We will explore some of the tools used in quantum mechan- 
ics, the “new” physics that had to be developed to describe atoms correctly. We will then 
use quantum theory to describe the arrangements of electrons in atoms—what we call 
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the electronic structure of atoms. We will see that the quantum description of the 
electronic structure of atoms helps us to understand the arrangement of the elements 
in the periodic table—why, for example, helium and neon are both unreactive gases, 
whereas sodium and potassium are both soft, reactive metals. 

By the end of this section, you should be able to 


e Describe a wave in terms of its wavelength and frequency 


Much of our present understanding of the electronic structure of atoms has come from 
analysis of the light either emitted or absorbed by substances. To understand electronic 
structure, therefore, we must first learn more about light. The light we see with our eyes, 
visible light, is one type of electromagnetic radiation. Because electromagnetic radia- 
tion carries energy through space, it is also known as radiant energy. 

There are many types of electromagnetic radiation in addition to visible light. These 
different types—radio waves, infrared radiation (heat), X rays—may seem very different 
from one another, but they all share certain fundamental characteristics. 

All types of electromagnetic radiation move through a vacuum at 2.998 x 10° m/s, 
the speed of light. All have wave-like characteristics similar to those of waves that move 
through water. Water waves are the result of energy imparted to the water, perhaps by 
a dropped stone or the movement of a boat across the water’s surface (Figure 6.1). This 
energy is expressed as the up-and-down movements of the water. 

A cross section of a water wave (Figure 6.2) shows that it is periodic, which means that 
the pattern of peaks and troughs repeats itself at regular intervals. The distance between 
two adjacent peaks (or between two adjacent troughs) is called the wavelength. The 
number of complete wavelengths, or cycles, that pass a given point each second is the 
frequency of the wave. 

Just as with water waves, we can assign a frequency and wavelength to electromag- 
netic waves, as illustrated in Figure 6.3. These and all other wave characteristics of electro- 
magnetic radiation are due to the periodic oscillations in the intensities of the electric 
and magnetic fields associated with the radiation. 

The speed of water waves can vary depending on how they are created—for example, 
the waves produced by a speed boat travel faster than those produced by a rowboat. In 
contrast, all electromagnetic radiation moves at the same speed, namely, the speed of light. As a 
result, the wavelength and frequency of electromagnetic radiation are always related in a 
straightforward way. If the wavelength is long, fewer cycles of the wave pass a given point 
per second, and so the frequency is low. Conversely, for a wave to have a high frequency, 
it must have a short wavelength. This inverse relationship between the frequency and 
wavelength of electromagnetic radiation is expressed by the equation 


Av =C [6.1] 


where A (lambda) is wavelength, v (nu) is frequency, and cis the speed of light. 

Why do different types of electromagnetic radiation have different properties? 
Their differences are due to their different wavelengths. Figure 6.4 shows the various 
types of electromagnetic radiation arranged in order of increasing wavelength, a dis- 
play called the electromagnetic spectrum. Notice that the wavelengths span an enor- 
mous range. The wavelengths of gamma rays are comparable to the diameters of atomic 
nuclei, whereas the wavelengths of radio waves can be longer than a football field. 
Notice also that visible light, which corresponds to wavelengths of about 400 to 750 nm 
(4 x 10°7to7 x 1077m), is an extremely small portion of the electromagnetic spec- 
trum. The unit of length chosen to express wavelength depends on the type of radiation, 
as shown in Table 6.1. 

Frequency is expressed in cycles per second, a unit also called a hertz (Hz). 
Because it is understood that cycles are involved, the units of frequency are normally 
given simply as “per second,” which is denoted by s~! or /s. For example, a frequency 
of 698 megahertz (MHz), a typical frequency for a cellular telephone, could be written 
as 698 MHz, 698,000,000 Hz, 698,000,000 s~ t, or 698,000,000/s. 


A Figure 6.1 Water waves. The movement 
of a boat through the water forms waves. 
The regular variation of peaks and troughs 
enables us to sense the motion of the waves 
away from the boat. 


The frequency is the number 
of complete waves passing 
any point per second. 


Wavelength 


Wave trough 


A Figure 6.2 Water waves. The wavelength 
is the distance between two adjacent peaks 
or two adjacent troughs. 


W. Go Figure 


If wave (a) has a wavelength of 

2.0 m and a frequency of 1.5 x 10° 
cycles/s, what are the wavelength 
and frequency of wave (b)? 


Wavelength A 


(a) 


(b) 


A Figure 6.3 Electromagnetic waves. Like 
water waves, electromagnetic radiation can 
be characterized by a wavelength. Notice 
that the shorter the wavelength, A, the 
greater the frequency, v. The wavelength 
in (b) is half as long as that in (a), and the 
frequency of the wave in (b) is therefore 
twice as great as that in (a). 
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W. Go Figure Is the wavelength of a microwave longer or shorter than the wavelength of visible 
light? By how many orders of magnitude do the two waves differ in wavelength? 


Wavelength (m) > 
1071 10" 107 10 10 107 10 10° 
| | | | | | | | i | | | | | | | 
1 I I I 
Gamma xX rays | Ultra” | Infrared Microwaves! Radio frequency 
rays l ı violet f f 
l l l 
| | 


] | | | | ] ] ] ] | | | | ] ] ] ] 
1022 108 10% | 11014 1012 10% 108 10° 104 


= e y 


Frequency (s7!) 


400 500 600 700 750 nm 


A Figure 6.4 The electromagnetic spectrum.* Wavelengths in the spectrum range from very short 
gamma rays to very long radio waves. 


TABLE 6.1 Common Wavelength Units for Electromagnetic Radiation 


Unit Symbol Length (m) Type of Radiation 
Angstrom Å Y X ray 

Nanometer nm 107°? Ultraviolet, visible 
Micrometer um 10-6 Infrared 
Millimeter mm 1078 Microwave 
Centimeter cm 1072 Microwave 

Meter m 1. Television, radio 
Kilometer km 1000 Radio 


= Sample Exercise 6.1 
D Concepts of Wavelength and Frequency 


Two electromagnetic waves are represented in the margin. (a) Which 
wave has the higher frequency? (b) If one wave represents visible 
light and the other represents infrared radiation, which wave is 


which? Wave 2 
SOLUTION 
(a) Wave 1 has a longer wavelength (greater distance between 

peaks). The longer the wavelength, the lower the frequency Wave 1 


(v = c/X). Thus, Wave 1 has the lower frequency, and Wave 2 
has the higher frequency. 


(b) The electromagnetic spectrum (Figure 6.4) indicates that 
infrared radiation has a longer wavelength than visible light. 
Thus, Wave 1 is infrared radiation. 


> Practice Exercise 
A source of electromagnetic radiation produces infrared light. 
Which of the following could be the wavelength of the light? 
(a) 3.0 nm (b) 4.7 cm (c) 66.8 m (d) 34.5 um (e) 16.5 Å 


* Based on B. A. Averill and P. Eldredge, Chemistry: Principles, Patterns, and Applications 1e, 
© 2007 Pearson Education, Inc. 


= Sample Exercise 6.2 


D Calculating Frequency from Wavelength 


of this radiation? 


SOLUTION 


Analyze We are given the wavelength, A, of the radiation and asked 
to calculate its frequency, v. 


Plan The relationship between the wavelength and the frequency 
is given by Equation 6.1. We can solve for v and use the values 

of A and c to obtain a numerical answer. (The speed of light, c, is 
3.00 x 108 m/s to three significant figures.) 


Solve Solving Equation 6.1 for frequency gives v = c/A. When we 
insert the values for c and A, we note that the units of length in these 
two quantities are different. We use a conversion factor to convert 
the wavelength from nanometers to meters, so the units cancel: 


c G x = lnm ) 
i 589 nm 10? mt 


= 5.09 x 10!4s7! 
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The yellow light given off by a sodium vapor lamp used for public lighting has a wavelength of 589 nm. What is the frequency 


Check The high frequency is reasonable because of the short wave- 
length. The units are proper because frequency has units of “per 


second,” or s71. 


Practice Exercise 

(a) A laser used in orthopedic spine surgery produces radia- 
tion with a wavelength of 2.10 um. Calculate the frequency 

of this radiation. (b) An FM radio station broadcasts electro- 
magnetic radiation at a frequency of 103.4 MHz (megahertz; 
1 MHz = 10ćs~!). Calculate the wavelength of this radiation. 
The speed of light is 2.998 x 10° m/s to four significant 
figures. 


Self-Assessment Exercise 


6.1 The broadcast frequency of a local radio station is 106.5 MHz. 
What is the wavelength of the broadcast radio waves? 


(a) 0.355m 
(b) 2.82 m 
(c) 2.82 x 10°m 


Exercises 


6.2 Label each of the following statements as true or false. For 
those that are false, correct the statement. (a) Visible light is 
a form of electromagnetic radiation. (b) Ultraviolet light has 
longer wavelengths than visible light. (c) X rays travel faster 
than microwaves. (d) Electromagnetic radiation and sound 
waves travel at the same speed. 


6.3 Arrange the following kinds of electromagnetic radiation 
in order of increasing wavelength: infrared, green light, red 
light, radio waves, X rays, ultraviolet light. 


6.4 The wavenumber A is the number of waves that exist over a 
specified distance, very often 1 cm. The wavenumber can eas- 
ily be calculated by taking the reciprocal of the wavelength. 


Give typical wavenumbers for (a) X-rays (A = 1 nm) (b) visi- 
ble light (A = 500 nm) (c) microwaves (A = 1 mm). 


6.5 (a) What is the frequency of radiation that has a wavelength 
of 10 um, about the size of a bacterium? (b) What is the wave- 
length of radiation that has a frequency of 5.50 x 10'4s~1? 
(c) Would the radiations in part (a) or part (b) be visible to 
the human eye? (d) What distance does electromagnetic 
radiation travel in 50.0 us? 


6.6 A laser pointer used in a lecture hall emits light at 650 nm. 
What is the frequency of this radiation? Using Figure 6.4, 
predict the color associated with this wavelength. 
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yv Go Figure 


Which is at a higher temperature: the 
part of the nail glowing yellow or the 
part glowing red? 


A Figure 6.5 Color and temperature. The 
color and intensity of the light emitted by 
a hot object, such as this nail, depend on 
the temperature of the object. 


6.2 | Quantized Energy and Photons 


White light, a combination of the colors of the visible spectrum, surrounds us and consists 
of all the wavelengths in the range 400-750 nm. A little more unusual is the light emitted 
from a laser, which consists of just a single wavelength, a result of a quantized process. In 
recent times, the application of laser technology has entered many areas of life: bar code 
readers, levels used in building construction, welding equipment, surgery, mapping, com- 
munication, military applications, and spectacular displays put on for our entertainment. 
The first laser was built in 1960, the name coming from the acronym ‘Light Amplification 
by Stimulated Emission of Radiation’. 
By the end of this section, you should be able to 


e Explain what photons are and be able to calculate their energies given either their 
frequency or wavelength. 


Although the wave model of light explains many aspects of the behavior of light, several obser- 
vations cannot be resolved by this model. Three of these are particularly pertinent to our 
understanding of how electromagnetic radiation and atoms interact: (1) the emission of 
light from hot objects (referred to as blackbody radiation because the objects studied appear 
black before heating), (2) the emission of electrons from metal surfaces on which light shines 
(the photoelectric effect), and (3) the emission of light from electronically excited gas atoms 
(emission spectra). We examine the first two phenomena here and the third in Section 6.3. 


Hot Objects and the Quantization of Energy 


When solids are heated, they emit radiation, as seen in the red glow of an electric stove 
burner or the bright white light of a tungsten light bulb. The wavelength distribution of 
the radiation depends on temperature; a red-hot object, for instance, is cooler than a yel- 
lowish or white-hot one (Figure 6.5). During the late 1800s, a number of physicists stud- 
ied this phenomenon, trying to understand the relationship between the temperature 
and the intensity and wavelength of the emitted radiation. The prevailing laws of physics 
could not account for the observations. 

In 1900, a German physicist named Max Planck (1858-1947) solved the problem 
by making a daring assumption: He proposed that energy can be either released or absorbed 
by atoms only in discrete “chunks” of some minimum size. Planck gave the name quantum 
(meaning “fixed amount”) to the smallest quantity of energy that can be emitted or absorbed 
as electromagnetic radiation. He proposed that the energy, E, of a single quantum equals a 
constant times the frequency of the radiation: 


E = hv [6.2] 


SECTION 6.2 Quantized Energy and Photons 279 


The constant h is called the Planck constant and has a value of 6.626 xX 10° *4joule- 
second (J-s). 

According to Planck’s theory, matter can emit and absorb energy only in whole num- 
ber multiples of hv, such as hv, 2hv, 3hv, and so forth. If the quantity of energy emitted by 
an atom is 3hv, for example, we say that three quanta of energy have been emitted (quanta 
being the plural of quantum). Because the energy can be released only in specific amounts, 
we say that the allowed energies are quantized—their values are restricted to certain quan- 
tities. Planck’s revolutionary proposal that energy is quantized was proved correct, and he 
was awarded the 1918 Nobel Prize in Physics for his work on quantum theory. 

If the notion of quantized energies seems strange, it might be helpful to draw an 
analogy by comparing a ramp and a staircase (Figure 6.6). As you walk up a ramp, your 
potential energy increases in a uniform, continuous manner. When you climb a stair- 
case, you can step only on individual stairs, not between them, so that your potential 
energy is restricted to certain values and is therefore quantized. 

If Planck’s quantum theory is correct, why are its effects not obvious in our daily lives? 
Why do energy changes seem continuous rather than quantized, or “jagged”? Notice that 
the Planck constant is an extremely small number. Thus, a quantum of energy, hv, is an 
extremely small amount. Planck’s rules regarding the gain or loss of energy are always the 
same, whether we are concerned with objects on the scale of our ordinary experience or 
with microscopic objects. With everyday objects, however, the gain or loss of a single quan- 
tum of energy is so small that it goes completely unnoticed. In contrast, when dealing with 
matter at the atomic level, the impact of quantized energies is far more significant. 


The Photoelectric Effect and Photons 


A few years after Planck presented his quantum theory, scientists began to see its 
applicability to many experimental observations. In 1905, Albert Einstein (1879- 
1955) used Planck’s theory to explain the photoelectric effect (Figure 6.7). Light 
shining on a clean metal surface causes electrons to be emitted from the surface. 
A minimum frequency of light, different for different metals, is required for the 
emission of electrons. For example, light with a frequency of 4.60 x 10!4s~1 or 
greater causes cesium metal to emit electrons, but if the light has frequency less than 
that, no electrons are emitted. 

To explain the photoelectric effect, Einstein assumed that the radiant energy strik- 
ing the metal surface behaves like a stream of tiny energy packets. Each packet, which is 
like a “particle” of energy, is called a photon. Extending Planck’s quantum theory, Ein- 
stein deduced that each photon must have an energy equal to the Planck constant times 
the frequency of the light: 


Energy of photon = E = hv [6.3] 


Thus, radiant energy itself is quantized. 

Under the right conditions, photons striking a metal surface can transfer their 
energy to electrons in the metal. A certain amount of energy—called the work function— 
is required for the electrons to overcome the attractive forces holding them in 
the metal. If the photons striking the metal have less energy than the work function, the 
electrons do not acquire sufficient energy to escape from the metal. Increasing the inten- 
sity of the light source doesn’t lead to emission of electrons from the metal; only chang- 
ing the frequency of the incoming light has that effect. The intensity (brightness) of the 
light is related to the number of photons striking the surface per unit time but not to the 
energy of each photon. When the frequency is such that photons have energy greater 
than the work function of the particular metal, electrons are emitted; any excess energy 
of the photon is converted into kinetic energy of the emitted electron. Einstein won the 
Nobel Prize in Physics in 1921 primarily for his explanation of the photoelectric effect. 

To better understand what a photon is, imagine you have a light source that pro- 
duces radiation of a single wavelength. Further suppose that you could switch the light 
on and off faster and faster to provide ever-smaller bursts of energy. Einstein’s photon 
theory tells us that you would eventually come to the smallest energy burst, given by 
E = hv. This smallest burst consists of a single photon of light. 


? 


Potential energy of person walking 
up ramp increases in uniform, 
continuous manner 


® 


Potential energy of person walking 
up steps increases in stepwise, 
quantized manner 


A Figure 6.6 Quantized versus continuous 
change in energy. 


W Go Figure 


If the frequency of the incoming light 
is increased, will the energy of the 
ejected electrons increase, decrease, 
or stay the same? 


Electrons emitted 
Photon hits surface from surface by 


with energy hv energy of photon 


A 
Metal surface 


A Figure 6.7 The photoelectric effect. 
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a Sample Exercise 6.3 


D Energy of a Photon 


Calculate the energy of one photon of yellow light that has a wavelength of 589 nm. 


SOLUTION 

Analyze Our task is to calculate the energy, E, of a photon, given its Plan We can use Equation 6.1 to convert the wavelength to 

wavelength, A = 589 nm. frequency: v = c/A. We can then use Equation 6.3 to calculate 
energy: E = hv 


Solve The frequency, v, is calculated from the given wavelength, as 


shown in Sample Exercise 6.2: v = (3.00 x 10° nt/s)/(589 x 10°? nt) = 5.09 x 10!4s7! 


The value of the Planck constant, h, is given both in the text and 
in the table of physical constants on the inside back cover of the 
text; thus we can easily calculate E: E = (6.626 x 107*“J-s)(5.09 x 10'4s>*) = 3.37 x 10° 'J 
> Practice Exercise 
Which of the following expressions correctly gives the energy 
of a mole of photons with wavelength A? 


Comment If one photon of radiant energy supplies 3.37 x 10~!°J, 
we calculate that one mole of these photons will supply: 


(6.02 x 1023 photons/mol)(3.37 x 107!°J/photon) 
= 2.03 x 10°J/mol 


hc 
À 


h h h 
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The idea that the energy of light depends on its frequency helps us understand 
the diverse effects that different kinds of electromagnetic radiation have on matter. For 
example, because of the high frequency (short wavelength) of X rays (Figure 6.4), X-ray 
photons cause tissue damage, which is why warning signs are posted around X-ray 
equipment. 

Although Finstein’s theory of light as a stream of photons rather than a wave 
explains the photoelectric effect and a great many other observations, it also poses 
a dilemma. Is light a wave, or does it consist of particles? The only way to resolve this 
dilemma is to adopt what might seem to be a bizarre position: We must consider that 
light possesses both wave-like and particle-like characteristics and, depending on the sit- 
uation, will behave more like waves or more like particles. We will soon see that this dual 
wave-particle nature is also a characteristic trait of matter. 


Self-Assessment Exercise 


6.7 Which photon of light has the higher energy? 
(a) UV radiation with a wavelength of 450 nm 


(b) A red laser pointer with a wavelength of 635 nm 


(c) A microwave oven operating with a wavelength of 
12.24 cm 


Exercises 


6.8 If human height were quantized in 1 cm increments, what 6.9 (a) Calculate the energy of a photon of electromagnetic 


would happen to the height of a child as she grows up: 
(i) the child’s height would never change, (ii) the child’s 
height would continuously increase, (iii) the child’s height 
would increase in jumps of 6 cm, or (iv) the child’s height 
would increase in “jumps” of 1 cm at a time? 


radiation whose frequency is 2.94 x 10'*s~!. (b) Calculate 
the energy of a photon of radiation whose wavelength is 
413 nm. (c) What wavelength of radiation has photons of 
energy 6.06 x 10° 19J? 


6.10 


6.11 


(a) Calculate and compare the energy of a photon of 
wavelength 3.0 mm with that of wavelength 0.3 nm. 
(b) Use Figure 6.4 to identify the region of the electromag- 
netic spectrum to which each belongs. 


One type of sunburn occurs on exposure to UV light of 
wavelength in the vicinity of 325 nm. (a) What is the energy 
of a photon of this wavelength? (b) What is the energy of 
a mole of these photons? (c) How many photons are ina 
1.00 mJ burst of this radiation? (d) These UV photons can 
break chemical bonds in your skin to cause sunburn—a 
form of radiation damage. If the 325-nm radiation provides 
exactly the energy to break an average chemical bond in the 
skin, estimate the average energy of these bonds in kJ/mol. 


6.12 


6.13 
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A diode laser emits at a wavelength of 987 nm. (a) In what por- 
tion of the electromagnetic spectrum is this radiation found? 
(b) All of its output energy is absorbed in a detector that mea- 
sures a total energy of 0.52 J over a period of 32 s. How many 
photons per second are being emitted by the laser? 


Molybdenum metal must absorb radiation with an energy 
higher than 7.22 x 107!°J (“energy threshold”) before it can 
eject an electron from its surface via the photoelectric effect. 
(a) What is the frequency threshold for emission of electrons? 
(b) What wavelength of radiation will provide a photon of this 
energy? (c) If molybdenum is irradiated with light of wave- 
length of 240 nm, what is the maximum possible velocity of 
the emitted electrons? 
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6.3 | Line Spectra and the Bohr Model 


The work of Planck and Einstein paved the way for understanding how electrons are 
arranged in atoms. In 1913, the Danish physicist Niels Bohr (1885-1962) offered a 
theoretical explanation of line spectra, another phenomenon that had puzzled scien- 
tists during the nineteenth century. We will see that Bohr used the ideas of Planck and 
Einstein to explain the line spectrum of hydrogen. 

By the end of this section, you should be able to 


e Explain how line spectra relate to the idea of quantized energy states of electrons in 
atoms. 


Line Spectra 


A particular source of radiant energy may emit a single wavelength, as in the light from 
a laser. Radiation composed of a single wavelength is monochromatic. However, most 
common radiation sources, including incandescent light bulbs and stars, produce radi- 
ation containing many different wavelengths, polychromatic radiation. A spectrum is 
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> Figure 6.8 Creating a spectrum. A 
continuous visible spectrum is produced 
when a narrow beam of white light is passed 
through a prism. The white light could be 
sunlight or light from an incandescent lamp. 


> Figure 6.9 Atomic emission of hydrogen 
and neon. Different gases emit light of 
different characteristic colors when an 
electric current is passed through them. 


> Figure 6.10 Line spectra of hydrogen and 
neon. The colored lines occur at wavelengths 
present in the emission. The black regions 
are wavelengths for which no light is 
produced in the emission. 


produced when radiation from a polychromatic source is separated into its component 
wavelengths, as shown in Figure 6.8. The resulting spectrum consists of a continuous 
range of colors—violet merges into indigo, indigo into blue, and so forth, with no (or 
very few) blank spots. This rainbow of colors, containing light of all wavelengths, is 
called a continuous spectrum. The most familiar example of a continuous spectrum 
is the rainbow produced when raindrops or mist acts as a prism for sunlight. 

Not all radiation sources produce a continuous spectrum. When a high voltage is 
applied to tubes that contain different gases under reduced pressure, the gases emit dif- 
ferent colors of light (Figure 6.9). The light emitted by neon gas is the familiar red-orange 
glow of many “neon” lights, whereas sodium vapor emits the yellow light characteristic 
of some streetlights. When light coming from such tubes is passed through a prism, only 
a few wavelengths are present in the resultant spectra (Figure 6.10). Each colored line in 
such spectra represents light of one wavelength. A spectrum containing radiation of only 
specific wavelengths is called a line spectrum. 


Screen 


; f Prism 
Light Slit 


source 


Neon (Ne) Hydrogen (H) 


H 


400 450 500 550 600 650 700 nm 


Ne 


400 450 500 550 600 650 700 nm 
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When scientists first detected the line spectrum of hydrogen in the mid-1800s, 
they were fascinated by its simplicity. At that time, only four lines at wavelengths of 
410 nm (violet), 434 nm (blue), 486 nm (blue-green), and 656 nm (red) were observed 
(Figure 6.10). In 1885, a Swiss schoolteacher named Johann Balmer showed that the 
wavelengths of these four lines fit an intriguingly simple formula that relates the 
wavelengths to integers. Later, additional lines were found in the ultraviolet and infra- 
red regions of hydrogen’s line spectrum. Soon Balmer’s equation was extended to a 
more general one, called the Rydberg equation, which allows us to calculate the wave- 
lengths of all the spectral lines of hydrogen: 


À (Ri L 5) [6.4] 


ni n% 


In this formula, A is the wavelength of a spectral line, Ry is the Rydberg constant 
(1.096776 x 10’m~“!), and m and m are positive integers, with m being larger than 
nı. How could the remarkable simplicity of this equation be explained? It took nearly 30 
more years to answer this question. 


Bohr’s Model 


Rutherford’s discovery of the nuclear atom suggested that an atom might be thought of 
as a “microscopic solar system” in which the electrons orbit the nucleus. To explain the 
line spectrum of hydrogen, Bohr assumed that electrons in hydrogen atoms move in cir- 
cular orbits around the nucleus, but this assumption posed a problem. According to clas- 
sical physics, a charged particle (such as an electron) moving in a circular path should 
continuously lose energy. As an electron loses energy, therefore, it should spiral into the 
positively charged nucleus. This behavior, however, does not happen—hydrogen atoms 
are stable. So how can we explain this apparent violation of the laws of physics? Bohr 
approached this problem in much the same way that Planck had approached the prob- 
lem of the nature of the radiation emitted by hot objects: He assumed that the prevailing 
laws of physics were inadequate to describe all aspects of atoms. Furthermore, he adopted 
Planck’s idea that energies are quantized. 
Bohr based his model on three postulates: 


1. Only orbits of certain radii, corresponding to certain specific energies, are permitted 
for the electron in a hydrogen atom. 


2. An electron in a permitted orbit is in an “allowed” energy state. An electron in an 
allowed energy state does not radiate energy and, therefore, does not spiral into the 
nucleus. 

3. Energy is emitted or absorbed by the electron only as the electron changes from one 
allowed energy state to another. This energy is emitted or absorbed as a photon that 
has energy E = hv. 


The Energy States of the Hydrogen Atom 


Starting with his three postulates and using classical equations for motion and for interacting 
electrical charges, Bohr calculated the energies corresponding to the allowed orbits for the 
electron in the hydrogen atom. Ultimately, the calculated energies fit the formula 


E = ( ncky)( 4) ( 2.18 x 10-*p(4) [6.5] 


where h, c, and Ry are the Planck constant, the speed of light, and the Rydberg constant, 
respectively. The integer n, which can have whole-number values of 1, 2, 3, ..., is called 
the principal quantum number. 

Each allowed orbit corresponds to a different value of n. The radius of the orbit gets 
larger as n increases. Thus, the first allowed orbit (the one closest to the nucleus) has 
n = 1, the next allowed orbit (the one second closest to the nucleus) has n = 2, and so 
forth. The electron in the hydrogen atom can be in any allowed orbit, and Equation 6.5 
tells us the energy the electron has in each allowed orbit. 
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NA Go Figure Note that the energies of the electron given by Equation 6.5 are negative for 
If the transition of an electron from energy is lowest (most negative) for n = 1. As n gets larger, the energy becomes less neg- 
then = 3 state to then = 2 state ative and therefore increases. We can liken the situation to a ladder in which the rungs 
results in emission of visible light, is are numbered from the bottom. The higher one climbs (the greater the value of n), 
the transition from the n = 2 state the higher the energy. The lowest-energy state (n = 1, analogous to the bottom rung) 
to the n = 1 state more likely to is called the ground state of the atom. When the electron is in a higher-energy state 
result in the emission of infrared or (n = 2 or higher), the atom is said to be in an excited state. Figure 6.11 shows the 
ultraviolet radiation? allowed energy levels for the hydrogen atom for several values of n. 

What happens as n becomes infinitely large? The radius increases and the energy of 


all values of n. The lower (more negative) the energy is, the more stable the atom is. The 


attraction between the electron and the nucleus approaches zero, so when n = © the 


eee E ARRS +0 
t hcRy E 5 electron is completely separated from the nucleus and the energy of the electron is zero: 
1 3 
—5 hcR 1 
eae! E = (-2.18 x 10 *y(3) =0 
o0 
A hcRy 2 
$ | The state in which the electron is completely separated from the nucleus is called the refer- 
ence, or zero-energy, state of the hydrogen atom. 
= In his third postulate, Bohr assumed that the electron can “jump” from one 
Ss allowed orbit to another by either absorbing or emitting photons whose radiant 
E energy corresponds exactly to the energy difference between the two orbits. The elec- 
= tron must absorb energy in order to move to a higher-energy state (higher value of n). 
A = Conversely, radiant energy is emitted when the electron jumps to a lower-energy state 
D S (lower value of n). 
ks EA Let’s consider a case in which the electron jumps from an initial state with principal 
SS quantum number n; and energy E£; to a final state with principal quantum number n; and 
Z energy E;. Using Equation 6.5, we see that the change in energy for this transition is 
E 
1 1 
=hcRy 1 AE = E; — E, = (—2.18 x 107!) = - [6.6] 
no ony 


A Figure 6.11 Energy levels in the 
saris atom Rae Bohr model. What is the significance of the sign of AE? Notice that AE is positive when ™ is greater 


The arrows refer to the transitions of the than n. That makes sense to us because that means the electron is jumping to a high- 
electron from one allowed energy state to er-energy orbit. Conversely, AE is negative when 7; is less than n; the electron is falling 
another. The states shown are those for which in energy to a lower-energy orbit. 

n = 1 through n = 6 and the state for 


; As noted earlier, transitions from one allowed state to another will involve a pho- 
n = œ for which the energy, E, equals zero. 


ton. The energy of the photon (Ephoton) must equal the difference in energy between the two 

states (AE). When AE is positive, a photon must be absorbed as the 

Ww GofFi ‘ igi i electron jumps to a higher energy. When AE is negative, a pho- 
Ní WaT) Which transition will lead to the eee 

ton is emitted as the electron falls to a lower-energy level. In both 


emission of light with longer 
cases, the energy of the photon must match the energy difference 


wavelength, n = 3 ton = 2, or 


n=Aton= 3? between the states. Because the frequency v is always a positive 
number, the energy of the photon (hv) must always be positive. 
Qussesesss n= Thus, the sign of AE tells us whether the photon is absorbed or 
2; emitted: 
m= Excited states AE > 0 (n > n): Photon absorbed with Ephoton = hv = AE 


AE < O (m < n): Photon emitted with Ephoton = hv = —AE [6.7] 


~ 


Transition from n; = 
2 to n = 1. AE <0, 
photon is emitted. 


These two situations are summarized in Figure 6.12. We see that 
Bohr’s model of the hydrogen atom leads to the conclusion that 
only the specific frequencies of light that satisfy Equation 6.7 can be 
absorbed or emitted by the atom. 

Let’s see how to apply these concepts by considering a transi- 


= 100} 


Transition from n, = 1 
ton = 2. AE > 0, 
photon is absorbed. tion in which the electron moves from n; = 3 to m = 1. From Equa- 


á tion 6.6 we have 


Energy X 109 (J/atom) 


—2004 
AR 


n=1 


Ground state 1 1 
AE = (-2.18 x 10-*p(5 - 3) 
A Figure 6.12 Change in energy states for absorption and emission 1 


i 8 
of a photon in a hydrogen atom. = (-2.18 x 10-*(3) = —1.94 x 10718] 
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The value of AE is negative—that makes sense because the electron is falling from a higher- 
energy orbit (n = 3) to a lower-energy orbit (n = 1). A photon is emitted during this transi- 
tion, and the energy of the photon is equal to Epnoton = hv = —AE = +1.94 x 10718). 

Knowing the energy of the emitted photon, we can calculate either its frequency 
or its wavelength. For the wavelength, we combine Equations 6.1 (A = c/v) and 6.3 
(Epnoton = hv) to obtain 


c hc hc _ (6.626 x 107°*]J-8)(2.998 x 10° m/s) 


À = = 
v Ephoton —AE +1.94 x 10-187 


= 1.02 x 1077m 


Thus, a photon of wavelength 1.02 x 1077 m (102 nm) is emitted. 

We are now in a position to understand the remarkable simplicity of the line spectra 
of hydrogen, first discovered by Balmer. We recognize that the line spectra are the result 
of emission, so Ephoton = hv = hc/A = —AE for these transitions. Combining Equations 6.5 
and 6.6, we see that 


h 1 1 
Ephoton x AE neral 72 ) (for emission) 
i 


which gives us 


1 ea 1 1 ) ( 1 1 ) 
= =R ,wh <n, 
Xd he n? n? H! n? n? where Mp ni 


Thus, the existence of discrete spectral lines can be attributed to the quantized jumps of 
electrons between energy levels. 


SSA Sample Exercise 6.4 


D Electronic Transitions in the Hydrogen Atom 


In the Bohr model of the hydrogen atom, electrons are confined to orbits with fixed radii, and those radii can be calculated. 
The radii of the first four orbits are 0.53, 2.12, 4.76, and 8.46 A, respectively, as depicted here. 

(a) If an electron makes a transition from the n; = 4 level to a lower-energy level, n = 3, 2, or 1, which transition would 
produce a photon with the shortest wavelength? 

(b) What are the energy and wavelength of such a photon, and in which region of the electromagnetic spectrum does it lie? 


(c) The image on the right shows the output of a detector that measures the intensity of light emitted from a sample of hydrogen atoms that 
have been excited so that each atom begins with an electron in the n = 4 state. What is the final state, n, of the transition being detected? 


Intensity of emmitted light 


| 
300 400 500 600 700 800 900 


Wavelength (nm) 
SOLUTION 
Analyze We are asked to determine the energy and wavelength Plan Given the integers representing the initial and final states of 
associated with various transitions involving an electron relaxing the electron, we can use Equation 6.6 to calculate the energy of 
from the n = 4 state of the hydrogen atom to one of three lower- the photon emitted and then use the relationships E = hv and 
energy states. c = vA to convert energy to wavelength. The photon with the 


highest energy will have the shortest wavelength because photon 
energy is inversely proportional to wavelength. 


Continued 
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Solve 


(a) The wavelength of a photon is related to its energy through 
the relationship E = hv = hc/A. Hence, the photon with the 
smallest wavelength will have the largest energy. The energy 
levels of the electron orbits decrease as n decreases. 


The electron loses the most energy on transitioning from the 
n = 4 state to the n = 1 state, and the photon emitted in that 
transition has the highest energy and the smallest wavelength. 


(b 


= 


We first calculate the energy of the photon using Equation 6.6 


; ia 1 1 7 
with n, = 4andn; = 1: AE = -2.18 x 10 a(t — +) = —2.04 x 10° 187 
Ephoton = —AE = 2.04 x 10718J 
Next we rearrange Planck’s relationship to calculate the fre- 
quency of the emitted photon. v = Ejh = (2.04 x 107'8J)/(6.626 x 10°**J-s) = 3.02 x 10" 5! 
Finally, we use the frequency to determine the wavelength. à = c/v = (2.998 x 108 m/s) /(3.02 x 105 s#) 
Light with this wavelength falls in the ultraviolet region of the = 9.72 x 108m = 97.2nm 
electromagnetic spectrum. 
(c) From the graph, we estimate the wavelength of the photon to 


be approximately 480 nm. Starting from the wavelength, it is 
easiest to estimate n¢ using Equation 6.4: 


Rearranging: 1 1 1 1 


= (1.097 x 107 m=*)(480 x 107° mí) 


So n; = 2, and the photons seen by the detector are those emit- 
ted when an electron transitions from the nę = 4 to the m = 2 
state. 


Check Referring back to Figure 6.11, we confirm that the n = 4 to > Practice Exercise 
n = 1 transition should have the largest energy of the three possi- 


ble transitions. 


In the top part of Figure 6.10, the four lines in the H atom spec- 
trum are due to transitions from a level for which n; > 2 to the 
n; = 2 level. What is the value of n; for the red line in the spec- 

trum? (a) 3 (b) 4 (c) 5 (d) 6 (e) 7 


Limitations of the Bohr Model 


Although the Bohr model explains the line spectrum of the hydrogen atom, it can not 
explain the spectra of other atoms, except in a crude way. Bohr also avoided the problem 
of why the negatively charged electron would not just fall into the positively charged 
nucleus, by simply assuming it would not happen. Furthermore, we will see that Bohr’s 
model of an electron orbiting the nucleus at a fixed distance is not a realistic picture. 
As we will see in Section 6.4, the electron exhibits wave-like properties, a fact that any 
acceptable model of electronic structure must accommodate. 

As it turns out, the Bohr model was only an important step along the way toward 
the development of a more comprehensive model. What is most significant about Bohr’s 
model is that it introduces two important ideas that are also incorporated into our 
current model: 


1. Electrons exist only in certain discrete energy levels, which are described by 
quantum numbers. 


2. Energy is involved in the transition of an electron from one level to another. 


We will now start to develop the successor to the Bohr model, which requires that we 
take a closer look at the behavior of matter. 
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Self-Assessment Exercise 


6.14 Which transition would result in emission of the shortest (c) fromn = 10ton = 6 
wavelength photon? (d) from n = 100ton = 10 


(a) fromn = 4ton = 2 
(b) fromn = 6ton = 4 


Exercises 

6.15 Does the hydrogen atom “expand” or “contract” when an to happen, (ii) transitions to n = 3 emit photons in the 
electron is excited from the n = 1 state to then = 3 state? infrared portion of the spectrum, (iii) transitions to nę = 3 

6.16 Is energy emitted or absorbed when the following electronic emit photons in the ultraviolet portion of the spectrum, or 
transitions occur in hydrogen? (a) from n = 3 ton = 2 (iv) transitions to n; = 3 emit photons that are at exactly the 
(b) from an orbit of radius 0.846 nm to one of radius 0.212 same wavelengths as those to n = 2. (b) Calculate the wave- 
nm, (c) an electron adds to the H* ion and ends up in the lengths of the first three lines in the Balmer series—those 
7 = 2 shell? for which n, = 3,4, and 5—and identify these lines in the 

emission spectrum shown in Figure 6.10. 

6.17 (a) Using Equation 6.5, calculate the energy of an electron P g 
in the hydrogen atom when n = 3 and when n = 6. Calcu- 6.19 One of the emission lines of the hydrogen atom has a wave- 
late the wavelength of the radiation released when an elec- length of 94.974 nm. (a) In what region of the electromagnetic 
tron moves from n = 6 ton = 3. (b) Is this line in the visible spectrum is this emission found? (b) Determine the initial and 
region of the electromagnetic spectrum? final values of n associated with this emission. 

6.18 The visible emission lines observed by Balmer all involved 6.20 Order the following transitions in the hydrogen atom from 
ng = 2. (a) Which of the following is the best explanation of smallest to largest frequency of light absorbed: n = 3 to 
why the lines with n; = 3 are not observed in the visible por- n=7,n = 4ton = 8,n = 2ton= S,andn = 1 ton = 3. 


tion of the spectrum: (i) Transitions to n; = 3 are not allowed 
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Sometimes, things are not what they seem! A movie film is based on motion and 
change yet slow the film down enough and it becomes evident it is made of a 
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progression of still pictures. We live in a macroscopic world where every object is 
composed of millions upon millions of atoms. Dial down to an atomic scale and we 
glimpse another realm. 

By the end of this section, you should be able to 


e Appreciate that a wave-particle duality and position-momentum uncertainty become 
significant when dealing with electrons. 


In the years following the development of Bohr’s model for the hydrogen atom, the dual 
nature of radiant energy became a familiar concept. Depending on the experimental cir- 
cumstances, radiation appears to have either a wave-like or a particle-like (photon) char- 
acter. Louis de Broglie (1892-1987), who was working on his Ph.D. thesis in physics at the 
Sorbonne in Paris, boldly extended this idea: If radiant energy could, under appropriate 
conditions, behave as though it were a stream of particles (photons), could matter, under 
appropriate conditions, possibly show the properties of a wave? 

De Broglie suggested that an electron moving about the nucleus of an atom behaves 
like a wave and therefore has a wavelength. He proposed that the wavelength of the elec- 
tron, or of any other particle, depends on its mass, m, and on its velocity, v: 


à = — [6.8] 


where h is the Planck constant. The quantity mv for any object is called its momentum. 
De Broglie used the term matter waves to describe the wave characteristics of material 
particles. 

Because de Broglie’s hypothesis is applicable to all matter, any object of mass m and 
velocity v would give rise to a characteristic matter wave. However, Equation 6.8 indi- 
cates that the wavelength associated with an object of ordinary size, such as a golf ball, is 
so tiny as to be completely unobservable. This is not so for an electron because its mass is 
so small, as we see in Sample Exercise 6.5. 


= Sample Exercise 6.5 
D Matter Waves | 


What is the wavelength of an electron moving with a speed of 5.97 x 10 m/s? The mass of the electron is 9.11 x 107°! kg. 


SOLUTION 
Analyze We are given the mass, m, and velocity, v, of the electron, Plan The wavelength of a moving particle is given by Equation 6.8, 
and we must calculate its de Broglie wavelength, A. so A is calculated by inserting the known quantities h, m, and v. In 
doing so, however, we must pay attention to units. 
Solve 
Using the value of the Planck constant: h = 6.626 x 1073J-s 
; h 
we have the following: A=— 
mv 
(6.626 X 10~*4J-s) (? n 
(9.11 x 1073! kg)(5.97 X 10° nt/s) TJ 
= 1.22 x 1071m = 0.122nm = 122 pm 
Comment By comparing this value with the wavelengths of elec- moving at a speed of 2.3 x 10?m/s. List the three objects in 
tromagnetic radiation shown in Figure 6.4, we see that the wave- order from shortest to longest de Broglie wavelength. 
length of this electron is about the same as that of X rays. (a)i < iii < ii (b) ii < iii <i(O) iii <ii <i@@i<ii <iii 


(Q)imit< <i 
> Practice Exercise 
Consider the following three moving objects: (i) a golf ball 


with a mass of 45.9 g moving at a speed of 50.0 m/s, (ii) An 
electron moving at a speed of 3.50 x 10° m/s, (iii) A neutron 
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A few years after de Broglie published his theory, the wave properties of the electron 
were demonstrated experimentally. When X rays pass through a crystal, an interference 
pattern results that is characteristic of the wave-like properties of electromagnetic radia- 
tion, a phenomenon called X-ray diffraction. As electrons pass through a crystal, they are 
similarly diffracted. Thus, a stream of moving electrons exhibits the same kinds of wave 
behavior as X rays and all other types of electromagnetic radiation. 

The technique of electron diffraction has been highly developed. In the electron 
microscope, for instance, the wave characteristics of electrons are used to obtain images 
at the atomic scale. This microscope is an important tool for studying surface phenom- 
ena at very high magnifications (Figure 6.13). Electron microscopes can magnify objects 
by 3,000,000 times, far more than can be done with visible light (1000x), because the 
wavelength of the electrons is so much smaller than the wavelength of visible light. 


The Uncertainty Principle 


The discovery of the wave properties of matter raised some new and interesting ques- 
tions. Consider, for example, a ball rolling down a ramp. Using the equations of classical 
physics, we can calculate, with great accuracy, the ball’s position, direction of motion, 
and speed at any instant. Can we do the same for an electron, which exhibits wave prop- 
erties? A wave extends in space, and its location is not precisely defined. We might there- 
fore anticipate that it is impossible to determine exactly where an electron is located at a 
specific instant. 

The German physicist Werner Heisenberg (Figure 6.14) proposed that the dual nature 
of matter places a fundamental limitation on how precisely we can know both the loca- 
tion and the momentum of an object at a given instant. The limitation becomes import- 
ant only when we deal with matter at the subatomic level (that is, with masses as small as 
that of an electron). Heisenberg’s principle is called the uncertainty principle. When 
applied to the electrons in an atom, this principle states that it is impossible for us to know 
simultaneously both the exact momentum of an electron and its exact location in space. 

Heisenberg mathematically related the uncertainty in position, Ax, and the 
uncertainty in momentum, A(mv), to a quantity involving the Planck constant: 


Ax: A(mv) = 4 [6.9] 


A brief calculation illustrates the dramatic implications of the uncertainty prin- 
ciple. The electron has a mass of 9.11 x 10-3! kg and moves at an average speed of 
about 5 x 10°m/s in a hydrogen atom. Let’s assume that we know the speed to an 
uncertainty of 1% [that is, an uncertainty of (0.01)(5 x 10°m/s) = 5 x 104m/s] 
and that this is the only important source of uncertainty in the momentum, so that 
A(mv) = m Av. We can use Equation 6.9 to calculate the uncertainty in the position 
of the electron: 


a h ( 6.626 X 107 34J-s 
oa 
4amAv 47(9.11 X 10-3! kg)(5 x 10*m/s) 


) 1x 10°-°m 


Because the diameter of a hydrogen atom is about 1 x 10° !°m, the uncertainty in 
the position of the electron in the atom is an order of magnitude greater than the size 
of the atom. Thus, we have essentially no idea where the electron is located in the atom. 
On the other hand, if we were to repeat the calculation with an object of ordinary mass, 
such as a tennis ball, the uncertainty would be so small that it would be inconsequential. 
In that case, m is large and Ax is out of the realm of measurement and therefore of no 
practical consequence. 

De Broglie’s hypothesis and Heisenberg’s uncertainty principle set the stage for 
a new and more broadly applicable theory of atomic structure. In this approach, any 
attempt to define precisely the instantaneous location and momentum of the elec- 
tron is abandoned. The wave nature of the electron is recognized, and its behavior is 
described in terms appropriate to waves. The result is a model that precisely describes the 
energy of the electron while describing its location not precisely but rather in terms of 
probabilities. 


A Figure 6.13 Electrons as waves. 
Transmission electron micrograph 

of graphene, which has a hexagonal 
honeycomb arrangement of carbon atoms. 
Each of the bright yellow “mountains” 
indicates a carbon atom. 


A Figure 6.14 Werner Heisenberg 
(1901-1976). During his postdoctoral 
assistantship with Niels Bohr, Heisenberg 
formulated his famous uncertainty principle. 
At 32 he was one of the youngest scientists 
to receive a Nobel Prize. 
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A CLOSER LOOK Measurement and the Uncertainty Principle q 


Whenever any measurement is made, some uncertainty exists. 
Our experience with objects of ordinary dimensions, such as balls 
or trains or laboratory equipment, indicates that using more pre- 
cise instruments can decrease the uncertainty of a measurement. 
In fact, we might expect that the uncertainty in a measurement 
can be made infintesimally small. However, the uncertainty prin- 
ciple states that there is an actual limit to the accuracy of mea- 
surements. This limit is not a restriction on how well instruments 
can be made; rather, it is inherent in nature. This limit has no 
practical consequences when dealing with ordinary-sized objects, 
but its implications are enormous when dealing with subatomic 
particles, such as electrons. 

To measure an object, we must disturb it, at least a little, with 
our measuring device. Imagine using a flashlight to locate a large 
rubber ball in a dark room. You see the ball when the light from 
the flashlight bounces off the ball and strikes your eyes. When a 
beam of photons strikes an object of this size, it does not alter its 
position or momentum to any practical extent. Imagine, however, 
that you wish to locate an electron by similarly bouncing light 
off it into some detector. Objects can be located to an accuracy 
no greater than the wavelength of the radiation used. Thus, if we 
want an accurate position measurement for an electron, we must 
use a short wavelength. This means that photons of high energy 


must be employed. The more energy the photons have, the more 
momentum they impart to the electron when they strike it, which 
changes the electron’s motion in an unpredictable way. The 
attempt to measure accurately the electron’s position introduces 
considerable uncertainty in its momentum; the act of measuring 
the electron’s position at one moment makes our knowledge of its 
future position inaccurate. 

Suppose, then, that we use photons of longer wavelength. 
Because these photons have lower energy, the momentum of 
the electron is not so appreciably changed during measurement, 
but at the same time the longer wavelength limits the accuracy 
with which the electron’s position can be determined. This is 
the essence of the uncertainty principle: There is an uncertainty 
in simultaneously knowing both the position and the momentum of 
the electron that cannot be reduced beyond a certain minimum level. 
The more accurately one is known, the less accurately the other 
is known. 

Although we can never know the exact position and momen- 
tum of the electron, we can talk about the probability of its being 
at certain locations in space. In Section 6.5, we introduce a model 
of the atom that provides the probability of finding electrons of 
specific energies at certain positions in atoms. 

Related Exercises: 6.25, 6.75, 6.105, 6.106 


Self-Assessment Exercises 


6.21 Is this statement true or false: when considering a small fast 
moving object such as an electron, we can never measure both its 
position and velocity with great accuracy? 


6.22 Isthis statement true or false: the wave-particle duality becomes 
significant with objects the size of an electron? 


(a) True 
(a) True (b) False 
(b) False 
Exercises 


6.23 Use the de Broglie relationship to determine the wavelengths 
of the following objects: (a) an 85 kg person skiing at 
50 km/hr, (b) a 10.0 g bullet fired at 250 m/s, (c) a lithium 
atom of mass 11.5 x 10°?” kg moving at 2.5 X 10°m/s. 


6.24 Neutron diffraction is an important technique for determin- 
ing the structures of molecules. Calculate the velocity of a 
neutron needed to achieve a wavelength of 125 pm. (Refer to 
the inside cover for the mass of the neutron.) 


6.25 Using Heisenberg’s uncertainty principle, calculate the uncer- 
tainty in the position of (a) a 1.50-mg mosquito moving at a 
speed of 1.40 m/s if the speed is known to within +0.01 m/s; 
(b) a proton moving at a speed of (5.00 + 0.01) x 10*m/s. 
(The mass of a proton is given in the table of fundamental 
constants in the inside cover of the text.) 
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6.5 | Quantum Mechanics 
and Atomic Orbitals 


Quantum theory led to the explosion in technological developments in the twentieth 
century, including remarkable new light sources, such as light-emitting diodes (LEDs), 
which are now being used as high-quality, low-energy-consumption light sources in 
many applications, and lasers, which have revolutionized so many aspects of our lives. 
Quantum theory also led to the development of the solid-state electronics that are at the 
heart of computers, cellular telephones, and countless other electronic devices. 

By the end of this section, you should be able to 


e Relate the quantum numbers to the number and type of orbitals and recognize the 
different orbital shapes. 


In 1926, the Austrian physicist Erwin Schrödinger (1887-1961) proposed an equation, 
now known as Schrédinger’s wave equation, that incorporates both the wave-like and 
particle-like behaviors of the electron. His work opened a new approach to dealing 
with subatomic particles, an approach known as quantum mechanics or wave mechanics. 
The application of Schrédinger’s equation requires advanced calculus, and so we will 
not be concerned with its details. We will, however, qualitatively consider the results 
Schrödinger obtained because they give us a powerful new way to view electronic struc- 
ture. Let’s begin by examining the electronic structure of the simplest atom, hydrogen. 

Schrédinger treated the electron in a hydrogen atom like the wave on a plucked gui- 
tar string (Figure 6.15). Because such waves do not travel in space, they are called standing 
waves. Just as the plucked guitar string produces a standing wave that has a fundamen- 
tal frequency and higher overtones (harmonics), the electron exhibits a lowest-energy 
standing wave and higher-energy ones. Furthermore, just as the overtones of the guitar 
string have nodes, points where the magnitude of the wave is zero, so do the waves char- 
acteristic of the electron. 

Solving Schrédinger’s equation for the hydrogen atom leads to a series of mathematical 
functions called wave functions that describe the electron in the atom. These wave func- 
tions are usually represented by the symbol y (lowercase Greek letter psi). Although the 
wave function has no direct physical meaning, the square of the wave function, yê, pro- 
vides information about the electron’s location when it is in an allowed energy state. 

For the hydrogen atom, the allowed energies are the same as those predicted by the 
Bohr model. However, the Bohr model assumes that the electron is in a circular orbit of 
some particular radius about the nucleus. In the quantum-mechanical model, the elec- 
tron’s location cannot be described so simply. 
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> Figure 6.15 Standing waves in a vibrating 
string. 


W. Go Figure 


Where in the figure is the region of 
highest electron density? 


High dot density, high y? 
value, high probability of 
finding electron in this region 


Low dot density, low Y? 
value, low probability of 
finding electron in this region 


A Figure 6.16 Electron-density distribution. 
This rendering represents the probability, 
p, of finding the electron in a hydrogen 
atom in its ground state. The origin of the 
coordinate system is at the nucleus. 


Fundamental 


First overtone 


Second overtone 


n=3 


According to the uncertainty principle, if we know the momentum of the elec- 
tron with high accuracy, our simultaneous knowledge of its location is very uncertain. 
Thus, we cannot hope to specify the exact location of an individual electron around the 
nucleus. Rather, we must be content with a kind of statistical knowledge. We therefore 
speak of the probability that the electron will be in a certain region of space at a given 
instant. As it turns out, the square of the wave function, y?, at a given point in space rep- 
resents the probability that the electron will be found at that location. For this reason, y? 
is called either the probability density or the electron density. 

One way of representing the probability of finding the electron in various regions of 
an atom is shown in Figure 6.16, where the density of the dots represents the probability 
of finding the electron. The regions with a high density of dots correspond to relatively 
large values for i? and are therefore regions where there is a high probability of finding 
the electron. Based on this representation, we often describe atoms as consisting of a 
nucleus surrounded by an electron cloud. 


Orbitals and Quantum Numbers 


The solution to Schrédinger’s equation for the hydrogen atom yields a set of wave func- 
tions called orbitals. Each orbital has a characteristic shape and energy. For example, 
the lowest-energy orbital in the hydrogen atom has the spherical shape illustrated in 
Figure 6.16 and an energy of —2.18 x 107 !8J. Note that an orbital (quantum-mechanical 
model, which describes electrons in terms of probabilities, visualized as “electron 
clouds”) is not the same as an orbit (the Bohr model, which visualizes the electron mov- 
ing in a physical orbit, like a planet around a star). The quaantum-mechanical model does 
not refer to orbits because the motion of the electron in an atom cannot be precisely 
determined (Heisenberg’s uncertainty principle). 

The Bohr model introduced a single quantum number, n, to describe an orbit. The 
quantum-mechanical model uses three quantum numbers, n, l, and m, which result nat- 
urally from the mathematics used to describe an orbital. 


1. The principal quantum number, n, can have positive integral values 1, 2,3,.... As 
n increases, the orbital becomes larger, and the electron spends more time farther 
from the nucleus. An increase in n also means that the electron has a higher 
energy and is therefore less tightly bound to the nucleus. For the hydrogen atom, 
E, = —(2.18 x 107 !8J)(1/n7), as in the Bohr model. 


SECTION 6.5 Quantum Mechanics and Atomic Orbitals 293 


A CLOSER LOOK QMS SOIC GER Tee) ese L i l 


The revolutions in scientific thinking caused by the theory of relativity 
and quantum theory not only changed science; it also caused deep 
changes in how we understand the world around us. Before relativity 
and quantum theory, the prevailing physical theories were inherently 
deterministic: Once the specific conditions of an object were given 
(position, velocity, forces acting on the object), we could determine 
exactly the position and motion of the object at any time in the future. 
These theories, from Newton’s laws to Maxwell’s theory of electromag- 
netism, successfully described physical phenomena such as motion of 
the planets, the trajectories of projectiles, and the diffraction of light. 

Relativity and quantum theory both challenged the determinis- 
tic view of the universe, and did so in a way that caused a great deal of 
uneasiness among even the scientists who were developing the the- 
ories. One of the common methods scientists used to test these new 
theories was through so-called thought experiments. Thought exper- 
iments are hypothetical scenarios that can lead to paradoxes within 
a given theory. Let’s briefly discuss one of these thought experiments 
that was used to test ideas within quantum theory. 

Quantum theory caused a great deal of discussion with respect to 
its nondeterministic description of matter. We have touched on two 
such areas in this chapter. First, we have seen that the descriptions 
of light and matter have become less distinct—light has particle-like 
properties and matter has wave-like properties. The description of 
matter that results—in which we can talk only about the probability 
of an electron being at a certain place as opposed to knowing exactly 
where it is—was very bothersome to many. Einstein, for example, fa- 
mously said that “God doesn’t play dice with the world”* about this 
probabilistic description. Heisenberg’s uncertainty principle, which 


assures that we can’t know the position and momentum of a particle 
exactly, also raised many philosophical questions—so many, in fact, 
that Heisenberg wrote a book entitled Physics and Philosophy in 1958. 

One of the most famous thought experiments put forward in 
the early days of the quantum theory was formulated by Schrödinger 
and is now known as “Schrödinger’s cat.” This experiment called 
into question whether a system could have multiple acceptable wave 
functions prior to observation of the system. In other words, if we 
don’t actually observe a system, can we know anything about the 
state it is in? In this paradox, a hypothetical cat is placed in a sealed 
box with an apparatus that will randomly trigger a lethal dose of poi- 
son to the cat (as morbid as that sounds). According to some inter- 
pretations of quantum theory, until the box is opened and the cat is 
observed, the cat must be considered simultaneously alive and dead. 

Schrödinger posed this paradox to point out weaknesses in 
some interpretations of quantum results, but the paradox has led 
instead to a continuing and lively debate about the fate and meaning 
of Schrödinger’s cat. In 2012, the Nobel Prize in Physics was awarded 
to Serge Haroche of France and David Wineland of the United States 
for their ingenious methods for observing the quantum states of 
photons or particles without having the act of observation destroy 
the states. In so doing, they observed what is generally called the 
“cat state” of the systems, in which the photon or particle exists 
simultaneously in two different quantum states. A puzzling paradox, 
indeed, but one that might ultimately lead to new ways to harness 
the simultaneous states to create so-called quantum computers and 
more accurate clocks. 

Related Exercise: 6.106 


2. The second quantum number—the angular momentum quantum number, /— 
can have integral values from 0 to (n — 1) for each value of n. This quantum number 
defines the shape of the orbital. The value of / for a particular orbital is generally des- 
ignated by the letters s, p, d, and f,** corresponding to / values of 0, 1, 2, and 3: 


Value of | (0) 1 2 3 
Letter used | s p d f 


3. The magnetic quantum number, m;, can have integral values between —/ and 
l, including zero. This quantum number describes the orientation of the orbital in 


space, as we discuss in Section 6.6. 


Notice that because the value of n can be any positive integer, there is an infinite 


number of orbitals for the hydrogen atom. At any given instant, however, the electron 
in a hydrogen atom is described by only one of these orbitals—we say that the electron 
occupies a certain orbital. The remaining orbitals are unoccupied for that particular state of 
the hydrogen atom. We will focus mainly on orbitals that have small values of n. 

The collection of orbitals with the same value of n is called an electron shell. 
All the orbitals that have n = 3, for example, are said to be in the third shell. The set of 
orbitals that have the same n and l values is called a subshell. Each subshell is desig- 
nated by a number (the value of n) and a letter (s, p, d, or f, corresponding to the value 
of I). For example, the orbitals that have n = 3 and/ = 2 are called 3d orbitals and are in 
the 3d subshell. 


*Hermanns, William, Einstein and the Poet: In Search of the Cosmic Man, 1st edition, Branden 


Books, 1983. 
**The letters come from the words sharp, principal, diffuse, and fundamental,which were used to 


describe certain features of spectra before quantum mechanics was developed. 
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W. Go Figure 


the atom shown in Figure 6.11? 


n 


1 
2 


Possible 
Values of / 


© 


wo V e O Sees oe 0O 


Are the energies of the n = 1, 2, and 3 shells shown here 
the same as or different from those of the Bohr model of 


0 


3s 3p 3d 


/ 


Energy ——> 


Each box represents 


one orbital. 


1s 
n = 1 shell has one orbital 


A Figure 6.17 Energy levels in the hydrogen atom. 


Each row represents 
2s 2p \ one shell. 


n = 2 shell has two subshells composed of four orbitals 
n = 3 shell has three subshells composed of nine orbitals 


TABLE 6.2 Relationship among Values of n, l, and m; through n = 4 


Subshell Possible Number of Orbitals Total Number of 
Designation Values of m, in Subshell Orbitals in Shell 
1s 0 il 1 

2s 0 1 

2p 1,0,-1 3 4 

3s 0 1 

3p 1,0) =A 3 

3d 2 lO), =i, =2, 5 9) 

4s 0 1 

4p 1,0,-1 3 

4d 2,1,0,=1, -—2 > 

4f 3;.2;1,0;-1,-—2;-3 7 16 


Table 6.2 summarizes the possible values of I and m; for values 


of n through n = 4. The restrictions on possible values give rise to 
the following very important observations: 


1. 


The shell with principal quantum number n consists of exactly 
n subshells. Each subshell corresponds to a different allowed 
value of l from 0 to (n — 1). Thus, the first shell (n = 1) 
consists of only one subshell, the 1s (1 = 0); the second 
shell (n = 2) consists of two subshells, the 2s (1 = 0) and 
2p (1 = 1); the third shell consists of three subshells, 3s, 3p, 
and 3d, and so forth. 


Each subshell consists of a specific number of orbitals. Each orbital 
corresponds to a different allowed value of m. For a given value 
of I, there are (21 + 1) allowed values of m, ranging from —/ to 
+1. Thus, each s (1 = 0) subshell consists of one orbital; each 
p(l = 1) subshell consists of three orbitals; each d (1 = 2) 
subshell consists of five orbitals, and so forth. 


The total number of orbitals in a shell is n*, where n is the princi- 
pal quantum number of the shell. The resulting number of or- 
bitals for the shells—1, 4, 9, 16—is related to a pattern seen 
in the periodic table: We see that the number of elements in 
the rows of the periodic table—2, 8, 18, and 32—equals twice 
these numbers. We will discuss this relationship further in 
Section 6.9. 


Figure 6.17 shows the relative energies of the hydrogen atom 


orbitals through n = 3. Each box represents an orbital, and orbit- 
als of the same subshell, such as the three 2p orbitals, are grouped 
together. When the electron occupies the lowest-energy orbital 
(1s), the hydrogen atom is said to be in its ground state. When the 
electron occupies any other orbital, the atom is in an excited state. 
(The electron can be excited to a higher-energy orbital by absorp- 
tion of a photon of appropriate energy.) At ordinary temperatures, 
essentially all hydrogen atoms are in the ground state. 
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\a Sample Exercise 6.6 (>) 


VA Subshells of the Hydrogen Atom 


(a) Without referring to Table 6.2, predict the number of subshells in the fourth shell, that is, for n = 4. (b) Give the label for each 
of these subshells. (¢) How many orbitals are in each of these subshells? 


SOLUTION There is one 4s orbital (when / = 0, there is only one possible 
value of my: 0). There are three 4p orbitals (when / = 1, there are 
three possible values of m: 1, 0, —1). There are five 4d orbitals 
(when | = 2, there are five allowed values of m: 2, 1,0, —1, —2). 
There are seven 4f orbitals (when / = 3, there are seven permitted 
each subshell. values of my: 3, 2, 1,0, -1, —2, 3). 

Solve There are four subshells in the fourth shell, corresponding to 

the four possible values of / (0, 1, 2, and 3). 


Analyze and Plan We are given the value of the principal quantum 
number, n. We need to determine the allowed values of / and my 
for this given value of n and then count the number of orbitals in 


These subshells are labeled 4s, 4p, 4d, and 4f. The number P Practice Exercise 
given in the designation of a subshell is the principal quan- (a) What is the designation for the subshell with n = 5 and 
tum number, n; the letter designates the value of the angular 1 = 1? (b) How many orbitals are in this subshell? (c) Indicate 
momentum quantum number, I: for] = 0, s; for] = 1, p; for the values of 7 for each of these orbitals. 


l = 2,d; forl = 3,f. 


Self-Assessment Exercise 


6.26 Which set of quantum numbers is a valid description of an (o) n= 3;1=2;m=1 
(a) n= 2;1= 2;m, =0 
(b) n = 0;1 = 2m = 2 


Exercises 
6.27 Classify the following state- z 6.28 (a) Forn = 4, what are the possible values of I? (b) For l = 2, 
ments as either true or false: what are the possible values of m? (c) If mis 2, what are the 
(a) In a contour representation possible values for /? 


of an orbital, such as the one 
shown here for a 2p orbital, the 
electron is confined to move 
about the nucleus on the outer 
surface of the shape. (b) The 
probability density [Wn]? gives 


6.29 Give the numerical values of n and / corresponding to each of 
the following orbital designations: (a) 3p, (b) 2s, (c) 4f, (d) 5d. 


6.30 A certain orbital of the hydrogen atom has n = 4 and 
l = 3. (a) What are the possible values of m for this orbital? 
(b) What are the possible values of m, for the orbital? 


the probability of finding the 6.31 Which of the following represent impossible combinations 
electron at a specific distance of nand !? (a) 1p, (b) 4s, (c) 5f, (d) 2d 
from the nucleus. 
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6.6 | Representations of Orbitals 


/% 
Watching the waves break on the shore of a large lake or at the seaside can be both fas- 
cinating and relaxing. We can, perhaps, imagine waves of different sorts—a wave in one 
dimension might be represented by the shape of a plucked guitar string or a moving skip- 


ping rope. A wave in two dimensions is typified by the ripples in a pond after a stone has 
been thrown into the water. For a wave in three dimensions, think of the surface of a bal- 


loon that is pulsing in size. To simplify the situation, we may draw a cross-section of the 
wave as a snapshot in time, but we should always bear in mind that waves are in motion. 
By the end of this section, you should be able to 


e Recognize the shape and size of orbitals of a given n and / quantum number 


So far, we have emphasized orbital energies, but the wave function also provides infor- 
mation about an electron’s probable location in space. Let’s examine the ways in which 
we can picture orbitals, because their shapes help us visualize how the electron density is 
distributed around the nucleus. 


The s Orbitals 


We have already seen one representation of the lowest-energy orbital of the hydrogen 
atom, the 1s (Figure 6.16). The first thing we notice about the electron density for the 1s 
orbital is that it is spherically symmetric—in other words, the electron density at a given 
distance from the nucleus is the same regardless of the direction in which we proceed 
from the nucleus. All of the other s orbitals (2s, 3s, 4s, and so forth) are also spherically 
symmetric and centered on the nucleus. 

Recall that the / quantum number for the s orbitals is 0; therefore, the m; quantum 
number must be 0. Thus, for each value of n, there is only one s orbital. So how do s orbit- 
als differ as the value of n changes? For example, how does the electron-density distribu- 
tion of the hydrogen atom change when the electron is excited from the 1s orbital to the 
2s orbital? To address this question, we will look at the radial probability density, which is 
the probability that the electron is at a specific distance from the nucleus. 

Figure 6.18 shows the radial probability densities for the 1s, 2s, and 3s orbitals of hydro- 
gen as a function of r, the distance from the nucleus—each resulting curve is the radial 
probability function for the orbital. Three features of these plots are noteworthy: the 
number of peaks, the number of points at which the probability function goes to zero (called 
nodes), and how spread out the distribution is, which gives a sense of the size of the orbital. 

For the 1s orbital, we see that the probability rises rapidly as we move away from the 
nucleus, maximizing at about 50 pm. Thus, when the electron occupies the 1s orbital, it 
is most likely to be found this distance from the nucleus*—we still use the probabilistic 
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VY Go Figure How many maxima would you expect to find in the radial probability 
function for the 4s orbital of the hydrogen atom? How many nodes would 
you expect in this function? 


Most probable distance from 
nucleus ~ 50 pm 


Most probable distance from 
nucleus ~ 300 pm 


Node 
ia Most probable distance from 
E nucleus ~ 700 pm 
pe] 
so] 
8 
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F 2 
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~à E 
2 
a 
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Distance from the nucleus (pm) Distance from the nucleus (pm) Distance from the nucleus (pm) 


A Figure 6.18 Radial probability functions for the 1s, 2s, and 3s orbitals of hydrogen. These plots show 
the probability of finding the electron as a function of distance from the nucleus. As n increases, the 
most likely distance at which to find the electron (the highest peak) moves farther from the nucleus. 


description, consistent with the uncertainty principle. Notice also that in the 1s orbital 
the probability of finding the electron at a distance greater than about 300 pm from the 
nucleus is essentially zero. 

Comparing the radial probability distributions for the 1s, 2s, and 3s orbitals reveals 
three trends: 


1. For an ns orbital, the number of peaks is equal to n, with the outermost peak being larger 
than inner ones. 


2. Foran ns orbital, the number of nodes is equal ton — 1. 


3. Asn increases, the electron density becomes more spread out; that is, there is a greater prob- 
ability of finding the electron further from the nucleus. 


One widely used method of representing orbital shape is to draw a boundary surface 
that encloses some substantial portion, say 90%, of the electron density for the orbital. 
This type of drawing is called a contour representation, and the contour representations 
for the s orbitals are spheres (Figure 6.19). All the orbitals have the same shape, but they 
differ in size, becoming larger as n increases, reflecting the fact that the electron density 
becomes more spread out as n increases. Although the details of how electron density 
varies within a given contour representation are lost in these representations, this is not a 


< Figure 6.19 Comparison of the 1s, 2s, and 
3s orbitals. (a) Electron-density distribution 
of a 1s orbital. (b) Contour representations 
of the 1s, 2s, and 3s orbitals. Each sphere 
is centered on the atom’s nucleus and 
encloses the volume in which there is a 
90% probability of finding the electron. 


(a) An electron density model (b) Contour models 


*In the quantum-mechanical model, the most probable distance at which to find the electron in 
the 1s orbital is actually 52.9 pm, the same as the radius of the orbit predicted by Bohr forn = 1. 
The distance 52.9 pm is often called the Bohr radius. 
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ae@ne))a,anee)@e Probability Density and Radial Probability Functions 


According to quantum mechanics, we must describe the position 
of the electron in the hydrogen atom in terms of probabilities rath- 
er than exact locations. The information about the probability is 
contained in the wave functions, y, obtained from Schrédinger’s 
equation. The square of the wave function, 7, called either the 
probability density or the electron density, as noted earlier, gives the 
probability that the electron is at any point in space. Because s orbit- 
als are spherically symmetric, the value of y for an s electron depends 
only on its distance from the nucleus, r. Thus, the probability den- 
sity can be written as [y(r)]?, where y(r) is the value of y at r. This 
function [y(r)]° gives the probability density for any point located a 
distance r from the nucleus. 

The radial probability function, which we used in Figure 6.18, 
differs from the probability density. The radial probability function 
equals the total probability of finding the electron at all the points 
at any distance r from the nucleus. In other words, to calculate this 
function, we need to “add up” the probability densities [(r)]? over 
all points located a distance r from the nucleus. Figure 6.20 compares 
the probability density at a point [y(r)]? with the radial probability 
function. 

Let’s examine the difference between probability density and 
radial probability function more closely. Figure 6.21 shows plots of 
[W(r)} as a function ofr for the 1s, 2s, and 3s orbitals of the hydrogen 
atom. You will notice that these plots look distinctly different from 
the radial probability functions shown in Figure 6.18. 

As shown in Figure 6.20, the collection of points a distance r 
from the nucleus is the surface of a sphere of radius r. The prob- 
ability density at each point on that spherical surface is [y(r)]2. To 
add up all the individual probability densities requires calculus 
and so is beyond the scope of this text. However, the result of 
that calculation tells us that the radial probability function is the 
probability density, [y(r)]’, multiplied by the surface area of the 
sphere, 4ar?: 


Radial probability function at distance r = 4ar7[(r) | 


Thus, the plots of radial probability function in Figure 6.18 are 
equal to the plots of [y(r)]? in Figure 6.21 multiplied by 47r?. The 
fact that 47r? increases rapidly as we move away from the nucleus 
makes the two sets of plots look very different from each other. For 
example, the plot of [#(r) * for the 3s orbital in Figure 6.21 shows 
that the function generally gets smaller the farther we go from the 
nucleus. But when we multiply by 47r?, we see peaks that get larger 
and larger (up to a certain point) as we move away from the nucleus 
(Figure 6.18). 


4rr°[y(r)]? is radial probability 
function = sum of all [w(r)]? 
having any given value of r. 


[y(r)]? is probability density 
at any specific point on the 
sphere. 


A Figure 6.20 Comparin g probability density [ẹ(r)]? and radial 
probability function 4271?[ys(r) }?. 


y 
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n=2,1=0 


n=3,1=0 


A Figure 6.21 Probability density [y(r)]* in the 1s, 2s, and 3s orbitals 
of hydrogen. 


The radial probability functions in Figure 6.18 provide us with 
the more use ful information because they tell us the probability of 
finding the electron at all points a distance r from the nucleus, not 
just one particular point. 

Related Exercises: 6.34, 6.76, 6.82, 107 


serious disadvantage. For qualitative discussions, the most important features of orbitals 
are shape and relative size, which are adequately displayed by contour representations. 


The p Orbitals 


Recall that the orbitals for which / = 1 are the p orbitals. Each p subshell has three orbitals, 
corresponding to the three allowed values of m;: —1, 0, and 1. The distribution of electron 
density for a 2p orbital is shown in Figure 6.22(a). The electron density is not distributed spher- 
ically as in an s orbital. Instead, the density is concentrated in two regions on either side of the 
nucleus, separated by a node at the nucleus. We say that this dumbbell-shaped orbital has two 
lobes. Recall that we are making no statement of how the electron is moving within the orbital. 
Figure 6.22(a) portrays only the averaged distribution of the electron density in a 2p orbital. 
Beginning with the n = 2 shell, each shell has three p orbitals (Table 6.2), one for 
each allowed value of m,. Thus, there are three 2p orbitals, three 3p orbitals, and so forth. 
Each set of p orbitals has the dumbbell shapes shown in Figure 6.22(a) for the 2p orbit- 
als. For each value of n, the three p orbitals have the same size and shape but differ from 
one another in spatial orientation. We usually represent p orbitals by drawing the shape 
and orientation of their wave functions, as shown in the contour representations in 


SECTION 6.6 Representations of Orbitals 


W Go Figure Each p orbital has what is called a nodal plane, a plane or sheet where the 
probability density goes to zero. For which of the orbitals below is the yz 
plane a nodal plane? 


Zz FA Zz Z 
x y x Y y Q ) € O y 
Pz Px Py 
(a) (b) 


A Figure 6.22 The p orbitals. (a) Electron-density distribution of a 2p orbital. (b) Contour 
representations of the three p orbitals. The subscript on the orbital label indicates the axis 
along which the orbital lies. 


Figure 6.22(b). It is convenient to label these as p,, p,, and p, orbitals. The letter subscript 
indicates the Cartesian axis along which the orbital is oriented. Thus, we see that two 
orbitals with the same value of n and /, but different values of m,, differ from each other 
in the way they are oriented in space.* Like s orbitals, p orbitals increase in size as we 
move from 2p to 3p to 4p, and so forth. 


The d and f Orbitals 


When n is 3 or greater, we encounter the d orbitals (for which / = 2). There are five 3d 
orbitals, five 4d orbitals, and so forth, because in each shell there are five possible val- 
ues for the m quantum number: —2, —1, 0, 1, and 2. The different d orbitals in a given 
shell have different shapes and orientations in space, as shown in Figure 6.23. Four of 


W Go Figure How many nodal planes, two-dimensional sheets where the 
probability density goes to zero, are there for the d, orbital? 


Z Z Z 


yoy 


dz 


A Figure 6.23 Contour representations of the five d orbitals. 


*We cannot make a simple correspondence between the subscripts (x, y, and z) and the allowed 
m, values (1, 0, and —1). To explain why this is so is beyond the scope of an introductory text. 
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the d-orbital contour representations have a “four-leaf clover” shape, with four lobes, 
and each lies primarily in a plane. The dy, d,,, and d,, orbitals lie in the xy, xz, and yz 
planes, respectively, with the lobes oriented between the axes. The lobes of the d,2_,2 
orbital also lie in the xy plane, but the lobes lie along the x and y axes. The d,2 orbital looks 
very different from the other four: It has two lobes along the z axis and a “doughnut” in 
the xy plane. Even though the d» orbital looks different from the other d orbitals, it has 
the same energy as the other four d orbitals. The representations in Figure 6.23 are com- 
monly used for all d orbitals, regardless of the principal quantum number. 

When n is 4 or greater, there are seven equivalent f orbitals (for which / = 3). The 
shapes of the forbitals are even more complicated than those of the d orbitals and are not 
presented here. As you will see in the next section, however, you must be aware of forbitals 
as we consider the electronic structure of atoms in the lower part of the periodic table. 

In many instances later in the text, you will find that knowing the number and 
shapes of atomic orbitals will help you understand chemistry at the molecular level. You 
will therefore find it useful to memorize the shapes of the s, p, and d orbitals shown in 
Figures 6.19, 6.22, and 6.23. 


Self-Assessment Exercise 


6.32 How many nodes does a 5s orbital have? (b) 5 
(a) 4 (c) 6 
Exercises 


6.33 Sketch the shape and orientation of the following types of 
orbitals: (a) s, (b) p,, (€) dy. 

6.34 (a) What are the similarities of and differences between the 
1s and 2s orbitals of the hydrogen atom? (b) In what sense 
does a 2p orbital have directional character? Compare the 
“directional” characteristics of the p, and d,2_,2 orbitals. 


(That is, in what direction or region of space is the electron 
density concentrated?) (c) What can you say about the aver- 
age distance from the nucleus of an electron in a 2s orbital as 
compared with a 3s orbital? (d) For the hydrogen atom, list 
the following orbitals in order of increasing energy (that is, 
most stable ones first): 4f, 6s, 3d, 1s, 2p. 
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6.7 | Many-Electron Atoms 


When we propose a model to explain some set of observations, we generally start with 
the simplest case and work towards more complex situations to test the robustness 
of our model. One of our goals in this chapter has been to determine the electronic 
structures of atoms. So far, we have seen that quantum mechanics leads to an elegant 
description of the hydrogen atom. This atom, however, has only one electron. How 
does our description change when we consider an atom with two or more electrons 
(a many-electron atom)? To describe such an atom, we must consider the nature of 
orbitals and their relative energies as well as how the electrons populate the available 
orbitals. 
By the end of this section, you should be able to 


e Explain how and why the energies of the orbitals are different in a many-electron 
atom from those in the hydrogen atom. 


Orbitals and Their Energies 


We can describe the electronic structure of a many-electron atom by using the orbitals 
we described for the hydrogen atom in Table 6.2. Thus, the orbitals of a many-electron 
atom are designated 1s, 2p,, and so forth (Table 6.2) and have the same general shapes as 
the corresponding hydrogen orbitals. 

Although the shapes of the orbitals of a many-electron atom are the same as those 
for hydrogen, the presence of more than one electron greatly changes the energies of the 
orbitals. In hydrogen, the energy of an orbital depends only on its principal quantum 
number, n (Figure 6.17). For instance, in a hydrogen atom, the 3s, 3p, and 3d subshells 
all have the same energy. In a many-electron atom, however, the energies of the various 
subshells in a given shell are different because of electron-electron repulsions. To explain 
why this happens, we must consider the forces between the electrons and how these 
forces are affected by the shapes of the orbitals. We will, however, forgo this analysis 
until Chapter 7. 

The important idea is this: In a many-electron atom, for a given value of n, the 
energy of an orbital increases with increasing value of 1, as illustrated in Figure 6.24. 
For example, notice in Figure 6.24 that the n = 3 orbitals increase in energy in the 
order 3s < 3p < 3d. Notice also that all orbitals of a given subshell 
(such as the five 3d orbitals) have the same energy, just as they do 
in the hydrogen atom. Orbitals with the same energy are said to be 
degenerate. 

Figure 6.24 is a qualitative energy-level diagram; the exact energies 
of the orbitals and their spacings differ from one atom to another. 
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vV Go Figure 


Not all of the orbitals in the n = 4 shell are shown in 
this figure. Which subshells are missing? 


Electron Spin and the Pauli Exclusion Principle 


4p = 
3d — 


We have now seen that we can use hydrogen-like orbitals to describe 


4s 


many-electron atoms. What, however, determines which orbitals the 
electrons occupy? That is, how do the electrons of a many-electron 


=y 


atom populate the available orbitals? To answer this question, we must 


5N Orbitals in any subshell 


3s 


are degenerate (have 


consider an additional property of the electron. 
When scientists studied the line spectra of many-electron atoms 
in great detail, they noticed a very puzzling feature: Lines that were 


same energy). 


mz | | F 


Energy ——> 


originally thought to be single were actually closely spaced pairs. This 25 


meant, in essence, that there were twice as many energy levels as there 
were “supposed” to be. In 1925, the Dutch physicists George Uhlen- 
beck (1900-1988) and Samuel Goudsmit (1902-1978) proposed a solu- 
tion to this dilemma. They postulated that electrons have an intrinsic 


Energies of subshells 
follow order 


1s 


ns < np < nd < nf. 


property, called electron spin, that causes each electron to behave as 
if it were a tiny sphere spinning on its own axis. 

By now, it may not surprise you to learn that electron spin is 
quantized. This observation led to the assignment of a new quantum 


number for the electron, in addition to n, l, and m, which we have 


( > ) A Figure 6.24 General energy ordering of orbitals for 


a many-electron atom. 
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N S 


S N 


A Figure 6.25 Electron spin. The electron 
behaves as if it were spinning about an axis, 
thereby generating a magnetic field whose 
direction depends on the direction of spin. 
The two directions for the magnetic field 
correspond to the two possible values for the 
spin quantum number, m,. The magnetic 
fields that emanate from materials, like iron, 
arise because there are more electrons with 
one spin direction than the other. 


Atoms 


already discussed. This new quantum number, the spin magnetic quantum num- 
ber, is denoted m, (the subscript s stands for spin). Two possible values are allowed for 
Ms, +5 or 5, which were first interpreted as indicating the two opposite directions 
in which the electron can spin. A spinning charge produces a magnetic field. The two 
opposite directions of spin therefore produce oppositely directed magnetic fields 
(Figure 6.25).* These two opposite magnetic fields lead to the splitting of spectral lines 
into closely spaced pairs. 

Electron spin is crucial for understanding the electronic structures of atoms. In 1925, 
the Austrian-born physicist Wolfgang Pauli (1900-1958) discovered the principle that 
governs the arrangement of electrons in many-electron atoms. The Pauli exclusion 
principle states that no two electrons in an atom can have the same set of four quantum 
numbers n,1,m,, and m,. For a given orbital, the values of n, l, and m are fixed. Thus, if 
we want to put more than one electron in an orbital and satisfy the Pauli exclusion prin- 
ciple, our only choice is to assign different m, values to the electrons. Because there are 
only two such values, we conclude that an orbital can hold a maximum of two electrons and 
they must have opposite spins. This restriction allows us to index the electrons in an atom, 
giving their quantum numbers and thereby defining the region in space where each elec- 
tron is most likely to be found. It also provides the key to understanding the remarkable 
structure of the periodic table of the elements. 


Self-Assessment Exercise 


6.35 what is the maximum number of electrons that can occupy a (a) 3 
3d subshell? (b) 5 
(c) 10 
Exercises 
6.36 (a) For an He* ion, do the 2s and 2p orbitals have the same 6.38 What is the maximum number of electrons that can occupy 
energy? If not, which orbital has a lower energy? (b) If we each of the following subshells? (a) 3s, (b) 2p, (c) 4d, (d) 5s. 


add one electron to form the He atom, 
part (a) change? 


6.37 Two possible electron configurations 
for an Li atom are shown here. (a) Does 
either configuration violate the Pauli 
exclusion principle? (b) Does either 
configuration violate Hund’s rule? 
(c) In the absence of an external mag- 
netic field, can we say that one elec- 
tron configuration has a lower energy 
than the other? If so, which one has 
the lowest energy? 


would your answer to 


Configuration A 


tL} [4 


1s 2s 

Configuration B 
hy pt 
1s 2s 
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*As we discussed earlier, the electron has both particle-like and wave-like properties. Thus, the 
picture of an electron as a spinning charged sphere is, strictly speaking, just a useful pictorial 
representation that helps us understand the two directions of magnetic field that an electron 
can possess. 
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6.8 | Electron Configurations 


The line spectrum of hydrogen can only be seen if the light from a hydrogen discharge 
tube is passed through a prism, or similar device. What we see is the amalgamation of 
the different wavelengths emitted by hydrogen—a pale purple color. Colored fireworks 
represent the atomic emission spectrum of different elements. If we were to pass their 
light through a prism, we would see a different line spectrum for each different element 


present. We can measure the spectrum and use it to test our theories of electron con- 
figuration. So, while quantum mechanics may appear theoretical, we can validate the 
predictions it makes in the study of spectroscopy. 

By the end of this section, you should be able to 


e Draw an energy-level diagram for the orbitals in a many-electron atom and describe 
how electrons populate the orbitals in the ground state of an atom using the Pauli 
exclusion principle and Hund’s rule. 


Armed with knowledge of the relative energies of orbitals and the Pauli exclusion prin- 
ciple, we are in a position to consider the arrangements of electrons in atoms. The way 
electrons are distributed among the various orbitals of an atom is called the electron 
configuration of the atom. 

The most stable electron configuration—the ground state—is that in which the 
electrons are in the lowest possible energy states. If there were no restrictions on the 
possible values for the quantum numbers of the electrons, all the electrons would crowd 
into the 1s orbital because it is the lowest in energy (Figure 6.24). The Pauli exclusion 
principle tells us, however, that there can be at most two electrons in any single orbital. 
Thus, the orbitals are filled in order of increasing energy, with no more than two electrons per 
orbital. For example, consider the lithium atom, which has three electrons. (Recall that 
the number of electrons in a neutral atom equals its atomic number.) The 1s orbital 
can accommodate two of the electrons. The third one goes into the next lowest-energy 
orbital, the 2s. 

We can represent any electron configuration by writing the symbol for the occupied 
subshell and adding a superscript to indicate the number of electrons in that subshell. 
For example, for lithium we write 1522s! (read “1s two, 2s one”). We can also show the 
arrangement of the electrons as 


Li fil] [4 


1s 2s 
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CHEMISTRY AND LIFE (QUEERS UTE RET em Ceres Tea 


A major challenge facing medical diagnosis is seeing inside the hu- 
man body. Until recently, this was accomplished primarily by X-ray 
technology. X rays do not, however, give well-resolved images of 
overlapping physiological structures, and sometimes fail to discern 
diseased or injured tissue. Moreover, because X rays are high-energy 
radiation, they potentially can cause physiological harm, even in low 
doses. An imaging technique developed in the 1980s called magnetic 
resonance imaging (MRI) does not have these disadvantages. 

The foundation of MRI is a phenomenon called nuclear magnetic 
resonance (NMR), which was discovered in the mid-1940s. Today NMR 
has become one of the most important spectroscopic methods used 
in chemistry. NMR is based on the observation that, like electrons, 
the nuclei of many elements possess an intrinsic spin. Like electron 
spin, nuclear spin is quantized. For example, the nucleus of 'H has 
two possible magnetic nuclear spin quantum numbers, + and -4, 

A spinning hydrogen nucleus acts like a tiny magnet. In the 
absence of external effects, the two spin states have the same energy. 
However, when the nuclei are placed in an external magnetic field, 


S 
A 
External 
Be magnetic 
al 
a] 


S 
Parallel 


(a) No external 
magnetic field 


(b) External magnetic 
field applied 


A Figure 6.26 Nuclear spin. Like electron spin, nuclear spin generates 
a small magnetic field and has two allowed values. (a) In the absence 
of an external magnetic field, the two spin states have the same 
energy. (b) When an external magnetic field is applied, the spin state 

in which the spin direction is parallel to the direction of the external 
field is lower in energy than the spin state in which the spin direction is 
antiparallel to the field direction. The energy difference, AF, is in the 
radio frequency portion of the electromagnetic spectrum. 


they can align either parallel or opposed (antiparallel) to the field, 
depending on their spin. The parallel alignment is lower in energy 
than the antiparallel one by a certain amount, AE (Figure 6.26). If 
the nuclei are irradiated with photons having energy equal to AE, 
the spin of the nuclei can be “flipped,” that is, excited from the 
parallel to the antiparallel alignment. Detection of the flipping 
of nuclei between the two spin states leads to an NMR spectrum. 
The radiation used in an NMR experiment is in the radiofrequen- 
cy range, typically 100 to 900 MHz, which is far less energetic per 
photon than X rays. 

Because hydrogen is a major constituent of aqueous body fluids 
and fatty tissue, the hydrogen nucleus is the most convenient one 
for study by MRI. In MRI a person’s body is placed in a strong mag- 
netic field. By irradiating the body with pulses of radiofrequency 
radiation and using sophisticated detection techniques, medical 
technicians can image tissue at specific depths in the body, giving 
pictures with spectacular detail (Figure 6.27). The ability to sam- 
ple at different depths allows the technicians to construct a three- 
dimensional picture of the body. 

MRI has had such a profound influence on the modern prac- 
tice of medicine that Paul Lauterbur, a chemist, and Peter Mansfield, 
a physicist, were awarded the 2003 Nobel Prize in Physiology or 
Medicine for their discoveries concerning MRI. The major drawback 
of this technique is expense: The current cost of a new standard MRI 
instrument for clinical applications is typically $1.5 million. In the 
2000s, a new technique was developed, called prepolarized MRI, that 
requires much less expensive equipment and will lead to an even 
greater application of this important diagnostic tool. 


A Figure 6.27 MRI image. This image of a human head, obtained 
using magnetic resonance imaging, shows a normal brain, airways, 
and facial tissues. 


In this representation, which we call an orbital diagram, each orbital is denoted 


by a box and each electron by a half arrow. A half arrow pointing up (1) represents an 


electron with a positive spin magnetic quantum number (m, = +3), and a half arrow 


pointing down (|) represents an electron with a negative spin magnetic quantum num- 


ber (m, = —5). This pictorial representation of electron spin, which corresponds to the 
directions of the magnetic fields in Figure 6.25, is quite convenient. Chemists refer to the 
two possible spin states as “spin-up” and “spin-down” corresponding to the directions of 


the half arrows. 


Electrons having opposite spins are said to be paired when they are in the same 


orbital (||). An unpaired electron is one not accompanied by a partner of opposite spin. In 
the lithium atom the two electrons in the 1s orbital are paired and the electron in the 2s 


orbital is unpaired. 


SECTION 6.8 Electron Configurations 


Hund’s Rule 


Consider now how the electron configurations of the elements change as we move from 
element to element across the periodic table. 


Hydrogen Hydrogen has one electron, which occupies the 1s orbital in its ground state: 
H : 1s! 
Is 


The choice of a spin-up electron here is arbitrary; we could equally well show the ground 
state with one spin-down electron. It is customary, however, to show unpaired electrons 
with their spins up. 


Helium The next element, helium, has two electrons. Because two electrons with oppo- 
site spins can occupy the same orbital, both of helium’s electrons are in the 1s orbital: 


He ‘| | : 1s? 


1s 


The two electrons present in helium complete the filling of the first shell. This 
arrangement represents a very stable configuration, as is evidenced by the chemical 
inertness of helium. 


Lithium The electron configurations of lithium and several elements that follow it in 
the periodic table are shown in Table 6.3. For the third electron of lithium, the change 
in the principal quantum number from n = 1 for the first two electrons to n = 2 for the 
third electron represents a large jump in energy and a corresponding jump in the average 
distance of the electron from the nucleus. In other words, it represents the start of anew 
shell occupied with electrons. As you can see by examining the periodic table, lithium 
starts a new row of the table. It is the first member of the alkali metals (Group 1). 


Beryllium and Boron The element that follows lithium is beryllium; its electron con- 
figuration is 1s?2s? (Table 6.3). Boron, atomic number 5, has the electron configuration 
1s?2s?2p!. The fifth electron must be placed in a 2p orbital because the 2s orbital is filled. 
Because all three of the 2p orbitals are of equal energy, it does not matter which 2p orbital 
we place this fifth electron in. 


TABLE 6.3 Electron Configurations of Several Lighter Elements 


Element Total Electrons Orbital Diagram Electron Configuration 
Is 2s 2p 3s 

Li 3 thy | | | 1522s! 

Be 4 ‘| 1l | | 1572s? 

B 5 1| al 1 FJ 1252p 

c 6 a) [4 { | | 1s22s22p? 

N 7 il) ill a [| 15725223 

Ne 10 II Il WL) tL AL 1572s22p° 

Na 11 \| ql MIT | 152257235! 
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S Sample Exercise 6.7 


atom possess? 


SOLUTION 


(Hund’s rule). 


Analyze and Plan Because oxygen has an atomic number of 8, 
each oxygen atom has eight electrons. Figure 6.24 shows the 

ordering of orbitals. The electrons (represented as half arrows) 1l | 1l | ye 4 | 1 
are placed in the orbitals (represented as boxes) beginning 


Carbon With the next element, carbon, we encounter a new situation. We know that 
the sixth electron must go into a 2p orbital. However, does this new electron go into the 
2p orbital that already has one electron or into one of the other two 2p orbitals? 


Hund’s rule states that that when filling degenerate orbitals the lowest energy is 
attained when the number of electrons having the same spin is maximized. 


This means that electrons occupy orbitals singly to the maximum extent possible and 
that these single electrons in a given subshell all have the same spin magnetic quantum 
number. Electrons arranged in this way are said to have parallel spins. For a carbon atom 
to achieve its lowest energy, therefore, the two 2p electrons must have the same spin. For 
this to happen, the electrons must be in different 2p orbitals, as shown in Table 6.3. Thus, 
a carbon atom in its ground state has two unpaired electrons. 


Nitrogen, Oxygen, Fluorine Similarly, for nitrogen in its ground state, Hund’s rule 
requires that the three 2p electrons singly occupy each of the three 2p orbitals. This is 
the only way that all three electrons can have the same spin. For oxygen and fluorine, we 
place four and five electrons, respectively, in the 2p orbitals. To achieve this, we pair up 
electrons in the 2p orbitals, as we will see in Sample Exercise 6.7. 

Hund’s rule is based in part on the fact that electrons repel one another. By occu- 
pying different orbitals, the electrons remain as far as possible from one another, thus 
minimizing electron-electron repulsions. 


Condensed Electron Configurations 


The filling of the 2p subshell is complete at neon (Table 6.3), which has a stable configu- 
ration with eight electrons (an octet) in the outermost occupied shell. The next element, 
sodium, atomic number 11, marks the beginning of a new row of the periodic table. 
Sodium has a single 3s electron beyond the stable configuration of neon. We can there- 
fore abbreviate the electron configuration of sodium as 


Na: [Ne]3s! 


The symbol [Ne] represents the electron configuration of the ten electrons of neon, 
1s72s72p°. Writing the electron configuration as [Ne]3s! focuses attention on the 


D Orbital Diagrams and Electron Configurations © l 


Draw the orbital diagram for the electron configuration of oxygen, atomic number 8. How many unpaired electrons does an oxygen 


of the three electrons already in a 2p orbital, so that the or- 
bital diagram is 


with the lowest-energy orbital, the 1s. Each orbital can hold 1s 2s 2p 
a maximum of two electrons (the Pauli exclusion principle). The corresponding electron configuration is written 1s?°2s?°2p*. 
Because the 2p orbitals are degenerate, we place one electron The atom has two unpaired electrons. 


in each of these orbitals (spin-up) before pairing any electrons 


Solve Two electrons each go into the 1s and 2s orbitals with > Practice Exercise 

their spins paired. This leaves four electrons for the three How many of the elements in the second row of the periodic 
degenerate 2p orbitals. Following Hund’s rule, we put one table (Li through Ne) will have at least one unpaired elec- 
electron into each 2p orbital until all three orbitals have one tron in their electron configurations? 


electron each. The fourth electron is then paired up with one (a) 3 (b) 4 (c) 5 (d) 6 (e) 7 
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outermost electron of the atom, which is the one largely responsible for how sodium be- 
haves chemically. 

We can generalize what we have just done for the electron configuration of sodium. 
In writing the condensed electron configuration of an element, the electron configuration 
of the nearest noble-gas element of lower atomic number is represented by its chemical 
symbol in brackets. For lithium, for example, we can write 


Li: [He]2s! 


We refer to the electrons represented by the bracketed symbol as the noble-gas core of 
the atom. More usually, these inner-shell electrons are referred to as the core electrons. 
The electrons given after the noble-gas core are called the outer-shell electrons. The out- 
er-shell electrons include the electrons involved in chemical bonding, which are called 
the valence electrons. For the elements with atomic number of 30 or less, all of the 
outer-shell electrons are valence electrons. By comparing the condensed electron config- 
urations of lithium and sodium, we can appreciate why these two elements are so similar 
chemically. They have the same type of electron configuration in the outermost occu- 
pied shell. Indeed, all the members of the alkali metal group (1) have a single s valence 
electron beyond a noble-gas configuration (Figure 6.28). 


Transition Metals 


The noble-gas element argon (15s72s?2p°3s?3p°) marks the end of the row started by 
sodium. The element following argon in the periodic table is potassium (K), atomic 
number 19. In all its chemical properties, potassium is clearly a member of the alkali 
metal group. The experimental facts about the properties of potassium leave no doubt 
that the outermost electron of this element occupies an s orbital. But this means that 
the electron with the highest energy has not gone into a 3d orbital, which we might 
expect it to do. Because the 4s orbital is lower in energy than the 3d orbital (Figure 6.24), 
the condensed electron configuration of potassium is 


K: [Ar]4s! 


Following the complete filling of the 4s orbital (this occurs in the calcium atom), 
the next set of orbitals to be filled is the 3d. (You will find it helpful as we go along to 
refer often to the periodic table on the front-inside cover.) Beginning with scandium 
and extending through zinc, electrons are added to the five 3d orbitals until they are 
completely filled. Thus, the fourth row of the periodic table is ten elements wider 
than the two previous rows. These ten elements are known as either transition 
elements or transition metals. Note the position of these elements in the peri- 
odic table. 

In writing the electron configurations of the transition elements, we fill orbitals in 
accordance with Hund’s rule—we add them to the 3d orbitals singly until all five orbit- 
als have one electron each and then place additional electrons in the 3d orbitals with 
spin pairing until the shell is completely filled. The condensed electron configurations 
and the corresponding orbital diagram representations of two transition elements are 
as follows: 


4s 3d 


Mn: [Ar]4s73d° or [Ar] 1h} ATITA 


Zn: [Ar]4s°3d'° or [Ar]] 1 | | tL | tb] 1b | tl | 1b 


Once all the 3d orbitals have been filled with two electrons each, the 4p orbitals 
begin to be occupied until the completed octet of outer electrons (4574p°) is reached with 
krypton (Kr), atomic number 36, another of the noble gases. Rubidium (Rb) marks the 
beginning of the fifth row. Refer again to the periodic table on the front-inside cover. 
Notice that this row is in every respect like the preceding one, except that the value for n 
is greater by 1. 


Fr 
[Rn]7s! 


Alkali 
metals 


A Figure 6.28 The condensed electron 
configurations of the alkali metals (Group 1 
in the periodic table). 
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The Lanthanides and Actinides 


The sixth row of the periodic table begins with Cs and Ba, which have [Xe]6s! and 
[Xe]6s” configurations, respectively. Notice, however, that the periodic table then has a 
break, with elements 57-70 placed below the main portion of the table. This break point 
is where we begin to encounter a new set of orbitals, the 4f. 

There are seven degenerate 4f orbitals, corresponding to the seven allowed values 
of m, ranging from 3 to —3. Thus, it takes 14 electrons to fill the 4f orbitals com- 
pletely. The 14 elements corresponding to the filling of the 4f orbitals are known as 
either the lanthanide elements or the rare earth elements. These elements are 
set below the other elements to avoid making the periodic table unduly wide. The 
properties of the lanthanide elements are all quite similar, and these elements occur 
together in nature. For many years it was virtually impossible to separate them from 
one another. 

Because the energies of the 4f and 5d orbitals are very close to each other, the 
electron configurations of some of the lanthanides involve 5d electrons. For example, 
the elements lanthanum (La), cerium (Ce), and praseodymium (Pr) have the following 
electron configurations: 


[Xe]6s*5d'  [Xe]6s75d4f! [Xe]6s24f? 
Lanthanum Cerium Praseodymium 


Because La has a single 5d electron, it is sometimes placed below yttrium (Y) as the 
first member of the third series of transition elements; Ce is then placed as the first mem- 
ber of the lanthanides. Based on its chemical properties, however, La can be considered 
the first element in the lanthanide series. Arranged this way, there are fewer apparent 
exceptions to the regular filling of the 4forbitals among the subsequent members of the 
series. 

After the lanthanide series, the third transition element series is completed by the 
filling of the 5d orbitals, followed by the filling of the 6p orbitals. This brings us to radon 
(Rn), the heaviest naturally occurring noble-gas element. 

The final row of the periodic table begins by filling the 7s orbitals. The actinide 
elements, of which uranium (U, element 92) and plutonium (Pu, element 94) are the 
best known, are then built up by completing the Sf orbitals. All of the actinide elements 
are radioactive, and most of them are not found in nature. 


Self-Assessment Exercise 


6.39 


What is the condensed electron configuration of Se? 
(a) [Ar] 4s73d1°4p* 


(b) [Ar] 4574d1°4p* 
(c) [Ar] 4s75d1°4p* 


Exercises 


6.40 


6.41 


6.42 


(a) What are “valence electrons”? (b) What are “core elec- 
trons”? (c) What does each box in an orbital diagram rep- 
resent? (d) What object is represented by the half arrows in 
an orbital diagram? What does the direction of the arrow 
signify? 

Write the condensed electron configurations for the follow- 
ing atoms, using the appropriate noble-gas core abbrevia- 
tions: (a) Cs, (b) Ni, (c) Se, (d) Cd, (e) U, (£) Pb. 


Identify the specific element that corresponds to each of the 
following electron configurations and indicate the number 


6.43 


of unpaired electrons for each: (a) 1572s”, (b) 1s?2s?2p4, 
(c) [Ar]4s!3d°, (d) [Kr]5s74d!°5p*. 


The following do not represent valid ground-state electron 
configurations for an atom either because they violate the 
Pauli exclusion principle or because orbitals are not filled 
in order of increasing energy. Indicate which of these two 
principles is violated in each example. (a) [Ne]3s?3p°3d° 
(b) [Xe ]6s° (c) 1573s!. 
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6.9 | Electron Configurations and 
the Periodic Table 
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TABLE 6.4 Electron 
Configurations of Group 2 and 
13 Elements 


In almost every chemistry lecture theatre and teaching space, there is a periodic table. aiak 
It plays a central role in our thinking about chemistry. The pattern it portrays reflects Be He]2s* 
the electron configuration of the atoms and hence the chemistry they undergo. It is our Mg Ne]35? 
‘road map’ to understanding the reactivity of the elements. Ca Ar]4s” 
By the end of this section, you should be able to Sr Kr]5s2 
e Use the periodic table to write condensed electron configurations and determine the Ba Xe]6s” 
number of unpaired electrons in an atom Ra Rn] 752 
We just saw that the electron configurations of the elements correspond to their loca- Group 13 
tions in the periodic table. Thus, elements in the same column of the table have related B He]2s*2p! 
outer-shell (valence) electron configurations. As Table 6.4 shows, for example, all Group Al Ne]3s73p! 
2 elements have an ns? outer configuration, and all Group 13 elements have an nsnp! Ga Ar]3d104s24p! 
outer configuration, with the value of n increasing as we move down each column. In Kr]4d"%5s25p! 
In Table 6.2 we saw that the total number of orbitals in each shell equals n°: 1, 4, 9, 
Tl Xe]4f'45d'°6s6p! 


or 16. Because we can place two electrons in each orbital, each shell accommodates up 
to 2n? electrons: 2, 8, 18, or 32. We see that the overall structure of the periodic table 
reflects these electron numbers: Each row of the table has 2, 8, 18, or 32 elements in it. 
As shown in Figure 6.29, the periodic table can be further divided into four blocks based v Figure 6.29 Regions of the periodic table. 
on the filling order of orbitals. On the left are two blue columns of elements. These ele- The order in which electrons are added to 


ments, known as the alkali metals (Group 1) and alkaline earth metals (Group 2), are T is read left to right beginning in the 
op-left corner. 


Representative Representative 
Elements Elements 
mA r A x 
1 
2 st 
4 Transition metals 
4 
5 f-block metals 
E, 
6 4f 
7 S 


Œ s-orbitals f-orbitals E d-orbitals Œ p-orbitals 
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those in which the valence s orbitals are being filled. These two columns make up the s 
block of the periodic table. 

On the right is a block of six pink columns that comprises the p block, where the 
valence p orbitals are being filled. The s block and the p block elements together are the 
representative elements, sometimes called the main-group elements. 

The orange block in Figure 6.29 has ten columns containing the transition 
metals. These are the elements in which the valence d orbitals are being filled and make 
up the d block. 

The elements in the two tan rows containing 14 columns are the ones in which the 
valence f orbitals are being filled and make up the f block. Consequently, these elements 
are often referred to as the f- block metals. In most tables, the f block is positioned 
below the periodic table to save space: 


8A 
3A 4A 5A 6A a 


The number of columns in each block corresponds to the maximum number of 
electrons that can occupy each kind of subshell. Recall that 2, 6, 10, and 14 are the 
numbers of electrons that can fill the s, p, d, and f subshells, respectively. Thus, the s 
block has 2 columns, the p block has 6, the d block has 10, and the f block has 14. Recall 
also that 1s is the first s subshell, 2p is the first p subshell, 3d is the first d subshell, and 
4fis the first fsubshell, as Figure 6.29 shows. Using these facts, you can write the elec- 
tron configuration of an element based merely on its position in the periodic table. 
Remember: The periodic table is your best guide to the order in which orbitals are filled. 

Let’s use the periodic table to write the electron configuration of selenium (Se, ele- 
ment 34). We first locate Se in the table and then move backward from it through the 
table, from element 34 to 33 to 32, and so forth, until we come to the noble gas that pre- 
cedes Se. In this case, the noble gas is argon, Ar, element 18. Thus, the noble-gas core for 
Se is [Ar]. Our next step is to write symbols for the outer electrons. We do this by moving 
across Period 4 from K, the element following Ar, to Se: 


1A 8A 


1 E.. 3A 4A 5A 6A > 


Noble- 
gas core 


Because K is in the fourth period and the s block, we begin with the 4s electrons, mean- 
ing our first two outer electrons are written 4s”, We then move into the d block, which 
begins with the 3d electrons. (The principal quantum number in the d block is always 
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one less than that of the preceding elements in the s block, as seen in Figure 6.29.) Tra- 
versing the d block adds ten electrons, 3d". Finally, we move into the p block, whose 
principal quantum number is always the same as that of the s block. Counting the 
squares as we move across the p block to Se tells us that we need four electrons, 4p*. The 
electron configuration for Se is therefore [Ar]4s73d!°4p*. This configuration can also be 
written with the subshells arranged in order of increasing principal quantum number: 
[Ar]3d104s74p?. 

As a check, we add the number of electrons in the [Ar] core, 18, to the number of 
electrons we added to the 4s, 3d, and 4p subshells. This sum should equal the atomic 
number of Se, 34:18 + 2 + 10 + 4 = 34. 


SW Sample Exercise 6.8 © 


PF Electron Configurations for a Group 


What is the characteristic valence electron configuration of the Group 17 elements, the halogens? 


SOLUTION The electron configuration for chlorine, the second halogen, is 


Analyze and Plan We first locate the halogens in the periodic table, Cl: [Ne]3s73p° 
write the electron configurations for the first two elements, and 


; S an ag ; ; From these two examples, we see that the characteristic valence 
then determine the general similarity between the configurations. PSNI 


electron configuration of a halogen is ns?np*, where n ranges from 
Solve The first member of the halogen group is fluorine (F, ele- 2 in the case of fluorine to 6 in the case of astatine. 

ment 9). Moving backward from F, we find that the noble-gas core 
is [He]. Moving from He to the element of next higher atomic 
number brings us to Li, element 3. Because Li is in the second 
period of the s block, we add electrons to the 2s subshell. Moving 
across this block gives 2s”. Continuing to move to the right, we 
enter the p block. Counting the squares to F gives 2p°. Thus, the 
condensed electron configuration for fluorine is 


F: [He]2s?2p° 


> Practice Exercise 
Which group of elements is characterized by an ns”np? elec- 
tron configuration in the outermost occupied shell? 


J Sample Exercise 6.9 


D Electron Configurations from the Periodic Table 


(a) Based on its position in the periodic table, write the condensed electron configuration for bismuth, element 83. (b) How many 
unpaired electrons does a bismuth atom have? 


SOLUTION second row is 4d and the third row is 5d. Thus, as we move 
through the ten elements of the d block, from element 

71 to element 80, we fill the 5d subshell with ten 
electrons: 5d". 

Moving from element 80 to element 81 puts us into 
the p block in the 6p subshell. (Remember that the prin- 
cipal quantum number in the p block is the same as 
that in the s block.) Moving across to Bi requires three 
electrons: 6p*. Putting the parts together, we obtain the 
condensed electron configuration: [Xe]6s24f145d!6p?. 
This configuration can also be written with the subshells 
arranged in order of increasing principal quantum number: 
[Xe]4f145d°6s76p?. 

Finally, we check our result to see if the number of 
electrons equals the atomic number of Bi, 83: Because 
Xe has 54 electrons (its atomic number), we have 
54 + 2 + 14+ 10+ 3 = 83. (If we had 14 electrons too few, 
we would realize that we have missed the f block.) 


(a) Our first step is to write the noble-gas core. We do this by 
locating bismuth, element 83, in the periodic table. We then 
move backward to the nearest noble gas, which is Xe, element 
54. Thus, the noble-gas core is [Xe]. 

Next, we trace the path in order of increasing atomic 
numbers from Xe to Bi. Moving from Xe to Cs, element 55, we 
find ourselves in Period 6 of the s block. Knowing the block 
and the period identifies the subshell in which we begin plac- 
ing outer electrons, 6s. As we move through the s block, we 
add two electrons: 6s”. 

As we move beyond the s block, from element 56 to ele- 
ment 57, the curved arrow below the periodic table reminds 
us that we are entering the f block. The first row of the f block 
corresponds to the 4fsubshell. As we move across this block, 
we add 14 electrons: 4f1*. 

With element 71, we move into the third row of the 
d block. Because the first row of the d block is 3d, the 


Continued 


312 CHAPTER 6 Electronic Structure of Atoms 


18 
if 2 13 14 15 16 yi 


Noble- 
gas core 


N FD URA WN 


14 
4f f 
(b) We see from the condensed electron configuration that the > Practice Exercise 
only partially occupied subshell is 6p. The orbital diagram rep- A certain atom has a [noble gas]5s74d1°5p* electron configu- 
resentation for this subshell is ration. Which element is it? 
{ { { (a) Cd (b) Te (c) Sm (d) Hg (e) More information is needed 


In accordance with Hund’s rule, the three 6p electrons occupy the 
three 6p orbitals singly, with their spins parallel. Thus, there are 
three unpaired electrons in the bismuth atom. 


Figure 6.30 gives, for all the elements, the ground-state electron configurations 
for the outer-shell electrons. You can use this figure to check your answers as you 
practice writing electron configurations. We have written these configurations with 
orbitals listed in order of increasing principal quantum number. As we saw in Sample 
Exercise 6.9, the orbitals can also be listed in order of filling, as they would be read 
off of the periodic table. 

Figure 6.30 allow us to reexamine the concept of valence electrons. Notice, for 
example, that as we proceed from Cl ([Ne]3s73p°) to Br ([Ar]3d!°4s74p°) we add a com- 
plete subshell of 3d electrons to the electrons beyond the [Ar] core. Although the 3d 
electrons are outer-shell electrons, they are not involved in chemical bonding and are 
therefore not considered valence electrons. Thus, we consider only the 4s and 4p elec- 
trons of Br to be valence electrons. Similarly, if we compare the electron configurations of 
Ag (element 47) and Au (element 79), we see that Au has a completely full 4f1* subshell 
beyond its noble-gas core, but those 4felectrons are not involved in bonding. In general, 
for representative elements we do not consider the electrons in completely filled d or f subshells to 
be valence electrons, and for transition elements we do not consider the electrons in a completely 
filled f subshell to be valence electrons. 


Anomalous Electron Configurations 


The electron configurations of certain elements appear to violate the rules we have 
just discussed. For example, Figure 6.30 shows that the electron configuration of 
chromium (element 24) is [Ar]3d°4s! rather than the [Ar]3d*4s? configuration we 
might expect. Similarly, the configuration of copper (element 29) is [Ar]3d!°4s! 
instead of [Ar]3d?4s?. 

This anomalous behavior is largely a consequence of the closeness of the 3d and 
4s orbital energies. It frequently occurs when there are enough electrons to form pre- 
cisely half-filled sets of degenerate orbitals (as in chromium) or a completely filled 
d subshell (as in copper). There are a few similar cases among the heavier transition 
metals (those with partially filled 4d or 5d orbitals) and among the f-block metals. 
Although these minor departures from the expected are interesting, they are not of 
great chemical significance. 


A4 


Go Figure 


A friend tells you that her favorite element has an electron configuration of 
[noble gas]6s?4f145d8. Which element is it? 
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\SA Sample Integrative Exercise 


A Figure 6.30 Outer-shell electron configurations of the elements. 


1A 
1 8A 
18 
íl 
H 2 
1s! | 2A 3A 4A 5A 6A 7A | He 
2 133 14 15 16 17|" 
Core D s Po A FA 
Li | Be B C N O F | Ne 
[He] ag || ase 2s°2p' | 2s*2p? | 252p | 252p" |25 2p | 2s?2p° 
iil | 12 8B 13 ER Ib 6 | 17 1s 
Na | Mg | 3B 4B 5B 6B 7B 8 9 10 1B 2B {| Al} Si| P| S | Cl) Ar 
[Ne] 3s! 352 3 4 5 6 7 K 11 12 | 353p" | 358p | 35°3p° | 3s*3p* | 3s°3p° | 35°3p° 
19 20 2il 22 23 24 25 26 Dy 28 29 30 31 32 38} 34 35 36 
K Ca | Sc Ti V Cr | Mn | Fe | Co | Ni | Cu | Zn | Ga | Ge | As | Se | Br | Kr 
[Ar] 4s! | 4s? |4s23d! | 45234? | 45234? | 451345 | 452345 | 452346 | 452347 | 45738 | 4s13d® | 45234" | 4s°3d"° | 4s°3d" f4s?3d "0| 4s°3d"?| 4s°3d'0| 45°3d 
4p' Ap? 4p? 4p* 4p” 4p® 
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Rb | Sr Y Zr | Nb | Mo | Tc | Ru | Rh | Pd | Ag | Cd | In | Sn | Sb | Te I Xe 
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5p! 5p” 5p? Ca 5p 5p° 
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Cs | Ba Lu | Hf | Ta | W | Re | Os Ir Pt | Au | H Tl | Pb | Bi | Po | At | Rn 
[Xe 6s! | 6s? | |6s74f"4) 6s24f"* | 6s74f"4 | 6s24f"4 | 6574" | 6s24f"4 | 6574" | 6s'4f | 6s'4f"* | 6s74f 4 | 6574 "4 | 6s74f "| 6s°4f"* | 6s74f 4 srap"! 6s4f 
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; by | SS | S || eo | Gl | @ | Gd | Gt | @ | G | w& | G | w | w 
Lanthanide La | Ce | Pr | Nd | Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb 
[Xe] series 6s°5d' osr4ft 6s°4f? | 6s74f* | 6s74f° | 6s74F° | 6s°4f7 6s'4f? 6374f? | 6s74f1° | 68°4f" | 6574F1? | 68°4f" | 6s74f "4 
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Lt Putting Concepts Together 


Boron, atomic number 5, occurs naturally as two isotopes, '°B and 11B, with natural abundances of 19.9% and 80.1%, respectively. 
(a) In what ways do the two isotopes differ from each other? Does the electronic configuration of 1°B differ from that of !1B? (b) Draw 
the orbital diagram for an atom of !!B. Which electrons are the valence electrons? (c) Indicate three ways in which the 1s electrons in 
boron differ from its 2s electrons. (d) Elemental boron reacts with fluorine to form BF3, a gas. Write a balanced chemical equation for 


the reaction of solid boron with fluorine gas. (e) A HP for BF3(g) is -1135.6 kJ/mol. Calc 


reaction of boron with fluorine. (f) Will the mass percentage of F be the same in !°BF3 and 


SOLUTION 


(a) The two isotopes of boron differ in the number of neutrons in 
the nucleus. Each of the isotopes contains five protons, but 
10B contains five neutrons, whereas !!B contains six neutrons. 
The two isotopes of boron have identical electron configura- 
tions, 1s22s?2p!, because each has five electrons. 


1BF;? If not, why is that the case? 


(b) The complete orbital diagram is 


1 


1 


1s 


2s 


2p 


ulate the standard enthalpy change in the 
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The valence electrons are the ones in the outermost occupied 
shell, the 2s? and 2p! electrons. The 1s? electrons constitute 
the core electrons, which we represent as [He] when we write 
the condensed electron configuration, [He ]2s?2p!. 


(c) The 1s and 2s orbitals are both spherical, but they differ in 
three important respects: First, the 1s orbital is lower in energy 
than the 2s orbital. Second, the average distance of the 2s elec- 
trons from the nucleus is greater than that of the 1s electrons, 
so the 1s orbital is smaller than the 2s. Third, the 2s orbital has 
one node, whereas the 1s orbital has no nodes (Figure 6.18). 


(d) The balanced chemical equation is 


2B(s) + 3F(g) — 2 BB(8) 


(e) AH® = 2(—1135.6) — [0 + 0] 
strongly exothermic. 


2271.2 kJ. The reaction is 


(f) As we saw in Equation 3.10 (Section 3.3), the mass percent- 
age of an element in a substance depends on the formula 
weight of the substance. The formula weights of !°BF; and 
BF; are different because of the difference in the masses 
of the two isotopes (the isotope masses of !°B and ''B are 
10.01294 and 11.00931 amu, respectively). The denominators 
in Equation 3.10 would therefore be different for the two iso- 
topes, whereas the numerators would remain the same. 


eee 
Chapter Summary and Key Terms 


WAVELENGTHS AND FREQUENCIES OF LIGHT (INTRODUCTION 
AND SECTION 6.1) The electronic structure of an atom describes the 
energies and arrangement of electrons around the atom. Much of 
what is known about the electronic structure of atoms was obtained 
by observing the interaction of light with matter. 

Visible light and other forms of electromagnetic radiation (also 
known as radiant energy) move through a vacuum at the speed of 
light, c = 2.998 x 108 m/s. Electromagnetic radiation has both 
electric and magnetic components that vary periodically in wave- 
like fashion. The wave characteristics of radiant energy allow it to 
be described in terms of wavelength, A, and frequency, v, which are 
interrelated: Av = c. 


QUANTIZED ENERGY AND PHOTONS (SECTION 6.2) Planck pro- 
posed that the minimum amount of radiant energy that an object 
can gain or lose is related to the frequency of the radiation: E = hv. 
This smallest quantity is called a quantum of energy. The constant h is 
called the Planck constant: h = 6.626 x 107**J-s. 

In the quantum theory, energy is quantized, meaning that it 
can have only certain allowed values. Einstein used the quantum the- 
ory to explain the photoelectric effect, the emission of electrons from 
metal surfaces when exposed to light. He proposed that light behaves 
as if it consists of quantized energy packets called photons. Each pho- 
ton carries energy, E = hv. 


BOHR MODEL OF THE HYDROGEN ATOM (SECTION 6.3) Disper- 
sion of radiation into its component wavelengths produces a spec- 
trum. If the spectrum contains all wavelengths, it is called a continuous 
spectrum; if it contains only certain specific wavelengths, the spec- 
trum is called a line spectrum. The radiation emitted by excited hydro- 
gen atoms forms a line spectrum. 

Bohr proposed a model of the hydrogen atom that explains its 
line spectrum. In this model, the energy of the electron in the hydro- 
gen atom depends on the value of a quantum number, n, called the 
principal quantum number. The value of n must be a positive integer 
(1, 2, 3,...), and each value of n corresponds to a different specific 
energy, E,,. The energy of the atom increases as n increases. The low- 
est energy is achieved for n = 1; this is called the ground state of the 
hydrogen atom. Other values of n correspond to excited states. Light 
is emitted when the electron drops from a higher-energy state to a 
lower-energy state; light is absorbed to excite the electron from a 
lower-energy state to a higher one. The frequency of light emitted or 
absorbed is such that hv equals the difference in energy between two 
allowed states. 


WAVE BEHAVIOR OF MATTER (SECTION 6.4) De Broglie proposed 
that matter, such as electrons, should exhibit wave-like proper- 
ties. This hypothesis of matter waves was proved experimentally by 
observing the diffraction of electrons. An object has a characteristic 
wavelength that depends on its momentum, mv: A = h/mv. 


Discovery of the wave properties of the electron led to Heisen- 
berg’s uncertainty principle, which states that there is an inherent limit 
to the accuracy with which the position and momentum of a particle 
can be measured simultaneously. 


QUANTUM MECHANICS AND ORBITALS (SECTION 6.5) In the 
quantum-mechanical model of the hydrogen atom, the behavior 
of the electron is described by mathematical functions called wave 
functions, denoted with the Greek letter y. Each allowed wave func- 
tion has a precisely known energy, but the location of the electron 
cannot be determined exactly; rather, the probability of it being at 
a particular point in space is given by the probability density, y. The 
electron-density distribution is a map of the probability of finding the 
electron at all points in space. 

The allowed wave functions of the hydrogen atom are called 
orbitals. An orbital is described by a combination of an integer anda 
letter, corresponding to values of three quantum numbers. The prin- 
cipal quantum number, n, is indicated by the integers 1, 2, 3,.... This 
quantum number relates most directly to the size and energy of the 
orbital. The angular momentum quantum number, /, is indicated by the 
letters s, p, d, f, and so on, corresponding to the values of 0, 1, 2, 3,.. 
. . The / quantum number defines the shape of the orbital. For a given 
value of n, l can have integer values ranging from 0 to (n — 1). The 
magnetic quantum number, m, relates to the orientation of the orbital 
in space. For a given value of l, m; can have integral values ranging 
from —/ to 1, including 0. Subscripts can be used to label the orienta- 
tions of the orbitals. For example, the three 3p orbitals are designated 
3px, 3py, and 3p,, with the subscripts indicating the axis along which 
the orbital is oriented. 

An electron shell is the set of all orbitals with the same value 
of n, such as 3s, 3p, and 3d. In the hydrogen atom all the orbitals in 
an electron shell have the same energy. A subshell is the set of one or 
more orbitals with the same n and / values; for example, 3s, 3p, and 
3d are each subshells of the n = 3 shell. There is one orbital in an s 
subshell, three in a p subshell, five in a d subshell, and seven in an f 
subshell. 


REPRESENTATIONS OF ORBITALS (SECTION 6.6) Contour repre- 
sentations are useful for visualizing the shapes of the orbitals. Rep- 
resented this way, s orbitals appear as spheres that increase in size as 
n increases. The radial probability function tells us the probability that 
the electron will be found at a certain distance from the nucleus. The 
wave function for each p orbital has two lobes on opposite sides of 
the nucleus. They are oriented along the x, y, and z axes. Four of the 
d orbitals appear as shapes with four lobes around the nucleus; the 
fifth one, the d» orbital, is represented as two lobes along the z axis 
and a “doughnut” in the xy plane. Regions in which the wave func- 
tion is zero are called nodes. There is zero probability that the electron 
will be found at a node. 


MANY-ELECTRON ATOMS (SECTION 6.7) In many-electron atoms, 
different subshells of the same electron shell have different ener- 
gies. For a given value of n, the energy of the subshells increases as 
the value of / increases: ns < np < nd < nf. Orbitals within the same 
subshell are degenerate, meaning they have the same energy. 

Electrons have an intrinsic property called electron spin, which is 
quantized. The spin magnetic quantum number, m,, can have two possi- 
ble values, +5 and —3, which can be envisioned as the two directions 
of an electron spinning about an axis. The Pauli exclusion principle 
states that no two electrons in an atom can have the same values for 
n, l, m, and ms. This principle places a limit of two on the number 
of electrons that can occupy any one atomic orbital. These two elec- 
trons differ in their value of m,. 


ELECTRON CONFIGURATIONS AND THE PERIODIC TABLE 
(SECTIONS 6.8 AND 6.9) The electron configuration of an atom 
describes how the electrons are distributed among the orbitals of 
the atom. The ground-state electron configurations are generally 
obtained by placing the electrons in the atomic orbitals of lowest 
possible energy with the restriction that each orbital can hold no 
more than two electrons. We depict the arrangement of the elec- 
trons pictorially using an orbital diagram. When electrons occupy a 
subshell with more than one degenerate orbital, such as the 2p sub- 
shell, Hund’s rule states that the lowest energy is attained by max- 
imizing the number of electrons with the same electron spin. For 
example, in the ground-state electron configuration of carbon, the 
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two 2p electrons have the same spin and must occupy two different 
2p orbitals. 

Elements in any given group in the periodic table have the same 
type of electron arrangements in their outermost shells. For example, 
the electron configurations of the halogens fluorine and chlorine are 
[He]2s?2p° and [Ne]3s73p, respectively. The outer-shell electrons are 
those that lie outside the orbitals occupied in the next lowest noble- 
gas element. The outer-shell electrons that are involved in chemical 
bonding are the valence electrons of an atom; for the elements with 
atomic number 30 or less, all of the outer-shell electrons are valence 
electrons. The electrons that are not valence electrons are called core 
electrons. 

The periodic table is partitioned into different types of ele- 
ments, based on their electron configurations. Those elements in 
which the outermost subshell is an s or p subshell are called the 
representative (or main-group) elements. Those elements in which a 
d subshell is being filled are called the transition elements (or tran- 
sition metals). The elements in which the 4fsubshell is being filled 
are called the lanthanide (or rare earth) elements. The actinide ele- 
ments are those in which the 5fsubshell is being filled. The lan- 
thanide and actinide elements are collectively referred to as the 
f-block metals. These elements are shown as two rows of 14 ele- 
ments below the main part of the periodic table. The structure of 
the periodic table, summarized in Figure 6.30, allows us to write 
the electron configuration of an element from its position in the 
periodic table. 


Learning Outcomes After studying this chapter, you should be able to: 


e Calculate the wavelength of electromagnetic radiation given its 
frequency or its frequency given its wavelength. (Section 6.1) 
Related Exercises: 6.5, 6.6, 6.59, 


e Order the common kinds of radiation in the electromagnetic 
spectrum according to their wavelengths or energy. (Section 6.1) 
Related Exercises: 6.2, 6.3, 6.57, 6.58 


e Explain what photons are and be able to calculate their energies 
given either their frequency or wavelength. (Section 6.2) 
Related Exercises: 6.9, 6.11, 6.12, 6.62 


e Explain how line spectra relate to the idea of quantized energy 
states of electrons in atoms. (Section 6.3) 
Related Exercises: 6.18, 6.67, 6.70, 6.71 


e Calculate the wavelength of a moving object. (Section 6.4) 
Related Exercises: 6.23, 6.24, 6.73, 6.74 


e Explain how the uncertainty principle limits how precisely we 
can specify the position and the momentum of subatomic par- 
ticles such as electrons. (Section 6.4) Related Exercises: 6.25, 6.75 


e Relate the quantum numbers to the number and type of orbitals 
and recognize the different orbital shapes. (Section 6.5) 
Related Exercises: 6.28, 6.29, 6.31, 6.80 


e Interpret radial probability function graphs for atomic orbitals. 
(Section 6.6) Related Exercises: 6.27, 6.76, 6.82 


e Explain how and why the energies of the orbitals are different 
in a many-electron atom from those in the hydrogen atom 
(Section 6.7) Related Exercises: 6.36, 6.83 


e Draw an energy-level diagram for the orbitals in a many- 
electron atom and describe how electrons populate the orbit- 
als in the ground state of an atom, using the Pauli exclusion 
principle and Hund’s rule. (Section 6.8) 

Related Exercises: 6.37, 6.54 


e Use the periodic table to write condensed electron configura- 
tions and determine the number of unpaired electrons in an 
atom. (Section 6.9) Related Exercises: 6.41, 6.42, 6.87, 6.88 


voo 


Key Equations 


e w=cCc [6.1] 

e E=Ww [6.2] 
tj- -18 1 , 

* E= (—heRy)( 73 ) = (7218 x 10°) 6.5] 

e à= h/m [6.8] 

e Ax:A(my) = Me [6.9] 


light as a wave: A = wavelength in meters, v = frequency ins” ', 


= speed of light (2.998 x 10° m/s) 


light as a particle (photon): E = energy of photon in joules, h 
Planck constant (6.626 X 10~*“J-s),v = frequency ins! 


energies of the allowed states of the hydrogen atom: h = 
Planck constant; c = speed of light; Ry = Rydberg constant 
(1.096776 x 10’m~!);n = 1,2,3,... (any positive integer) 


matter as a wave: A = wavelength, h = Planck constant, 
m = mass of object in kg, v = speed of object in m/s 


Heisenberg’s uncertainty principle. The uncertainty in position 
(Ax) and momentum [A(mv)] of an object cannot be zero; the 
smallest value of their product is h/4a 
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Exercises 


Visualizing Concepts 


6.44 The speed of sound in dry air at 20 °C is 343 m/s and the low- 


6.45 


est frequency sound wave that the human ear can detect is 
approximately 20 Hz. (a) What is the wavelength of such a 
sound wave? (b) What would be the frequency of electro- 
magnetic radiation with the same wavelength? (c) What 
type of electromagnetic radiation would that correspond to? 
[Section 6.1] 


A popular kitchen appliance produces electromagnetic 
radiation with a frequency of 2450 MHz. With reference 
to Figure 6.4, answer the following: (a) Estimate the wave- 
length of this radiation. (b) Would the radiation pro- 


duced by the appliance be visible to the human eye? (c) If 6.49 Acertainquantum-mechanical 
the radiation is not visible, do photons of this radiation system has the energy levels n=4 
have more or less energy than photons of visible light? shown in the accompanying 
(d) Which of the following is the appliance likely to be? diagram. The energy levels are 
(i) A toaster oven, (ii) A microwave oven, or (iii) An electric indexed by a single quantum 
hotplate. [Section 6.1] number n that is an integer. 
As d hich - 
6.46 The following diagrams represent two electromagnetic (a) As drawn, ener en > 
; tum numbers are involved in =3 
waves, drawn on the same scale. (a) Which wave has a lon- the fansition. that ead nes po n 
ger wavelength? (b) Which wave has a higher frequency? th t > (b a h 
(c) Which wave has a higher energy? [Section 6.2] e most energy? (b) PE H 
quantum numbers are in- 
volved in the transition that =2 
requires the least energy? (c) ss 
Based on the drawing, put the n=1 


6.47 


6.48 


WWW 


(b) 


(a) 


Stars do not all have the same temperature. The color of light 
emitted by stars is characteristic of the light emitted by hot 
objects. Telescopic photos of three stars are shown: (i) the 
Sun, which is classified as a yellow star, (ii) Rigel, in the con- 


6.50 


following in order of increas- 

ing wavelength of the light absorbed during the transition: 

(ij) n= 1 ton = 2; (ii) n = 2 ton = 3; (iii) n = 2 to n = 4 

(iv) n = 1 ton = 3. [Section 6.3] 

Consider the three electronic transitions in a hydrogen atom 

shown here, labeled A, B, and C. 

(a) Three electromagnetic waves, all drawn on the same 
scale, are also shown. Each corresponds to one of the 
transitions. Which electromagnetic wave (i), (ii), or (iii), 
is associated with electronic transition C? 


stellation Orion, which is classified as a blue-white star, and 
(iii) Betelgeuse, also in Orion, which is classified as a red star. Ope Se | 
(a) Place these three stars in order of increasing temperature. n=A4 AAA 
(b) Which of the following principles is relevant to your a C n=3 
choice of answer for part (a): The uncertainty principle, the S @ 
photoelectric effect, blackbody radiation, or line spectra? £ B z 
[Section 6.2] > Pema: 
a 
© 
= 
x 
eo A (ii) 
g 
(= 
aa 
(i) Sun (ii) Rigel (iii) Betelgeuse —218 4 n=1 
(iii) 


The familiar phenomenon of a rainbow results from the 
diffraction of sunlight through raindrops. (a) Does the 
wavelength of light increase or decrease as we proceed out- 
ward from the innermost band of the rainbow? (b) Does 
the frequency of light increase or decrease as we proceed 
outward? [Section 6.3] 


(b) Calculate the energy of the photon emitted for each 
transition. 

(c) Calculate the wavelength of the photon emitted for each 
transition. Do any of these transitions lead to the emis- 
sion of visible light? If so which one(s)? [Section 6.3] 


6.51 


6.52 


6.53 


6.54 


Consider a fictitious one-dimensional system with one electron. 
The wave function for the electron, as shown here, is (x) = sin x 
from x = 0 to x = 2r. (a) Sketch the probability density, u(x), 
from x = 0 tox = 2r. (b) At what value or values of x will there 
be the greatest probability of finding the electron? (c) What is the 
probability that the electron will be found at x = m? Whatis such 
a point in a wave function called? [Section 6.5] 


The contour representation of 

one of the orbitals for the n = 3 

shell of a hydrogen atom is shown 

here. (a) What is the quantum 
number l for this orbital? (b) How 

do we label this orbital? (c) In 
which of the following ways 
would you modify this sketch if x 
the value of the magnetic quan- 

tum number, m, were to change? 

(i) It would be drawn larger, (ii) the 
number of lobes would change, 

(iii) the lobes of the orbital would point in a different direction, 
(iv) there would be no change in the sketch. [Section 6.6] 


The accompanying drawing 
shows a contour plot for a dy, 
orbital. Consider the quan- 
tum numbers that could 
potentially correspond to 
this orbital. (a) What is 
the smallest possible value 
of the principal quantum 
number, n? (b) What is the 
value of the angular mo- 
mentum quantum num- 
ber, /? (c) What is the largest 
possible value of the magnetic quantum number, mẹ 
(d) The probability density goes to zero along which of the 
following planes: xy, xz, or yz? 


z 


d 


yz 


Four possible electron configurations for a nitrogen atom 
are shown here, but only one schematic represents the cor- 
rect configuration for a nitrogen atom in its ground state. 
Which one is the correct electron configuration? Which 
configurations violate the Pauli exclusion principle? 
Which configurations violate Hund’s rule? [Section 6.8] 


Configuration A | 1 } 1 | 


1s 2s 2p 


Configuration B j | | 


1s 2s 2p 


Configuration C | | 1 1 


1s 2s 2p 


Configuration D | | 1 1 | 


1s 2s 2p 
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State where in the periodic table these elements appear: 
(a) elements with the valence-shell electron configuration 
215 
ns“np 
(b) elements that have three unpaired p electrons 
(c) an element whose valence electrons are 4s74p} 
(d) the d-block elements [Section 6.9] 


The Wave Nature of Light (Section 6.1) 


6.56 


6.57 


6.58 


6.59 


6.60 


Carbon dioxide in the atmosphere absorbs energy in the 
4.0-4.5 um range of the spectrum. (a) Calculate the fre- 
quency of the 4.0 um radiation. (b) In what region of the 
electromagnetic spectrum does this radiation occur? 


Determine which of the following statements are false and 
correct them. (a) The frequency of radiation increases as the 
wavelength increases. (b) Electromagnetic radiation travels 
through a vacuum at a constant speed, regardless of wave- 
length. (c) Infrared light has higher frequencies than visi- 
ble light. (d) The glow from a fireplace, the energy within a 
microwave oven, and a foghorn blast are all forms of electro- 
magnetic radiation. 


List the following types of electromagnetic radiation in order 
of descending wavelength: (a) UV lights used in tanning 
salons (300-400 nm); (b) radiation from an FM radio station 
at 93.1 MHz on the dial; (c) radiation from mobile phones 
(450-2100 MHz); (d) the yellow light from sodium vapor 
streetlights; (e) the red light of a light-emitting diode, such as 
in an appliance’s display. 

(a) What is the frequency of radiation whose wavelength is 
0.86 nm? (b) What is the wavelength of radiation that has a 
frequency of 6.4 x 10! s71? (c) Would the radiations in part 
(a) or part (b) be detected by an X-ray detector? (d) What dis- 
tance does electromagnetic radiation travel in 0.38 ps? 


It is possible to convert radiant energy into electrical energy 
using photovoltaic cells. Assuming equal efficiency of con- 
version, would infrared or ultraviolet radiation yield more 
electrical energy on a per-photon basis? 


Quantized Energy and Photons (Section 6.2) 


6.61 


6.62 


Einstein’s 1905 paper on the photoelectric effect was the 
first important application of Planck’s quantum hypothe- 
sis. Describe Planck’s original hypothesis, and explain how 
Einstein made use of it in his theory of the photoelectric 
effect. 


(a) A green laser pointer emits light with a wavelength of 
532 nm. What is the frequency of this light? (b) What is 
the energy of one of these photons? (c) The laser pointer 
emits light because electrons in the material are excited (by 
a battery) from their ground state to an upper excited state. 
When the electrons return to the ground state, they lose the 
excess energy in the form of 532-nm photons. What is 
the energy gap between the ground state and excited state in 
the laser material? 
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6.63 


6.64 


6.65 


6.66 
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An AM radio station broadcasts at 1000 kHz and its FM 
partner broadcasts at 100 MHz. Calculate and compare the 
energy of the photons emitted by these two radio stations. 


The energy from radiation can be used to rupture chemical 
bonds. A minimum energy of 192 kJ/mol is required to break 
the bromine-bromine bond in Br,. What is the longest wave- 
length of radiation that possesses the necessary energy to break 
the bond? What type of electromagnetic radiation is this? 


A stellar object is emitting radiation at 3.0 mm. (a) What type 
of electromagnetic spectrum is this radiation? (b) If a detector 
is capturing 3.0 x 10° photons per second at this wavelength, 
what is the total energy of the photons detected in 1 day? 


Titanium metal requires light with a maximum wavelength 
of 286 nm to emit electrons. (a) What is the minimum energy 
of the photons necessary to emit electrons from titanium via 
the photoelectric effect? (b) What is the frequency of this 
radiation? (c) Is it possible to eject electrons from titanium 
metal using infrared light? (d) If titanium is irradiated with 
light of wavelength 276 nm, what is the maximum possible 
kinetic energy of the emitted electrons? 


Bohr’s Model; Matter Waves (Sections 6.3 and 6.4) 


6.67 


6.68 


6.69 


6.70 


6.71 


6.72 


6.73 


6.74 


6.75 


Classify each of the following statements as either true or 
false: (a) A hydrogen atom in the n = 3 state can emit light 
at only two specific wavelengths, (b) a hydrogen atom in the 
= 2 state is at a lower energy than one in the n = 1 state, 
and (c) the energy of an emitted photon equals the energy 
difference of the two states involved in the emission. 


Indicate whether energy is emitted or absorbed when the 
following electronic transitions occur in hydrogen: (a) from 
n = 2 ton = 3, (b) from an orbit of radius 0.529 to one of 
radius 0.476 nm, (c) from then = 9 to then = 6 state. 


Consider a transition of the electron in the hydrogen atom from 

= 8 ton = 3. (a) Is AE for this process positive or negative? 
(b) Determine the wavelength of light that is associated with this 
transition. Will the light be absorbed or emitted? (c) In which 
portion of the electromagnetic spectrum is the light in part (b)? 


The Lyman series of emission lines of the hydrogen atom are 
those for which n; = 1. (a) Determine the region of the elec- 
tromagnetic spectrum in which the lines of the Lyman series 
are observed. (b) Calculate the wavelengths of the first three 
lines in the Lyman series—those for which n; = 2, 3, and 4. 


The hydrogen atom can absorb light of wavelength 1094 nm. 
(a) In what region of the electromagnetic spectrum is this 
absorption found? (b) Determine the initial and final values 
of n associated with this absorption. 


Place the following transitions of the hydrogen atom in order 
from shortest to longest wavelength of the photon emitted: n = 5 
ton = 2,n = 4ton = 3,n = 8ton = 4,andn = 4ton = 2. 


Among the elementary subatomic particles of physics is the 
muon, which decays within a few microseconds after forma- 
tion. The muon has a rest mass 206.8 times that of an elec- 
tron. Calculate the de Broglie wavelength associated with a 
muon traveling at 8.85 x 10°cm/s. 


The electron microscope has been widely used to obtain 
highly magnified images of biological and other types of 
materials. When an electron is accelerated through a par- 
ticular potential field, it attains a speed of 9.47 x 10°m/s. 
What is the characteristic wavelength of this electron? Is the 
wavelength comparable to the size of atoms? 


Calculate the uncertainty in the position of (a) an electron 
moving at a speed of (3.00 + 0.01) x 10° m/s, (b) a neutron 
moving at this same speed. (The masses of an electron and 


a neutron are given in the table of fundamental constants 
in the inside cover of the text.) (c) Based on your answers to 
parts (a) and (b), which can we know with greater precision, 
the position of the electron or of the neutron? 


Quantum Mechanics and Atomic Orbitals 
(Sections 6.5 and 6.6) 


6.76 


6.77 


6.78 


6.79 


6.80 


6.81 


6.82 


The radial probability function for a 2s orbital is shown here. 


Probability 


012345678 910 
Distance from the nucleus, r (102 pm) 


Classify the following statements as either true or false: (a) There 
are two maxima in this function because one electron spends 
most of its time at an approximate distance of 50 pm from the 
nucleus and the other electron spends most of its time at an 
approximate distance of 300 pm from the nucleus. (b) The 
radial probability function shown here and the probability 
density [/(r)]? both go to zero at the same distance from the 
nucleus, approximately 100 pm. (c) For an s orbital, the number 
of radial nodes is equal to the principal quantum number, n. 


How many unique combinations of the quantum numbers l 
and mare there when (a) n = 1, (b)n = 5? 
Give the values for n, l, and m; for (a) each orbital in the 3p 
subshell, (b) each orbital in the 4fsubshell. 


A hydrogen atom orbital has n = 4 and m = —2. (a) What 
are the possible values of / for this orbital? (b) What are the 
possible values of m, for the orbital? 


For the table that follows, write which orbital goes with the 
quantum numbers. Don’t worry about x, y, z subscripts. If the 
quantum numbers are not allowed, write “not allowed.” 


n I mı Orbital 

2 il =] 2p (example) 
1 0 0 

3 =5) 2 

3 2 =2 

2 0 = 

0 0 0 

4 2 

5 3 0 


Sketch the shape and orientation of the following types of 


orbitals: (a) py, (b) dy, (€) de_y. 

(a) With reference to Figure 6.18, what is the relationship 
between the number of nodes in an s orbital and the value 
of the principal quantum number? (b) Identify the number 
of nodes; that is, identify places where the electron density 
is zero, in the 2p, orbital; in the 3s orbital. (c) What infor- 
mation is obtained from the radial probability functions in 
Figure 6.18? (d) For the hydrogen atom, list the following 
orbitals in order of increasing energy: 3s, 2s, 2p, 5s, 4d. 


Many-Electron Atoms and Electron 
Configurations (Sections 6.7-6.9) 


6.83 


6.84 


6.85 


(a) The average distance from the nucleus of a 3s electron in 
a chlorine atom is smaller than that for a 3p electron. In light 
of this fact, which orbital is higher in energy? (b) Would 
you expect it to require more or less energy to remove a 3s 
electron from the chlorine atom, as compared with a 2p 
electron? 


An experiment called the Stern-Gerlach experiment helped 
establish the existence of electron spin. In this experiment, 
a beam of silver atoms is passed through a magnetic field, 
which deflects half of the silver atoms in one direction and 
half in the opposite direction. The separation between the 
two beams increases as the strength of the magnetic field 
increases. (a) What is the electron configuration for a silver 
atom? (b) Would this experiment work for a beam of cad- 
mium (Cd) atoms? (c) Would this experiment work for a 
beam of fluorine (F) atoms? 


What is the maximum number of electrons in an atom that can 
have the following quantum numbers? (a) n = 3, m = —1; 


6.86 


6.87 


6.88 


6.89 
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b)n = 4,1 
my = 0. 


2; (c)n = 4,1 = 3,m, 2; (d)n = 5,1 = 2, 
For each element, indicate the number of valence electrons, 
core electrons, and unpaired electrons in the ground state: 


(a) sodium, (b) sulfur, (c) fluorine. 

Write the condensed electron configurations for the follow- 
ing atoms and indicate how many unpaired electrons each 
has: (a) Mg, (b) Ge, (c) Br, (d) V, (e) Y, (£) Lu. 

Identify the group of elements that corresponds to each of 
the following generalized electron configurations and indi- 
cate the number of unpaired electrons for each: 

(a) [noble gas]ns’np’ 

(b) [noble gas]ns?(n — 1)d? 

(c) [noble gas]ns?(n — 1)d'°np! 

(d) [noble gas]ns?(n — 2)f° 


The following electron configurations represent excited states. 
Identify the element and write its ground-state condensed 
electron configuration. (a) 1s?2s?2p*3s!, (b) [Ne]3s13p*4p!}, 
(c) [Ar]4s73d°4p!. 


Additional Exercises 


6.90 


6.91 


6.92 


Consider the two waves shown here, which we will consider 

to represent two electromagnetic radiations: 

(a) What is the wavelength of wave A? Of wave B? 

(b) What is the frequency of wave A? Of wave B? 

(c) Identify the regions of the electromagnetic spectrum to 
which waves A and B belong. 


A > 


— 1.6 x 1077 m—__+ 


If a sample of calcium chloride is introduced into a non- 
luminous flame, the color of the flame turns to orange 
(“flame test”). The light is emitted because calcium atoms 
become excited; their return to the ground state results in 
light emission. (a) The wavelength of this emitted light is 
422.7 nm. Calculate its frequency. (b) What is the energy of 
1.00 mol of these photons (a mole of photons is called an Ein- 
stein)? (c) Calculate the energy gap between the excited and 
ground states for the calcium atom. 


Certain elements emit light of a specific wavelength when 
they are burned or heated in a non-luminous flame. Histori- 
cally, chemists used such emission wavelengths to determine 
whether specific elements were present in a sample. Some 
characteristic wavelengths for a few of the elements are given 
in the following table: 


Ag 328.1 nm Fe 372.0nm 
Au 267.6 nm K 404.7 nm 
Ba 455.4 nm Mg 285.2 nm 
Ca 422.7 nm Na 589.6 nm 
Cu 324.8 nm Ni 341.5 nm 


(a) Determine which of these emissions occur in the ultravio- 
let part of the spectrum. (b) Which emission has the highest 


6.93 


6.94 


6.95 


6.96 


frequency and which one has the lowest frequency? (c) When 
burned, a sample of an unknown substance is found to emit 
light of frequency 6.58 xX 10! s71, Which of these elements is 
probably in the sample? 


In January 2006, the New Horizons space probe was launched 
from Earth with the mission to perform a flyby study of Pluto. 
The arrival at the dwarf planet was estimated to happen after 
nine years, in 2015. The distance between Earth and Pluto var- 
ies depending on the location of the planets in their orbits, 
but at their closest, the distance is 4.2 billion kilometers 
(2.6 billion miles). Calculate the minimum amount of time it 
takes for a transmitted signal from Pluto to reach the Earth. 


The rays of the Sun that cause tanning and burning are in the 
ultraviolet portion of the electromagnetic spectrum. These 
rays are categorized by wavelength. So-called UV-A radia- 
tion has wavelengths in the range of 320-380 nm, whereas 
UV-B radiation has wavelengths in the range of 290-320 nm. 
(a) Calculate the frequency of light that has a wavelength 
of 380 nm. (b) Calculate the energy of a mole of 380 nm 
photons. (c) Which are more energetic, photons of UV-A 
radiation or photons of UV-B radiation? (d) The UV-B radi- 
ation from the Sun is considered a more important cause of 
sunburn in humans than UV-A radiation. Is this observation 
consistent with your answer to part (c)? 


The watt is the derived SI unit of power, the measure of 
energy per unit time: 1 W = 1J/s. A semiconductor laser in 
a DVD player has an output wavelength of 650 nm and a 
power level of 5.0 mW. How many photons strike the DVD 
surface during the playing of a DVD 90 minutes in length? 


O 


Carotenoids are yellow, orange, and 
red pigments synthesized by plants. 
The observed color of an object is 
not the color of light it absorbs but 
rather the complementary color, as 
described by a color wheel such as the 
one shown here. On this wheel, com- 
plementary colors are across from B 

each other. (a) Based on this wheel, 

what color is absorbed most strongly if a plant is orange? (b) 
If a particular carotenoid absorbs photons at 455 nm, what is 
the energy of the photon? 


R 


320 


6.97 


6.99 


400 


6.100 
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In an experiment to study the photoelectric effect, a scien- 
tist measures the kinetic energy of ejected electrons as a 
function of the frequency of radiation hitting a metal sur- 
face. She obtains the following plot. The point labeled “vo” 
corresponds to light with a wavelength of 542 nm. (a) What 
is the value of vp in s~!? (b) What is the value of the work 
function of the metal in units of kJ/mol of ejected electrons? 
(c) Note that when the frequency of the light is greater than 
vo, the plot shows a straight line with a nonzero slope. What 
is the slope of this line segment? 


ak 
5g 
Bu 
Q 
S 
~% 
0 


vo 
Frequency —> 


Consider a transition in which the electron of a hydrogen 
atom is excited from n = 1 to n = œ. (a) What is the end 
result of this transition? (b) What is the wavelength of light 
that must be absorbed to accomplish this process? (c) What 
will occur if light with a shorter wavelength than that in part 
(b) is used to excite the hydrogen atom? (d) How are the results 
of parts (b) and (c) related to the plot shown in Exercise 6.97? 


The human retina has three types of receptor cones, each 
sensitive to a different range of wavelengths of visible light, 
as shown in this figure (the colors are merely to differentiate 
the three curves from one another; they do not indicate the 
actual colors represented by each curve): 


LÀ 


500 600 700 
Wavelength (nm) 


(a) Estimate the energies of photons with wavelengths at the 
maximum for each type of cone. (b) The color of the sky is due 
to scattering of solar light by the molecules of the atmosphere. 
Lord Rayleigh was one of the first to study scattering of this 
kind. He showed that the amount of scattering for very small 
particles such as molecules is inversely proportional to the 
fourth power of the wavelength. Estimate the ratio of the scat- 
tering efficiency of light at the wavelength of the maximum 
for the “blue” cones, as compared with that for the “green” 
cones. (c) Explain why the sky appears blue even though all 
wavelengths of solar light are scattered by the atmosphere. 


The series of emission lines of the hydrogen atom for which 
ng = 4 is called the Brackett series. (a) Determine the region 
of the electromagnetic spectrum in which the lines of the 
Brackett series are observed. (b) Calculate the wavelengths 


of the first three lines in the Brackett series—those for which 
n; = 5,6,and 7. 


6.101 When the spectrum of light from the Sun is examined in high res- 
olution in an experiment similar to that illustrated in Figure 6.8, 
dark lines are evident. These are called Fraunhofer lines, after the 
scientist who studied them extensively in the early nineteenth 
century. Altogether, about 25,000 lines have been identified in 
the solar spectrum between 1000 nm and 295 nm. The Fraun- 
hofer lines are attributed to absorption of certain wavelengths of 
the Sun’s “white” light by gaseous elements in the Sun’s atmo- 
sphere. (a) Describe the process that causes absorption of specific 
wavelengths of light from the solar spectrum. (b) To determine 
which Fraunhofer lines belong to a given element, say, neon, 
what experiments could a scientist conduct here on Earth? 


6.102 Determine whether each of the following sets of quantum num- 
bers for the hydrogen atom are valid. If a set is not valid, indicate 
which of the quantum numbers has a value that is not valid: 


(a) n = 3,1 = 3,m = 2,m, z 
(b) n= 4,1 = 3,m 3,m, = +5 
(© n= 3,1 = 1,m = 2,m, 3 
(d) n = 5,1 = 0,m = 0,m, = 0 
(e) n= 2,1 = 1,m = 1,m, 3 


6.103 Bohr’s model can be used for hydrogen-like ions—ions that 
have only one electron, such as He* and Li?*. (a) Why is 
the Bohr model applicable to Li?* ions but not to neutral Li 
atoms? (b) The ground-state energies of B**, C>*, and N°* 
are tabulated as follows: 


Atom or ion B4+ c5+ No* 


Ground-state —5.45 x 10717] -7.85 x 10°'7J —1.07 x 107 !°J 


energy 


By examining these numbers, propose a relationship between 
the ground-state energy of hydrogen-like systems and the 
nuclear charge, Z. (Hint: Divide by the ground-state energy of 
hydrogen —2.18 x 107!8J) (c) Use the relationship you derive 
in part (b) to predict the ground-state energy of the Be?* ion. 


6.104 An electron is accelerated through an electric potential to 
a kinetic energy of 1.6 x 10-J. What is its characteristic 
wavelength? [Hint: Recall that the kinetic energy of a moving 
object is E = +mv?, where m is the mass of the object and v is 
the speed of the object.] 


6.105 In the television series Star Trek, the transporter beam is a 
device used to “beam down” people from the Starship Enter- 
prise to another location, such as the surface of a planet. The 
writers of the show put a “Heisenberg compensator” into the 
transporter beam mechanism. Explain why such a compen- 
sator (which is entirely fictional) would be necessary to get 
around Heisenberg’s uncertainty principle. 


6.106 As discussed in the A Closer Look box on “Measurement and 
the Uncertainty Principle,” the essence of the uncertain- 
ty principle is that we can’t make a measurement without 
disturbing the system that we are measuring. (a) Why can’t 
we measure the position of a subatomic particle without 
disturbing it? (b) How is this concept related to the paradox 
discussed in the Closer Look box on “Thought Experiments 
and Schrédinger’s Cat”? 


6.107 Consider the discussion of radial probability functions in 
“A Closer Look” in Section 6.6. (a) What is the difference 
between the probability density as a function of r and the 
radial probability function as a function of r? (b) What is the 
significance of the term 47r? in the radial probability func- 
tions for the s orbitals? (c) Based on Figures 6.18 and 6.21, 
make sketches of what you think the probability density as a 
function of r and the radial probability function would look 
like for the 4s orbital of the hydrogen atom. 


6.108 


6.109 


6.110 


6.111 


6.112 


For orbitals that are symmetric but not spherical, the contour 
representations (as in Figures 6.22 and 6.23) suggest where 
nodal planes exist (that is, where the electron density is 
zero). For example, the p, orbital has a node wherever x = 0. 
This equation is satisfied by all points on the yz plane, so this 
plane is called a nodal plane of the p, orbital. (a) Determine 
the nodal plane of the p, orbital. (b) What are the two nodal 
planes of the dy, orbital? (c) What are the two nodal planes of 
the d,2_,2 orbital? 


Suppose that the spin quantum number, m,, could have 
three allowed values instead of two. How would this affect 
the number of elements in the first four rows of the periodic 
table? 


Using the periodic table as a guide, write the condensed elec- 
tron configuration and determine the number of unpaired 
electrons for the ground state of (a) Cl, (b) Al, (c) Zr, (d) As, 
(e) Sb, (£) W. 

Scientists have speculated that element 126 might have a 
moderate stability, allowing it to be synthesized and charac- 
terized. Predict what the condensed electron configuration 
of this element might be. 


In the experiment shown schematically with this question, 
a beam of neutral atoms is passed through a magnetic field. 
Atoms that have unpaired electrons are deflected in different 
directionsin the magnetic field depending on the value of the 
electron spin quantum number. In the experiment illustrated, 


Beam collector 
plate 
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we envision that a beam of hydrogen atoms splits into two 
beams. (a) What is the significance of the observation that 
the single beam splits into two beams? (b) What do you think 
would happen if the strength of the magnet were increased? 
(c) What do you think would happen if the beam of hydro- 
gen atoms were replaced with a beam of helium atoms? Why? 
(d) The relevant experiment was first performed by Otto 
Stern and Walter Gerlach in 1921. They used a beam of Ag 
atoms in the experiment. By considering the electron con- 
figuration of a silver atom, explain why the single beam splits 
into two beams. 


Beam of 
atoms 


Magnet 


Integrative Exercises 


6.113 


6.114 


6.115 


Microwave ovens use microwave radiation to heat food. The 
energy of the microwaves is absorbed by water molecules in 
food and then transferred to other components of the food. 
(a) Suppose that the microwave radiation has a wavelength 
of 10 cm. How many photons are required to heat 200 mL of 
water from 25 to 75 °C? (b) Suppose the microwave’s power 
is 1000 W (1 watt = 1 joule-second). How long would you 
have to heat the water in part (a)? 


The stratospheric ozone (O3) layer helps to protect us 
from harmful ultraviolet radiation. It does so by absorbing 
ultraviolet light and falling apart into an Oz molecule and an 
oxygen atom, a process known as photodissociation. 


O3(g) —> O2(g) + O(8) 


Use the data in Appendix C to calculate the enthalpy change 
for this reaction. What is the maximum wavelength a pho- 
ton can have if it is to possess sufficient energy to cause this 
dissociation? In what portion of the spectrum does this 
wavelength occur? 


The discovery of hafnium, element number 72, provided 
a controversial episode in chemistry. G. Urbain, a French 
chemist, claimed in 1911 to have isolated an element 
number 72 from a sample of rare earth (elements 58-71) 
compounds. However, Niels Bohr believed that hafnium 
was more likely to be found along with zirconium than 
with the rare earths. D. Coster and G. von Hevesy, working 
in Bohr’s laboratory in Copenhagen, showed in 1922 that 
element 72 was present in a sample of Norwegian zircon, 
an ore of zirconium. (The name hafnium comes from the 
Latin name for Copenhagen, Hafnia). (a) How would you 
use electron configuration arguments to justify Bohr’s pre- 
diction? (b) Zirconium, hafnium’s neighbor in Group 4, 
can be produced as a metal by reduction of solid ZrCl, with 
molten sodium metal. Write a balanced chemical equation 


6.116 


6.117 


for the reaction. Is this an oxidation-reduction reaction? If 
yes, what is reduced and what is oxidized? (c) Solid zirconi- 
um dioxide, ZrO,, reacts with chlorine gas in the presence 
of carbon. The products of the reaction are ZrCl, and two 
gases, CO, and CO in the ratio 1:2. Write a balanced chem- 
ical equation for the reaction. Starting with a 55.4 g sam- 
ple of ZrO, calculate the mass of ZrCl, formed, assuming 
that ZrO, is the limiting reagent and assuming 100% yield. 
(d) Using their electron configurations, account for the fact 
that Zr and Hf form chlorides MCl, and oxides MO}. 

(a) Account for formation of the following series of oxides 
in terms of the electron configurations of the elements 
and the discussion of ionic compounds in Section 2.7: 
K,0, CaO, Sc203, TiO2, V205, CrO3. (b) Name these oxides. 
(c) Consider the metal oxides whose enthalpies of formation 
(in kJ mol) are listed here. 


Oxide 
AHF 


K20(s) 
=363.2 


Ca0(s) 
—635.1 


Ti0,(s) 
-938.7 


V,05(s) 
—1550.6 


Calculate the enthalpy changes in the following general reac- 
tion for each case: 


M,„Om(s) H H2(8) z nM(s) H mH20(8) 


(You will need to write the balanced equation for each case 
and then compute AHĦ°.) (d) Based on the data given, esti- 
mate a value of AH? for Sc203(s). 


The first 25 years of the twentieth century were momen- 
tous for the rapid pace of change in scientists’ under- 
standing of the nature of matter. (a) How did Rutherford’s 
experiments on the scattering of a particles by a gold foil 
set the stage for Bohr’s theory of the hydrogen atom? 
(b) In what ways is de Broglie’s hypothesis, as it applies to 
electrons, consistent with J. J. Thomson’s conclusion that 
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the electron has mass? In what sense is it consistent with 
proposals preceding Thomson’s work that the cathode rays 
are a wave phenomenon? 


6.118 The two most common isotopes of uranium are **°U and 
238U, (a) Compare the number of protons, the number of 
electrons, and the number of neutrons in atoms of these 
two isotopes. (b) Using the periodic table in the front- 
inside cover, write the electron configuration for a U atom. 


Design an Experiment 


In this chapter, we have learned about the photoelectric effect and its 
impact on the formulation of light as photons. We have also seen 
that some anomalous electron configurations of the elements are 
particularly favorable if each atom has one or more half-filled shell, 
such as the case for the Cr atom with its [Ar]4s!3d° electron configu- 
ration. Let’s suppose it is hypothesized that it requires more energy 
to remove an electron from a metal that has atoms with one or more 
half-filled shells than from those that do not. (a) Design a series of 
experiments involving the photoelectric effect that would test the 


(c) Compare your answer to part (b) to the electron con- 
figuration given in Figure 6.29. How can you explain any 
differences between these two electron configurations? 
(d) PSU undergoes radioactive decay to 7*Th. How many 
protons, electrons, and neutrons are gained or lost by the 
238U atom during this process? (e) Examine the electron 
configuration for Th in Figure 6.30. Are you surprised by 


what you find? Explain. 


hypothesis. (b) What experimental apparatus would be needed to 
test the hypothesis? It’s not necessary that you name actual equip- 
ment but rather that you imagine how the apparatus would work— 
think in terms of the types of measurements that would be needed, 
and what capability you would need in your apparatus. (c) Describe 
the type of data you would collect and how you would analyze the 
data to see whether the hypothesis were correct. (d) Could your 
experiments be extended to test the hypothesis for other parts of 
the periodic table, such as the lanthanide or actinide elements? 


7.1 > 
7.2 > 
7.3 > 
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7.1 | Development of the Periodic Table 


The discovery of chemical elements has been ongoing since ancient times. Certain 
elements, such as gold (Au), appear in nature in elemental form and were thus discovered 
thousands of years ago. In contrast, some elements, such as technetium (Tc), are radioac- 
tive and intrinsically unstable. We know about them only because of technology devel- 
oped during the twentieth century. 

The majority of elements readily form compounds and, consequently, are not found 
in nature in their elemental form. For centuries, therefore, scientists were unaware of 
their existence. During the early nineteenth century, advances in chemistry made it eas- 
ier to isolate elements from their compounds. As a result, the number of known elements 
more than doubled from 31 in 1800 to 63 by 1865. 


WHAT’S AHEAD 
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By the end of this section, you should 
e Have an appreciation for the historical context of the periodic table 


As the number of known elements increased (Figure 7.1), scientists began clas- 
sifying them. In 1869, Dmitri Mendeleev (1834-1907) in Russia and Lothar Meyer 
(1830-1895) in Germany published nearly identical classification schemes. Both 
noted that similar chemical and physical properties recur periodically when the ele- 
ments are arranged in order of increasing atomic weight. Scientists at that time had 
no knowledge of atomic numbers. Atomic weights, however, generally increase with 
increasing atomic number, so both Mendeleev and Meyer fortuitously arranged the 
elements in nearly the proper sequence. 

Although Mendeleev and Meyer came to essentially the same conclusion about 
the periodicity of elemental properties, Mendeleev is given credit for advancing his 
ideas more vigorously and stimulating new work. His insistence that elements with 
similar characteristics be listed in the same column forced him to leave blank spaces 
in his table. For example, both gallium (Ga) and germanium (Ge) were unknown to 
Mendeleev. He boldly predicted their existence and properties, referring to them as 
eka-aluminum (“under” aluminum) and eka-silicon (““under” silicon), respectively, after 
the elements under which they appeared in his table. When these elements were dis- 
covered, their properties closely matched those predicted by Mendeleev, as shown in 
Table 7.1. 

In 1913, two years after Rutherford proposed the nuclear model of the atom, 
English physicist Henry Moseley (1887-1915) developed the concept of atomic numbers. 
Bombarding different elements with high-energy electrons, Moseley found that each ele- 
ment produced X rays of a unique frequency and that the frequency generally increased 
as the atomic mass increased. He arranged the X-ray frequencies in order by assigning a 
unique whole number, called an atomic number, to each element. Moseley correctly iden- 
tified the atomic number as the number of protons in the nucleus of the atom. 


W. Go Figure Copper, silver, and gold have all been known since ancient times, whereas 
most of the other metals were not isolated until much later. Can you 
suggest an explanation? 


H He 
Li | Be B|C/;]N|{O/ F |Ne 
Na |Mg Al | Si | P | S | C1 | Ar 


K |Ca | Sc | Ti | V | Cr Mn | Fe | Co | Ni | Cu | Zn | Ga | Ge | As | Se | Br | Kr 


Rb | Sr | Y | Zr | Nb |Mo | Te | Ru | Rh | Pd | Ag | Cd | In | Sn | Sb | Te | I | Xe 


Cs | Ba || Lu | Hf | Ta | W | Re | Os | Ir | Pt | Au | Hg | TI | Pb | Bi | Po | At | Rn 


Fr | Ra || Lr | Rf | Db | Sg | Bh | Hs | Mt | Ds | Rg | Cn |Uut| FI |Uup| Lv |Uus | Uuo 


La | Ce | Pr | Nd | Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb 


Ac | Th | Pa | U | Np | Pu |Am|Cm| Bk | Cf | Es | Fm | Md | No 


Ancient Times Middle Ages-1700| | 1735-1843 | | 1843-1886 | | 1894-1918] | 1923-1961 1965- 


(9 elements) (6 elements) (42 elements) (18 elements) (11 elements) (17 elements) (15 elements) 


A Figure 7.1 Discovering the elements. 


TABLE 7.1 
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Mendeleev with the Observed Properties of Germanium 


Property 

Atomic weight 

Density (g/cm?) 

Specific heat (J/g-K) 
Melting point (°C) 

Color 

Formula of oxide 
Density of oxide (g/cm*) 
Formula of chloride 


Boiling point of chloride (°C) 


Mendeleev’s Predictions for 
Eka-Silicon (made in 1871) 


72 

5.5 

0.305 

High 

Dark gray 

XO» 

4.7 

XCly 

A little under 100 


Comparison of the Properties of Eka-Silicon Predicted by 


Observed Properties of Germanium 
(discovered in 1886) 


72359. 

5.35 

0.309 

947 

Grayish white 
GeO, 

4.70 

GeCl, 

84 


The concept of atomic number clarified some problems in the periodic table of 
Moseley’s day, which was based on atomic weights. For example, the atomic weight of 
Ar (atomic number 18) is greater than that of K (atomic number 19), yet the chemical 
and physical properties of Ar are much more like those of Ne and Kr than like those 
of Na and Rb. When the elements are arranged in order of increasing atomic number, 
Ar and K appear in their correct places in the table. Moseley’s studies also made it 
possible to identify “holes” in the periodic table, which led to the discovery of new 
elements. 


Self-Assessment Exercise 


7.1 


Around the start of the twentieth century, improvements 
in refrigeration techniques allowed Sir William Ramsay to 
discover which elements? 


(a) Copper, silver, and gold 
(b) Sodium, potassium, and rubidium 


(c) Neon, argon, and krypton 


Exercises 


7.2 


The prefix eka- comes from the Sanskrit word for “one.” 
Mendeleev used this prefix to indicate that the unknown 
element was one place away from the known element that 
followed the prefix. For example, eka-silicon, which we now 
call germanium, is one element below silicon. Mendeleev 
also predicted the existence of eka-manganese, which was 
not experimentally confirmed until 1937 because this ele- 
ment is radioactive and does not occur in nature. Based on 


7.3 


the periodic table shown in Figure 7.1, what do we now call 
the element Mendeleev called eka-manganese? 


(a) The five most abundant elements in the Earth’s crust are 
O, Si, Al, Fe, and Ca. Referring to Figure 7.1, are any of these 
elements among those known before 1700? If so which 
ones? (b) Seven of the nine elements known since ancient 
times are metals. Referring to Table 4.5, are these metals 
mostly found at the bottom or top of the activity series? 


$9S19J9Xq }UIUSSƏSSY-JJƏŞ 0} SIaMSUY 
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7.2 | Effective Nuclear Charge 


The periodic table is a powerful tool for understanding and predicting the physical 
and chemical properties of elements. Typically, elements share common character- 
istics with neighbors that occupy the same column of the periodic table. Sodium, 
potassium, and rubidium are soft metals that react violently when they come in 


contact with water. Neon, argon, and krypton are colorless, chemically inert gases. 
Copper, silver, and gold are highly conductive metals that react slowly, if at all, with 
air and water. It is also possible to understand trends observed across a period, all of 
which are based on the attraction between the nuclear charge and the surrounding 
electrons. 

By the end of this section, you should be able to 


e Understand the factors that contribute to effective nuclear charge 


Many properties of atoms depend on electron configuration and on how strongly 
the outer electrons in the atoms are attracted to the nucleus. Coulomb’s law tells us that 
the strength of the interaction between two electrical charges depends on the magni- 
tudes of the charges and on the distance between them. Thus, the attractive force 
between an electron and the nucleus depends on the magnitude of the nuclear charge 
and on the average distance between the nucleus and the electron. The force increases 
as the nuclear charge increases and decreases as the electron moves farther from the 
nucleus. 

Understanding the attraction between the electron and the nucleus in a hydro- 
gen atom is straightforward because we have only one electron and one proton. Ina 
many-electron atom, however, the situation is more complicated. In addition to the 
attraction of each electron to the nucleus, each electron experiences the repulsion 
due to other electrons. These electron-electron repulsions cancel some of the attrac- 
tion of the electron to the nucleus so that the electron experiences less attraction 
than it would if the other electrons weren’t there. In essence, each electron in a many- 
electron atom is screened from the nucleus by the other electrons. It therefore experi- 
ences a net attraction that is smaller than it would experience in the absence of other 
electrons. 

How can we account for the combination of nuclear attraction and electron repul- 
sions for our electron of interest? The simplest way to do so is to imagine that the electron 
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experiences a net attraction that is the result of the nuclear attraction decreased by the 
electron-electron repulsions. We call this partially screened nuclear charge the effective 
nuclear charge, Zet. Because the full attractive force of the nucleus has been decreased 
by the electron repulsions, we see that the effective nuclear charge is always less than the 
actual nuclear charge (Zet < Z). We can define the amount of screening of the nuclear 
charge quantitatively by using a screening constant, S, such that 


Leff =Z- S [7.1] 


where S is a positive number. For a valence electron, most of the shielding is due to the 
core electrons, which are much closer to the nucleus. As a result, for the valence electrons 
in an atom the value of S is usually close to the number of core electrons in the atom. (Electrons 
in the same valence shell do not screen one another very effectively, but they do affect the 
value of S slightly; see “A Closer Look: Effective Nuclear Charge.”) 

To understand better the notion of effective nuclear charge, we can use an analogy of 
a light bulb with a frosted glass shade (Figure 7.2). The light bulb represents the nucleus, 
and the observer is the electron of interest, which is usually a valence electron. The 
amount of light that the electron “sees” is analogous to the amount of net nuclear attrac- 
tion experienced by the electron. The other electrons in the atom, especially the core elec- 
trons, act like a frosted glass lampshade, decreasing the amount of light that gets to the 
observer. If the light bulb gets brighter while the lampshade stays the same (Z increases), 
more light is observed. Likewise, if the lampshade gets thicker (S increases), less light is 
observed. We will find it helpful to keep this analogy in mind as we discuss trends in effec- 
tive nuclear charge. 

Let’s consider what we would expect for the magnitude of Ze for the sodium 
atom. Sodium has the electron configuration [Ne]3s'. The nuclear charge is Z = 11+, 
and there are 10 core electrons (1s72s?2p°), which serve as a “lampshade” to screen 
the nuclear charge “seen” by the 3s electron. Therefore, in the simplest approach, 
we expect S to equal 10 and the 3s electron to experience an effective nuclear charge 
of Zet = 11 — 10 = 1+ (Figure 7.3). The situation is more complicated, however, 
because the 3s electron has a small probability of being very close to the nucleus, in 
the region occupied by the core electrons. Thus, this electron experiences a greater 
net attraction than our simple $ = 10 model suggests: The actual value of Ze for the 
3s electron in Na is Zet = 2.5+. In other words, because there is a small probability 
that the 3s electron is close to the nucleus, the value of S in Equation 7.1 changes 
from 10 to 8.5. 

The notion of effective nuclear charge also explains an important effect we noted 
in Section 6.7: For a many-electron atom, the energies of orbitals with the same n value 
increase with increasing / value. For example, in the carbon atom, whose electron 


Sodium nucleus contains 
11 protons (11+). 


Valence electron cloud (3s) 


< 


Ten core electrons (1s°2s*2/°) 
screen the nucleus from the 
valence electron (10—). 


A Figure 7.2 An analogy for effective 
nuclear charge. We envision the nucleus as 
a light bulb, the core electrons as a frosted 
glass lampshade, and a valence electron as 
an observer. The amount of light seen by 
the observer depends on the intensity of the 
light bulb and the screening by the frosted 
glass lampshade. 


< Figure 7.3 Effective nuclear charge. The 
effective nuclear charge experienced by the 
3s electron in a sodium atom depends on 
the 11+ charge of the nucleus and the 10— 
charge of the core electrons. 
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V CA Which electron has a higher probability of being found 
within 50 pm of the nucleus, one in a 2s orbital or one in a 
2p orbital? Which orbital, 2s or 2p, will be lower in energy 
in a multielectron atom? 


1s electrons are much closer to the nucleus 
— they screen the valence electrons. 


2s electrons experience greater nuclear 


attraction than the 2p electrons. 


Radial probability 


0 100 200 300 400 500 600 700 800 900 1000 
Distance from nucleus (pm) 


A Figure 7.4 Comparison of 1s, 2s, and 2p radial probability functions. 


configuration is 1s72s?2p’, the energy of the 2p orbital (7 = 1) is higher than that of the 
2s orbital (1 = 0), even though both orbitals are in the n = 2 shell (Figure 6.24). This dif- 
ference in energies is due to the radial probability functions for the orbitals (Figure 7.4). 
We see first that the 1s electrons are much closer to the nucleus—they serve as an effec- 
tive “lampshade” for the 2s and 2p electrons. Notice next that the 2s probability function 
has a small peak fairly close to the nucleus, whereas the 2p probability function does not. 
As a result, a 2s electron is not screened as much by the core orbitals as is a 2p electron. 
The greater attraction between the 2s electron and the nucleus leads to a lower energy for 
the 2s orbital than for the 2p orbital. The same reasoning explains the general trend in 
orbital energies (ns < np < nd) in many-electron atoms. 
Finally, let’s examine trends in valence-electron Zep values. 


The effective nuclear charge increases from left to right across any period 
of the periodic table. 


Although the number of core electrons stays the same across the period, the number 
of protons increases—in our analogy, we are increasing the brightness of the light bulb 
while keeping the shade the same. The valence electrons added to counterbalance the 
increasing nuclear charge screen one another ineffectively. Thus, Zer increases steadily. 
For example, the two core electrons of lithium (1572s!) screen the 2s valence electron 
from the 3+ nucleus fairly efficiently. Consequently, the valence electron experiences 
an effective nuclear charge of roughly 3 — 2 = 1+. For beryllium (1s72s”) the effective 
nuclear charge experienced by each valence electron is larger because here the two core 
1s electrons screen a 4+ nucleus, and each 2s electron only partially screens the other. 
Consequently, the effective nuclear charge experienced by each 2s electron is about 
4-—2=2+. 

Going down a column, the effective nuclear charge experienced by valence electrons changes 
far less than it does across a period. For example, using our simple estimate for S, we would 
expect the effective nuclear charge experienced by the valence electrons in lithium and 
sodium to be about the same, roughly 3 — 2 = 1+ for lithium and 11 — 10 = 1+ for 
sodium. In fact, however, effective nuclear charge increases slightly as we go down a column 
because the more diffuse core electron cloud is less able to screen the valence electrons 
from the nuclear charge. In the case of the alkali metals, Zr increases from 1.3+ for 
lithium, to 2.5+ for sodium, to 3.5+ for potassium. 
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A CLOSER LOOK (iG CET aie Tere [ 


To get a sense of how effective nuclear charge varies as both nuclear 
charge and number of electrons increase, consider Figure 7.5. Although 
the details of how the Z. values in the graph were calculated are 
beyond the scope of our discussion, the trends are instructive. 

The effective nuclear charge felt by the outermost electrons is 
smaller than that felt by inner electrons because of screening by the inner 
electrons. In addition, the effective nuclear charge felt by the outermost 


— Charge of nucleus 


—® Z.¢ for core 1s electrons calculated 
with advanced methods 


—*— Z o¢¢ for valence electrons calculated 
with Equation 7.1, assuming 
S = # core electrons 


—® Zor for valence electrons calculated 
with advanced methods 


— Zere for valence electrons calculated 
with Slater’s rules 


2 4 6 8 10 12 14 


Atomic number (Z) 


16 


A Figure 7.5 Variations in effective nuclear charge for Period 2 and Period 3 elements. 
Moving from one element to the next in the periodic table, the increase in Zor felt by 
the innermost (1s) electrons (red circles) closely tracks the increase in nuclear charge 
Z (black line) because these electrons are not screened much. The results of several 


methods to calculate Zo for valence electrons are shown in other colors. 


Self-Assessment Exercise 


7.4 Which would you expect to experience a greater effective 
nuclear charge? 


(a) A 3p electron of an Ar atom 


(b) A 4s electron of a Ca atom 


Exercises 


electrons does not increase as steeply with increasing atomic number be- 
cause the valence electrons make a small but nonnegligible contribution 
to the screening constant S. The most striking feature associated with the 
Zett Value for the outermost electrons is the sharp drop between the last 
Period 2 element (Ne) and the first Period 3 element (Na). This drop re- 
flects the fact that the core electrons are much more effective than the 
valence electrons at screening the nuclear charge. 

Because Zețt can be used to understand many phys- 
ically measurable quantities, it is desirable to have a sim- 
ple method for estimating it. The value of Z in Equation 
7.1 is known exactly, so the challenge boils down to es- 
timating the value of S. In the text, we estimated S very 
simply by assuming that each core electron contributes 
1.00 to S and the outer electrons contribute nothing. A 
more accurate approach was developed by John Slater 
(1900-1976), however, and we can use his approach if 
we limit ourselves to elements that do not have elec- 
trons in d or fsubshells. 

Electrons for which the principal quantum 
number vis larger than the value of n for the electron 
of interest contribute 0 to the value of S. Electrons 
with the same value of n as the electron of interest 
contribute 0.35 to the value of S. Electrons that have 
principal quantum number n — 1 contribute 0.85, 
while those with even smaller values of n contribute 
1.00. For example, consider fluorine, which has the 
ground-state electron configuration 1s72s2p°. For a 
valence electron in fluorine, Slater’s rules tell us that 
S = (0.35 X 6) + (0.85 X 2) = 3.8. (Slater’s rules ig- 
nore the contribution ofan electron to itself in screen- 
ing; therefore, we consider only six n = 2 electrons, 
not all seven). Thus, Zet = Z — S = 9 — 3.8 = 5.2+, 
a little lower than the simple estimate of 9 — 2 = 7+. 

Values of Zor estimated using the simple method 
outlined in the text, as well as those estimated with 
Slater’s rules, are plotted in Figure 7.5. While neither 
of these methods exactly replicates the values of Zeff 
obtained from more sophisticated calculations, both 
methods effectively capture the periodic variation 
in Ze. While Slater’s approach is more accurate, the 
method outlined in the text does a reasonably good 
job of estimating Zet despite its simplicity. For our 
purposes, therefore, we can assume that the screening 
constant S in Equation 7.1 is roughly equal to the num- 
ber of core electrons. 

Related Exercises: 7.6, 7.16, 7.54, 7.62, 7.89, 
7.90, 7.119 


18 20 
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7.5 Among the elements N, O, P, and S, which element or el- 
ements have the smallest effect nuclear charge if we use 
Equation 7.1 to calculate Ze? Which element or elements 
have the largest effective nuclear charge? 


7.6 Detailed calculations show that the value of Ze for the 
outermost electrons in Na and K atoms is 2.51+ and 3.49+, 
respectively. (a) What value do you estimate for Zor €X- 
perienced by the outermost electron in both Na and K by 
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assuming core electrons contribute 1.00 and valence elec- (e) Predict Zs, for the outermost electrons in the Rb atom 
trons contribute 0.00 to the screening constant? (b) What based on the calculations for Na and K. 

values do you estimate for Zep using Slater’s rules? (c) Which 7.7 Which will experience the greater effect nuclear charge, 
approach gives a more accurate estimate of Ze? (d) Does the electrons in the n = 2 shell in F or the n = 2 shell in B? 
either method of approximation account for the gradual Which will be closer to the nucleus? 


increase in Ze that occurs upon moving down a group? 


$8S1919Xq }UIUSSƏSSY-JJƏŞ 0} SIaMSUY 
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Hydrogen offers considerable promise as a clean fuel to power vehicles. However, find- 
ing an effective means of storage is currently a barrier to its widespread adoption. The 
very low boiling point (~253 °C) makes cryogenic storage expensive, and compressing 
hydrogen in tanks adds an unacceptable amount of weight to any vehicle. The very 
small size of the hydrogen molecule could be the key to its storage. A class of new mate- 
rials called MOFs (metal organic frameworks) have been engineered by chemists to 
have a porous structure with cavities large enough to accommodate hydrogen mole- 
cules. Rather like water in a sponge, the absorption of hydrogen into the MOF structure 
is reversible and storage capacities greater than that in a compressed gas tank can be 
achieved. 
By the end of this section, you should be able to 


e Use the periodic table to predict the trends in atomic radii 
e Explain how the radius of an atom changes upon losing electrons to form a cation or 
gaining electrons to form an anion 


It is tempting to think of atoms as hard, spherical objects. According to the quantum- 
mechanical model, however, atoms do not have sharply defined boundaries at which the 
electron distribution becomes zero. Nevertheless, we can define atomic size in several 
ways, based on the distances between atoms in various situations. 

Imagine a collection of argon atoms in the gas phase. When two of these atoms col- 
lide, they ricochet apart like colliding billiard balls. This ricocheting happens because 
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the electron clouds of the colliding atoms cannot penetrate each other to any significant 
extent. The shortest distance separating the two nuclei during such collisions is twice the 
radii of the atoms. We call this radius the nonbonding atomic radius or the van der Waals 
radius (Figure 7.6). 

In molecules, the attractive interaction between any two adjacent atoms is what we 
recognize as a chemical bond. We discuss bonding in Chapters 8 and 9. For now, we need 
to realize that two bonded atoms are closer together than they would be in a nonbond- 
ing collision where the atoms ricochet apart. We can therefore define an atomic radius 
based on the distance between the nuclei when two atoms are bonded to each other, 
shown as distance d in Figure 7.6. The bonding atomic radius for any atom in a mole- 
cule is equal to half of the bond distance d. Note from Figure 7.6 that the bonding atomic 
radius (also known as the covalent radius) is smaller than the nonbonding atomic radius. 
Unless otherwise noted, we mean the bonding atomic radius when we speak of the “size” 
of an atom. 

Although it is very difficult to measure the nonbonding atomic radius of an atom, 
scientists have developed a variety of techniques for measuring the distances separat- 
ing nuclei in molecules. From observations of these distances in many molecules, each 
element can be assigned a bonding atomic radius. For example, in the I, molecule, the 
distance separating the nuclei is observed to be 266 pm, which means the bonding 
atomic radius of an iodine atom in I; is (266 pm)/2 = 133 pm. Similarly, the distance 
separating adjacent carbon nuclei in diamond (a three-dimensional solid network 
of carbon atoms) is 154 pm; thus, the bonding atomic radius of carbon in diamond is 
77 pm. By using structural information on more than 30,000 substances, a consistent 
set of bonding atomic radii of the elements can be defined (Figure 7.7). Note that for the 
lighter noble gases, the bonding atomic radii must be estimated because there are no 
known compounds of these elements. 

The atomic radii in Figure 7.7 allows us to estimate bond lengths in molecules. 
For example, the bonding atomic radii for C and Cl are 76 pm and 102 pm, respec- 
tively. In CCl, the measured length of the C— Cl bond is 177 pm, very close to the sum 
(76 + 102 pm) of the bonding atomic radii of Cl and C. 


W Go Figure 


with the largest atoms? 
1 


A Figure 7.7 Trends in bonding atomic radii for Periods 1 through 5. 


Electron 

distribution ; 

in molecule Nonbonding 
\ atomic radius 


d 
Distance Bondi ng 
between aome 
nücléi radius, 5 d 


Nuclei cannot get any closer to 
each other due to repulsion 


between core electrons on 
neighboring atoms. 
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A Figure 7.6 Distinction between 


nonbonding and bonding atomic radii within 


a molecule. 


Which part of the periodic table (top/bottom, left/right) has the elements 


Increasing 
radius 


1 
Radius (10? pm) 
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\a Sample Exercise 7.1 
PP Bond Lengths in a Molecule 


Natural gas used in home heating and cooking is odorless. Because natural gas 
leaks pose the danger of explosion or suffocation, various smelly substances 
are added to the gas to allow detection of a leak. One such substance is methyl 
mercaptan, CH3SH. Use Figure 7.7 to predict the lengths of the C— S, C—H, 
and S—H bonds in this molecule. 


SOLUTION 


Analyze and Plan We are given three bonds and told to use 

Figure 7.7 for bonding atomic radii. We will assume that each 

bond length is the sum of the bonding atomic radii of the two 

atoms involved. deviations from the values predicted from bonding atomic radii 
than do bonds involving larger atoms.) 


Methyl mercaptan 


Solve 
C—S bond length = bonding atomic radius of C Comment Notice that our estimated bond lengths are close but 
; ; f not exact matches to the measured bond lengths. Bonding 
+ bonding atomic radius of S f > - A i : 
atomic radii must be used with some caution in estimating 
= 76pm + 105 pm = 181 pm bond lengths. 
C—Hbond length = 76pm + 31pm = 107 pm 
S—Hbond length = 105pm + 31pm = 136pm 4 ; 
; s E p p > Practice Exercise 
Check The experimentally determined bond lengths are Using Figure 7.7, predict which is longer, the P—Br bond in 
C—S = 182 pm, C—H = 110pm, and S—H = 133 pm. PBr; or the As— Cl bond in AsCl;. 


(In general, the lengths of bonds involving hydrogen show larger 


Periodic Trends in Atomic Radii 
Figure 7.7 shows two interesting trends: 


1. Within each group, bonding atomic radius tends to increase from top to bottom. This trend 
results primarily from the increase in the principal quantum number (n) of the 
outer electrons. As we go down a column, the outer electrons have a greater proba- 
bility of being farther from the nucleus, causing the atomic radius to increase. 


2. Within each period, bonding atomic radius tends to decrease from left to right (although 
there are some minor exceptions, such as for Cl to Ar or As to Se). The major factor 
influencing this trend is the increase in effective nuclear charge Zețț across a period. 
The increasing effective nuclear charge steadily draws the valence electrons closer to 
the nucleus, causing the bonding atomic radius to decrease. 


Periodic Trends in Ionic Radii 


Just as bonding atomic radii can be determined from interatomic distances in molecules, 
ionic radii can be determined from interatomic distances in ionic compounds. Like the 
size of an atom, the size of an ion depends on its nuclear charge, the number of elec- 
trons it possesses, and the orbitals in which the valence electrons reside. When a cation 
is formed from a neutral atom, electrons are removed from the occupied atomic orbit- 
als that are the most spatially extended from the nucleus. Also, when a cation is formed 
the number of electron-electron repulsions is reduced. Therefore, cations are smaller than 
their parent atoms (Figure 7.8). The opposite is true of anions. When electrons are added to 
an atom to form an anion, the increased electron-electron repulsions cause the electrons 
to spread out more in space. Thus, anions are larger than their parent atoms. 

For ions carrying the same charge, ionic radius increases as we move down a column in the 
periodic table (Figure 7.8). In other words, as the principal quantum number of the outer- 
most occupied orbital of an ion increases, the radius of the ion increases. 

An isoelectronic series is a group of ions all containing the same number of elec- 
trons. For example, each ion in the isoelectronic series O?-,F , Na’, Mg”, and Al?* has 


= Sample Exercise 7.2 
D Predicting Relative Sizes of Atomic Radii 


SOLUTION 


Analyze and Plan We are given the chemical symbols for four ele- 
ments and told to use their relative positions in the periodic table 
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Referring to the periodic table, arrange (as much as possible) the atoms B, C, Al, and Si in order of increasing size. 


to predict the relative size of their atomic radii. We can use the two 
periodic trends described in the text to help with this problem. 


Solve 


B and C are in the same period, with C to the right of B. There- 
fore, we expect the radius of C to be smaller than that of B 
because radii usually decrease as we move across a period. 


radius C < radius B 


Aland Si are in the same period, with Si to the right of Al. 


radius Si < radius Al 


The radius increases as we move down a group with Al and B 
belonging to the same group, as do C and Si. 


radius B < radius Al 
radius C < radius Si 


Combining these comparisons, we can conclude that C has the 
smallest radius and Al the largest. Unfortunately, the two periodic 
trends available to us do not supply enough information to deter- 
mine the relative sizes of B and Si. 


radius C < radius B ~ radius Si < radius Al 


Check Referring back to Figure 7.7, we can obtain numerical values 
for each atomic radius that allow us to say that the radius of Si is 
greater than that of B. 


C(76 pm) < B(84pm) < Si(111 pm) < Al(121 pm) 


If you examine Figure 7.7 carefully, you will discover that for the s- 
and p-block elements the increase in radius moving one element 
down a column tends to be greater than the increase moving one 
element left across a row. There are exceptions, however. 


is Sample Exercise 7.3 


D Predicting Relative Sizes of Atomic and lonic Radii 


Arrange Mg**, Ca**, and Ca in order of decreasing radius. 


SOLUTION 


Cations are smaller than their parent atoms, and so Ca?* < Ca. 
Because Ca is below Mg in Group 2, Ca?* is larger than Mg?*. 
Consequently, Ca > Ca2* > Mg”. 


> Practice Exercise 
Arrange the following atoms and ions in order of increas- 
ing ionic radius: F, S?~, Cl, and Se?~. 


Comment Note that the trends we have just discussed are for the 
s- and p-block elements. As seen in Figure 7.7, the transition ele- 
ments do not show a regular decrease moving across a period. 


» Practice Exercise 


Arrange Be, C, K, and Ca in order of increasing atomic 
radius. 


(a) F < S2- < Cl < Se?- 
DELCE <2" 
()F<S? <Se a 
(d) Cl < F < Se < S?- 
QS ar- gy <l 


10 electrons. In any isoelectronic series, we can list the members in order of increasing 
atomic number; therefore, the nuclear charge increases as we move through the series. 
Because the number of electrons remains constant, ionic radius decreases with increas- 
ing nuclear charge as the electrons are more strongly attracted to the nucleus: 


Increasing nuclear charge —> 


8 protons 9 protons 11 protons 12 protons 13 protons 


10 electrons 10 electrons 
Mg?* ABT 


86 pm 


10 electrons 
O27 EF Nat 
126 pm 


10 electrons 10 electrons 


119 pm 116 pm 68 pm 


Decreasing ionic radius —> 
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YW Go Figure How do cations of the same charge change in radius as you move down a 
column in the periodic table? 


Group 1 Group 2 Group 13 Group 16 Group 17 


=) = cation Ə = anion @ = neutral atom 


A Figure 7.8 Cation and anion size. Radii, in picometers, of atoms and their ions for five groups 
of representative elements. 


Sample Exercise 7.4 


lonic Radii in an Isoelectronic Series 


Arrange the ions Kt, CIT, Ca**, and S*~ in order of decreasing size. 


SOLUTION » Practice Exercise 


TER pogroms SEES, with all ions having 18 elec- , Arrange the following ions in order of increasing ionic radius: 
trons. In such a series, size decreases as nuclear charge (atomic Bre, RD Se Sr2= e 
, u ? i = 


number) increases. The atomic numbers of the ions are S 16, Bs a i J= Dea 
Cl 17, K 19, Ca 20. Thus, the ions decrease in size in the order EI < o < D < e a Te 

S2- > Cl > Kt > Ca”, (b) Br’ < Sr?" < Se’ < Te” < Rb" 
OW < GP” < Se < Te < I 
(d) Rb* < Bro < Sr?" < Se*~ < Te?~ 
GI < No < hire < he < Ge 
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CHEMISTRY PUT TO WORK WOME ALU ie O: EGO 


Ionic size plays a major role in determining the properties of devices 
that rely on movement of ions, such as batteries. “Lithium-ion” batter- 
ies, which have become common energy sources for electronic devices 
such as cell phones, iPads, laptop computers, and electric vehicles rely 
in part on the small size of the lithium ion for their operation. 

A fully charged battery spontaneously produces an electric 
current and, therefore, power when its positive and negative elec- 
trodes are connected to an electrical load, such as a device to be 
powered. The positive electrode is called the anode, and the negative 
electrode is called the cathode. The materials used for the electrodes 
in lithium-ion batteries are under intense development. Currently, 
the anode material is graphite, a form of carbon, and the cath- 
ode is a transition metal oxide, often lithium cobalt oxide, LiCoO2 
(Figure 7.9). Between anode and cathode is a separator, a porous solid 
material that allows the passage of lithium ions but not electrons. 

When the battery is being charged by an external source, lithium 
ions migrate through the separator from the cathode to the anode 
where they insert between the layers of carbon atoms. The ability of 
an ion to move through a solid increases 
as the size of the ion decreases and as the 
charge on the ion decreases. Lithium ions 
are smaller than most other cations, and 
they carry only a 1+ charge, which allows 
them to migrate more readily than other 
ions can. As an added bonus, lithium is 
one of the lightest elements, which is at- 
tractive for use in electric vehicles. When 
the battery discharges, the lithium ions 
move from anode to cathode. To maintain 
charge balance, electrons simultaneously 
migrate from anode to cathode through 
an external circuit, thereby producing 
electricity. 

At the cathode, lithium ions then in- 
sert in the oxide material. Again, the small 
size of lithium ions is an advantage. For 
every lithium ion that inserts into the lith- 
ium cobalt oxide cathode, a Co** ion is 
reduced to a Co** ion by an electron that 
has traveled through the external circuit. 

The ion migration and the changes 
in structure that result when lithium 


Sheets of CoOs, 
with Li* between 


Self-Assessment Exercise 


7.8 The decrease is atomic size left to right across a period is 
due to: 


(a) Atoms of higher atomic number having more electrons 
(b) An increase in Zp across a period 


(c) An increase in the principle quantum number of the 
outer electrons across a period 


Exercises 


Cathode Li,CoO, 


On discharge, Li* ions migrate through the 
separator from the anode to the cathode. 
Charging reverses the migration. 


ions enter and leave the electrode materials are complicated. Fur- 
thermore, the operation of all batteries generate heat because they 
are not perfectly efficient. In the case of Li-ion batteries, the heating 
of the separator material (typically a polymer) has led to problems as 
the size of the batteries has been scaled larger to increase energy ca- 
pacity. In a very small number of cases, overheating of Li-ion batter- 
ies has caused the batteries to catch fire. 

Teams worldwide are trying to discover new cathode and an- 
ode materials that will easily accept and release lithium ions with- 
out falling apart over many repeated cycles. New separator materials 
that allow for faster passage of lithium ions with less heat genera- 
tion are also under development. Some research groups are looking 
at using sodium ions instead of lithium ions because sodium is far 
more abundant than lithium, although the larger size of sodium ions 
poses additional challenges. In the coming years, look for continued 
advances in battery technology based on alkali metal ions. 

Related Exercise: 7.98 


Sheets of graphite, 
with Li* between 


Anode Li,C¢ 


Separator, which separates the anode 
and the cathode but allows the passage 
of Li* ions. 


A Figure 7.9 Schematic of a lithium-ion battery. 


7.9 When an atom forms a cation, does the radius of the species 


increase or decrease? 
(a) Increase 
(b) Decrease 
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7.10 Which quantity must be determined experimentally in 
order to determine the bonding atomic radius of an atom? 
(a) The distance from the nucleus where the probability of 
finding an electron goes to zero. (b) The distance between 
the nuclei of two atoms that are bonded together. (c) The 
effective nuclear charge of an atom. 


7.11 Tungsten has the highest melting point of any metal in the 
periodic table: 3422 °C. The distance between W atoms in tung- 
sten metal is 274 pm. (a) What is the atomic radius of a tungsten 
atom in this environment? (This radius is called the metallic 
radius.) (b) If you put tungsten metal under high pressure, pre- 
dict what would happen to the distance between W atoms. 
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7.12 


7.13 


7.14 
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Estimate the P— Cl bond length from the data in Figure 7.7 
and compare your value to the experimental P— Cl bond 
length in phosphorus tetrachloride PCl;, 204 pm. 


Using only the periodic table, arrange each set of atoms in 
order from largest to smallest: (a) Ar, As, Kr; (b) Cd, Rb, Te; 
(c) C, Cl, Cu. 

Identify each statement as true or false: (a) Cations are 
larger than their corresponding neutral atoms. (b) Li” is 
smaller than Li. (c) Cl is bigger than I. 


7.15 


7.16 


Which neutral atom is isoelectronic with each of the fol- 
lowing ions? H7, Ca?*, In**, Ge”. 

Consider the isoelectronic ions F` and Na’. (a) Which ion is 
smaller? (b) Using Equation 7.1 and assuming that core elec- 
trons contribute 1.00 and valence electrons contribute 0.00 


to the screening constant, S, calculate Zet for the 2p electrons 
in both ions. (c) Repeat this calculation using Slater’s rules to 
estimate the screening constant, S. (d) For isoelectronic ions, 
how are effective nuclear charge and ionic radius related? 


SƏS1913X] JUSWSSISSY-J/9S 0} SIBMSUY YW. 
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Solar wind is a stream of charged particles, mostly electrons, protons, and alpha parti- 
cles, that is constantly emitted by the sun. The magnetosphere of the earth protects us 
from this radiation. However, there are times when the magnetic shield and solar wind 
do interact and give rise to excited atoms, molecules, and ions, which are observed as a 
beautiful play of lights, the aurora, in the sky near the poles. 

By the end of this section, you should be able to 


e Predict the trends in ionization energy as successive electrons are removed from an atom. 


The ease with which electrons can be removed from an atom or ion has a major 
impact on chemical behavior. The ionization energy of an atom or ion is the mini- 
mum energy required to remove an electron from the ground state of the isolated gas- 
eous atom or ion. We first encountered ionization in our discussion of the Bohr model of 
the hydrogen atom. If the electron in an H atom is excited from n = 1 (the ground state) 
ton = œ, the electron is completely removed from the atom; the atom is ionized. 

In general, the first ionization energy, I,, is the energy needed to remove the first elec- 
tron from a neutral atom. For example, the first ionization energy for the sodium atom is 
the energy required for the process 


Na(g) — Na*(g) + e 


[7.2] 


The second ionization energy, h, is the energy needed to remove the second electron, 
and so forth, for successive removals of additional electrons. Thus, J, for the sodium atom 
is the energy associated with the process 


Na*(g) —> Na?*(g) + e 


[7.3] 


SECTION 7.4 lonization Energy 337 


Variations in Successive Ionization Energies 


The magnitude of the ionization energy tells us how much energy is required to remove 
an electron; the greater the ionization energy, the more difficult it is to remove an elec- 
tron. Notice in Table 7.2 that ionization energies for a given element increase as succes- 
sive electrons are removed: h < h < h, and so forth. This trend makes sense because 
with each successive removal, an electron is being pulled away from an increasingly posi- 
tive ion, requiring increasingly more energy. 

A second important feature shown in Table 7.2 is the sharp increase in ionization 
energy that occurs when an inner-shell electron is removed. For example, consider sili- 
con, 1s72s2p°3s?3p*. The ionization energies increase steadily from 786 to 4356 kJ/mol 
for the four electrons in the 3s and 3p subshells. Removal of the fifth electron, which 
comes from the 2p subshell, requires a great deal more energy: 16 091 kJ/mol. The large 
increase occurs because the 2p electron is much more likely to be found close to the 
nucleus than are the four n = 3 electrons, and, therefore, the 2p electron experiences a 
much greater effective nuclear charge than do the 3s and 3p electrons. 

Every element exhibits a large increase in ionization energy when the first of its 
inner-shell electrons is removed. This observation supports the idea that only the out- 
ermost electrons are involved in the sharing and transfer of electrons that give rise to 
chemical bonding and reactions. As we will see when we talk about chemical bonds in 
Chapters 8 and 9, the inner electrons are too tightly bound to the nucleus to be lost from 
the atom or even shared with another atom. 


TABLE 7.2 Successive Values of Ionization Energies, I, for the Elements Sodium to Argon (kJ/mol) 


Element h h h h h Ig h 


(inner-shell electrons) 


Al 578 

Si 786 1577 3232 16091 

P 1012 1907 2914 4964 

S 1000 2252 3357 4556 

Cl 1251 2298 3822 5159 6542 9362 11018 
Ar 1521 2666 3931 5771 7238 8781 11995 


> Sample Exercise 7.5 
D Trends in lonization Energy 


Three elements are indicated in the periodic table in the margin. m 
Which one has the largest second ionization energy? 


SOLUTION 


Analyze and Plan The locations of the elements in the periodic 
table allow us to predict the electron configurations. The greatest 
ionization energies involve removal of core electrons. Thus, we 
should look first for an element with only one electron in the out- 
ermost occupied shell. 


Solve The red box represents Na, which has one valence elec- 
tron. The second ionization energy of this element is associ- 
ated, therefore, with the removal of a core electron. The other 


elements indicated, S (green) and Ca (blue), have two or more » Practice Exercise 


valence electrons. Thus, Na should have the largest second ion- The third ionization energy of bromine is the energy re- 
ization energy. quired for which of the following processes? 

(a) Br(g) —> Br*(g) +e” (b) Br*(g) —> Br?*(g) +e- 
Check A chemistry handbook gives these I, values: (c) Br(g) — Br?*(g) + 2e (d) Br(g) — Br?*(g) + 3e 


Ca, 1145 kJ/mol; S, 2252 kJ/mol; Na, 4562 kJ/mol. (e) Br” (g) peers Br**(g) Tez 
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Periodic Trends in First Ionization Energies 


Figure 7.10 shows, for the first 54 elements, the trends we observe in first ionization ener- 
gies as we move from one element to another in the periodic table. The important trends 
are as follows: 


1. I, generally increases as we move left to right across a period. The alkali metals show 
the lowest ionization energy in each period, and the noble gases show the highest. 
There are slight irregularities in this trend that we will discuss shortly. 


2. I; generally decreases as we move down any column in the periodic table. For example, the 
ionization energies of the noble gases follow the order He > Ne > Ar > Kr > Xe. 


3. The s- and p-block elements show a larger range of 1; values than do the transition metal 
elements. Generally, the ionization energies of the transition metals increase slowly 
from left to right in a period. The f-block metals (not shown in Figure 7.10) also show 
only a small variation in the values of J. 


In general, smaller atoms have higher ionization energies. The same factors that 
influence atomic size also influence ionization energies. The energy needed to remove 
an electron from the outermost occupied shell depends on both the effective nuclear 
charge and the average distance of the electron from the nucleus. Either increasing the 
effective nuclear charge or decreasing the distance from the nucleus increases the attrac- 
tion between the electron and the nucleus. As this attraction increases, it becomes more 
difficult to remove the electron, and, thus, the ionization energy increases. As we move 
across a period, there is both an increase in effective nuclear charge and a decrease in 
atomic radius, causing the ionization energy to increase. As we move down a column, 
the atomic radius increases, while the effective nuclear charge increases only gradually. 
The increase in radius dominates, so the attraction between the nucleus and the electron 
decreases, causing the ionization energy to decrease. 


W Go Figure The value for astatine, At, is missing in this figure. To the nearest 100 kJ/mol, 
what estimate would you make for the first ionization energy of At? 


Ionization energy (kJ/mol) 


A Figure 7.10 The first ionization energies of the elements in kJ/mol. 
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The irregularities in a given period are subtle but still readily explained. For exam- 
ple, the decrease in ionization energy from beryllium ([He]2s”) to boron ([He]2s72p!), 
shown in Figure 7.10, occurs because the third valence electron of B must occupy the 2p 
subshell, which is empty for Be. Recall that the 2p subshell is at a higher energy than 
the 2s subshell (Figure 6.24). The slight decrease in ionization energy when moving from 
nitrogen ([He]2s?2p°) to oxygen ([He]2s2p*) is the result of the repulsion of paired 


YW Go Figure 


Why is it easier to remove a 2p 
electron from an oxygen atom than 
from a nitrogen atom? 


electrons in the p* configuration (Figure 7.11). Remember that according to Hund’s rule, 2p) i111] 
each electron in the p° configuration resides in a different p orbital, which minimizes the Nitrogen 
electron-electron repulsion among the three 2p electrons. 5 
fi : f 2p} tL) 1 | 1 
Electron Configurations of Ions 
Oxygen 


When electrons are removed from an atom to form a cation, they are always removed first 
from the occupied orbitals having the largest principal quantum number, n. For exam- 
ple, when one electron is removed from a lithium atom (1572s), it is the 2s! electron: 


Li(1s?2s!) = Lit(1s”) + e 


A Figure 7.11 2p orbital filling in nitrogen 
and oxygen. 


Likewise, when two electrons are removed from Fe ({Ar]4s73d°), the 4s” electrons are 
the ones removed: 
Fe({Ar]4s?3d°) = Fe?"([Ar]3d°) + 2e 
If an additional electron is removed, forming Fe**, it comes from a 3d orbital because all 


the orbitals with n = 4 are empty: 
Fe?*([Ar]3d°) = Fe?([Ar]3d°) + e7 


= Sample Exercise 7.6 
tt Periodic Trends in lonization Energy i 


Referring to the periodic table, arrange the atoms Ne, Na, P, Ar, K in order of increasing first ionization energy. 


SOLUTION 


Analyze and Plan We are given the chemical symbols for five ele- 
ments. To rank them according to increasing first ionization en- 
ergy, we need to locate each element in the periodic table. We can 
then use their relative positions and the trends in first ionization 
energies to predict their order. 


> Practice Exercise 
Consider the following statements about first ionization 
energies: 
(i) Because the effective nuclear charge for Mg is greater than 
that for Be, the first ionization energy of Mg is greater than 


that of Be. 
Solve Ionization energy increases as we move left to right across (ii) The first ionization energy of O is less than that of N be- 
a period and decreases as we move down a group. Because Na, P, cause in O we must pair electrons in one of the 2p orbitals. 
and Ar are in the same period, we expect J, to vary in the order (iii) The first ionization energy of Ar is less than that of Ne 
Na < P < Ar. Because Ne is above Ar in Group 18, we expect because a 3p electron in Ar is farther from the nucleus than 
Ar < Ne. Similarly, K is directly below Na in Group 1, and so we a 2p electron in Ne. 
expect K < Na. Which of the statements (i), (ii), and (iii) is or are true? 


(a) Only one of the statements is true. 
(b) Statements (i) and (ii) are true. 

(c) Statements (i) and (iii) are true. 

K < Na < P < Ar < Ne (d) Statements (ii) and (iii) are true. 
(e) All three statements are true. 


From these observations, we conclude that the ionization ener- 
gies follow the order 


Check The values shown in Figure 7.10 confirm this prediction. 


It may seem odd that 4s electrons are removed before 3d electrons in forming 
transition-metal cations. After all, in writing electron configurations, we added the 4s 
electrons before the 3d ones. In writing electron configurations for atoms, however, we 
are going through an imaginary process in which we move through the periodic table 
from one element to another. In doing so, we are adding both an electron to an orbital 
and a proton to the nucleus to change the identity of the element. In ionization, we do 
not reverse this process because no protons are being removed. For example, both Ca 
and Ti?* have 20 electrons, but a Ti** ion has more protons than a Ca atom (22 vs. 20). 
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That changes the relative energy levels of the orbitals enough that the two species have 
different electron configurations: Ca([Ar]4s”) and Ti?" ({Ar]3d?). 

If there is more than one occupied subshell for a given value of n, the electrons are 
first removed from the orbital with the highest value of /. For example, a tin atom loses its 
5p electrons before it loses its 5s electrons: 


Sn([Kr]5s74d!°5p7) = Sn?*([Kr]5s74d!°) + 2e° = Sn*([Kr]4d!) + 4 e7 


Electrons added to an atom to form an anion are added to the empty or partially 
filled orbital having the lowest value of n. For example, an electron added to a fluorine 
atom to form the F` ion goes into the one remaining vacancy in the 2p subshell: 


NSA Sample Exercise 7.7 
Lt Electron Configurations of lons 


F(1s?2s?2p°) + © = F (1s72s?2p°) 


Write the electron configurations for (a) Ca**, (b) Co?*, and (c) S7. 


SOLUTION 


Analyze and Plan We are asked to write electron configurations 
for three ions. To do so, we first write the electron configuration 
of each parent atom and then remove or add electrons to form 
the ions. Electrons are first removed from the orbitals having the 
highest value of n. They are added to the empty or partially filled 
orbitals having the lowest value of n. 


Solve 


(a) Calcium (atomic number 20) has the electron configuration 
[Ar]4s”. To form a 2+ ion, the two outer 4s electrons must be 
removed, giving an ion that is isoelectronic with Ar: 


Ca?*: [Ar] 


(b) Cobalt (atomic number 27) has the electron configura- 
tion [Ar]4s73d’. To form a 3+ ion, three electrons must 
be removed. As discussed in the text, the 4s electrons are 
removed before the 3d electrons. Consequently, we remove 


Self-Assessment Exercise 


7.17 Which would you expect to be greater: I, for a sulfur atom or 
I, for an aluminum atom? 


the two 4s electrons and one of the 3d electrons, and the elec- 
tron configuration for Co?* is 


Co3*: [Ar]3d° 


(c) Sulfur (atomic number 16) has the electron configuration 
[Ne]3s?3p*. To form a 2- ion, two electrons must be added. 
There is room for two additional electrons in the 3p orbitals. 
Thus, the S?~ electron configuration is 


S?~: [Ne]3s73p° = [Ar] 


Comment Remember that many of the common ions of the s- and 
p-block elements, such as Ca?* and S*~, have the same number of 
electrons as the closest noble gas. (Section 2.7) 


> Practice Exercise 
The ground-state electron configuration of a Tc atom is 
[Kr]5s?4d°. What is the electron configuration of a Tc?* ion? 
(a) [Kr]4d* (b) [Kr]5s?4d?_ (c)[Kr]5s!44? (d) [Kr]5s748 
(e) [Kr]4d?° 


(a) J, for a sulfur atom 


(b) J, for an aluminum atom 


Exercises 


7.18 Write equations that show the processes that describe the 
first, second, and third ionization energies of a chlorine atom. 
Which process would require the least amount of energy? 


7.19 Which element has the highest second ionization energy: 
Li, K, or Be? 

7.20 (a) What is the general relationship between the size of an 
atom and its first ionization energy? (b) Which element in 
the periodic table has the largest ionization energy? Which 
has the smallest? 


7.21 Based on their positions in the periodic table, predict which 
atom of the following pairs will have the smaller first ioniza- 
tion energy: (a) Br, Kr; (b) C, Ca; (c) Li, Rb; (d) Pb, Si; (e) Al, B. 

7.22 Write the electron configurations for the following ions, 
and determine which have noble-gas configurations: (a) 
Cu?*, (b) Ca?*, (c) N*, (d) Ru’*, (e) H. 


7.23 Give three examples of +2 ions that have an electron con- 
figuration of nd”? (n = 3,4,5...). 
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7.5 | Electron Affinity 


Plastic food wrap has a low permeability to oxygen and water vapor. It may be used to 
keep food fresh and is a convenient means to cover plates, bowls, and jugs of different 
shapes and sizes. Its stretchiness allows it to wrap easily around objects and static electric- 
ity helps it stick. When the food wrap is pulled off its roll, electrons can be removed from 
the molecules on one surface and added to another. This builds up a small charge that 
helps it stick to the object you are covering. 

We have looked at the ionization of atoms in the previous section. Here, we look at 
the addition of electrons to atoms to form anions, a process called electron affinity. By 
the end of this section, you should be able to 


e Explain how electron affinity and ionization energy are related and how irregularities 
in the periodic trends for electron affinity can be related to electron configuration. 


The first ionization energy of an atom is a measure of the energy change associated 
with removing an electron from the atom to form a cation. For example, the first ioniza- 
tion energy of Cl(g), 1251 kJ/mol, is the energy change associated with the process 


Ionization energy: Cl(g) —> Cl*(g) +e AE = 1251 kJ/mol [7.4] 
[Ne]3s23p°  [Ne]3s?3pt 


The positive value of the ionization energy means that energy must be put into the atom 
to remove the electron. All ionization energies for atoms are positive: Energy must be absorbed 
to remove an electron. 

Most atoms can also gain electrons to form anions. The energy change that occurs 
when an electron is added to a gaseous atom is called the electron affinity because it 
measures the attraction, or affinity, of the atom for the added electron. For most atoms, 
energy is released when an electron is added. For example, the addition of an electron to 
a chlorine atom is accompanied by an energy change of —349 kJ/mol, the negative sign 
indicating that energy is released during the process. We therefore say that the electron 
affinity of Clis —349 kJ/mol.* 


*Two sign conventions are used for electron affinity. In most introductory texts, including this 
one, the thermodynamic sign convention is used: A negative sign indicates that addition of an 
electron is an exothermic process, as in the electron affinity for chlorine, —349 kJ/mol. Histor- 
ically, however, electron affinity has been defined as the energy released when an electron is 
added to a gaseous atom or ion. Because 349 kJ/mol is released when an electron is added to 
Cl(g), the electron affinity by this convention would be +349 kJ/mol. 


SECTION 7.5 Electron Affinity 
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W. Go Figure 


Why are the electron affinities of the Group 14 
elements more negative than those of the Group 15 
elements? 


Electron affinity: Cl(g) +e ——> CI (g) EA = —349 kJ/mol [7.5] 
[Ne]3s73p° —— [Ne]3s73p° 


It is important to understand the difference between ionization energy and electron 
affinity: 

e Ionization energy measures the energy change when an atom loses an electron. 

e Electron affinity measures the energy change when an atom gains an electron. 

The greater the attraction between an atom and an added electron, the more nega- 
tive the atom’s electron affinity. For some elements, such as the noble gases, the electron 
affinity has a positive value, meaning that the anion is higher in energy than are the sep- 
arated atom and electron: 


Ar(g) +e —> Ar (g) EA>0 [7.6] 
[Ne]3s73p° [Ne]3s73p°4s! 


The fact that the electron affinity is positive means that an electron will not attach itself 
to an Ar atom; in other words the Ar ion is unstable and does not form. 


Periodic Trends in Electron Affinity 


The electron affinities for the s- and p-block elements of the first five periods are shown 
in Figure 7.12. Notice that the trends are not as evident as they are for ionization energy. 
The halogens, which are one electron shy of a filled p subshell, have the most negative 
electron affinities. By gaining an electron, a halogen atom forms a stable anion that has a 
noble-gas configuration (Equation 7.5). The addition of an electron to a noble gas, how- 
ever, requires that the electron reside in a higher-energy subshell that is empty in the 
atom (Equation 7.6). Because occupying a higher-energy 
subshell is energetically unfavorable, the electron affinity 
is highly positive. The electron affinities of Be and Mg are 
positive for the same reason; the added electron would 
reside in a previously empty p subshell that is higher in 
energy. 

The electron affinities of the Group 15 elements are 
also interesting. Because these elements have half-filled 
p subshells, the added electron must be put in an orbital 
that is already occupied, resulting in larger electron- 
electron repulsions. Consequently, these elements have 
electron affinities that are either positive (N) or less neg- 
ative than those of their neighbors to the left (P, As, Sb). 
Recall that in Section 7.4 we saw a discontinuity in the 
trends in first ionization energy for the same reason. 

Electron affinities do not change greatly as we move 


18 


A Figure 7.12 Electron affinity in kJ/mol for selected s- and p-block elements. 


down a group (Figure 7.12). With F, for instance, the 
added electron goes into a 2p orbital, for Cl a 3p orbital, 
for Br a 4p orbital, and so forth. As we proceed from F to 
I, therefore, the average distance between the added electron and the nucleus steadily 
increases, causing the electron-nucleus attraction to decrease. However, the orbital that 
holds the outermost electron is increasingly spread out, so that as we proceed from F 
to I, the electron-electron repulsions are also reduced. As a result, the reduction in the 
electron-nucleus attraction is counterbalanced by the reduction in electron-electron 
repulsions. 


Self-Assessment Exercise 


7.24 What is the relationship between the value for the first ion- (a) The values are the same magnitude but of opposite sign 
ization energy of a CI (8) ion and the electron affinity of (b) EA for Cl(g) > I, for Cl-(g) 


Cl(g)? 


SECTION 7.6 Metals, Nonmetals, and Metalloids 343 


a 


Exercises 


7.25 Write an equation for the first electron affinity of helium. 7.27 Consider the first ionization energy of neon and the electron 
Would you predict a positive or a negative energy value for affinity of fluorine. (a) Write equations, including electron 
this process? Is it possible to directly measure the first elec- configurations, for each process. (b) These two quantities 
tron affinity of helium? have opposite signs. Which will be positive, and which will be 

7.26 Which of the following, I or I, will have a negative elec- negative? (c) Would you expect the magnitudes of these two 
tron affinity? quantities to be equal? If not, which one would you expect to 

be larger? 
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7.6 | Metals, Nonmetals, and Metalloids 


Atomic radii, ionization energies, and electron affinities are properties of individual atoms. 
With the exception of the noble gases, however, none of the elements exist in nature as indi- 
vidual atoms. To get a broader understanding of the properties of elements, we must also 
examine periodic trends in properties of samples that involve large collections of atoms. 
Nowhere are the differences between elements belonging to the same column more 
apparent than amongst the Group 14 elements: carbon (C), silicon (Si), germanium (Ge), 
tin (Sn), and lead (Pb). The lightest element in Group 14, carbon, comes in many differ- 
ent forms from the very hard diamond to charcoal, whose rough texture, ability to draw 
light or intensely dark lines, and easy removability give it a wide range of applications. 
Moving to the bottom of Group 14, we find lead, which is a relatively soft metal. Our 
bodies, and those of nearly every living thing on planet Earth, are made from molecules 
that contain carbon, while the toxicity of lead is well documented. In between, we find 
silicon and germanium, both of which have the same arrangement of atoms as diamond 
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YW. Go Figure How do the periodic trends in metallic character compare to those for 
ionization energy? 


Increasing metallic character 
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A Figure 7.13 Metals, metalloids, and nonmetals. 


TABLE 7.3 Characteristic Properties of Metals and Nonmetals 


Metals 


Nonmetals 


Have a shiny luster; various colors, although most are silvery Do not have a luster; various colors 


Solids are malleable and ductile 


Good conductors of heat and electricity 


Solids are usually brittle; some are hard, and some are soft 


Poor conductors of heat and electricity 


Most metal oxides are ionic solids that are basic Most nonmetal oxides are molecular substances that form acidic solutions 


Tend to form cations in aqueous solution 


A Figure 7.14 Metals are shiny, malleable, 
and ductile. 


Tend to form anions or oxyanions in aqueous solution 


and are semiconductors used extensively in integrated circuits and computers. Tin shows 
dual behavior in the sense that it behaves as a metal at temperatures above 13 °C (B-Sn or 
white tin) and as a semiconductor below 13 °C (a-Sn or gray tin). 

By the end of this section, you should be able to 


e Recognize the general properties of the elements and their oxides 


The elements can be broadly grouped as metals, nonmetals, and metalloids 
(Figure 7.13). Some of the distinguishing properties of metals and nonmetals are sum- 
marized in Table 7.3. 

In the following sections, we explore some common patterns of reactivity across 
the periodic table. We will examine reactivity for selected nonmetals and metals in more 
depth in later chapters. 

The more an element exhibits the physical and chemical properties of metals, the 
greater its metallic character. As indicated in Figure 7.13, metallic character generally 
increases as we proceed down a group of the periodic table and decreases as we proceed 
right across a period. Let’s now examine the close relationships that exist between elec- 
tron configurations and the properties of metals, nonmetals, and metalloids. 


Metals 


Most metallic elements exhibit the shiny luster we associate with metals (Figure 7.14). 
Metals conduct heat and electricity. In general, they are malleable (can be pounded into 
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YW Go Figure The red stepped line divides metals from nonmetals. How are common 
oxidation states divided by this line? 
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A Figure 7.15 Representative oxidation states of the elements. Note that hydrogen exhibits both 
positive and negative oxidation numbers, +1 and —1. 


thin sheets) and ductile (can be drawn into wires). All are solids at room temperature 
except mercury (melting point = —39°C), which is a liquid at room temperature. Two 
metals melt at slightly above room temperature, cesium at 28.4 °C and gallium at 29.8 °C. 
At the other extreme, many metals melt at very high temperatures. For example, tung- 
sten, which is used for the filaments of incandescent light bulbs, melts at 3422 °C. 

Metals tend to have low ionization energies (Figure 7.10) and, therefore, can form cations 
relatively easily. As a result, metals are oxidized (lose electrons) when they undergo chemi- 
cal reactions. Among the fundamental atomic properties (radius, electron configuration, 
electron affinity, and so forth), first ionization energy is the best indicator of whether an 
element behaves as a metal or anonmetal. 

Figure 7.15 shows the oxidation states of representative ions of metals and non- 
metals. As noted in Section 2.7, the charge on any alkali metal ion in a compound is 
always 1+, and that on any alkaline earth metal is always 2+. For atoms belonging to 
either of these groups, the outer s electrons are easily lost, yielding a noble-gas elec- 
tron configuration. For metals belonging to groups with partially occupied p orbitals 
(Groups 13-17), cations are formed either by losing only the outer p electrons (such as 
Sn?*) or the outer s and p electrons (such as Sn**). The charge on transition-metal ions 
does not follow an obvious pattern. One characteristic of the transition metals is their 
ability to form more than one cation. For example, compounds of Fe”* and Fe** are 
both very common. 

Compounds made up of a metal and a nonmetal tend to be ionic substances. For example, 
most metal oxides and halides are ionic solids. To illustrate, the reaction between nickel 
metal and oxygen produces nickel oxide, an ionic solid containing Ni?* and O77 ions: 


2Ni(s) + Oo(¢) —> 2NiO(s) [7.7] 


The oxides are particularly important because of the great abundance of oxygen in our 
environment. 

Most metal oxides are basic. Those that dissolve in water react to form metal hydrox- 
ides, as in the following examples: 


Metal oxide + water —> metal hydroxide 
Na,O(s) + H2O(1) —> 2 NaOH(aq) [7.8] 
CaO(s) + HO(1) —> Ca(OH)z(aq) [7.9] 
The basicity of metal oxides is due to the oxide ion, which reacts with water: 


O?- (aq) + H,O(1) —> 2 OH (aq) [7.10] 
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a Sample Exercise 7.8 
D Properties of Metal Oxides 


(a) Would you expect scandium oxide to be a solid, liquid, or gas at room temperature? 
(b) Write the balanced chemical equation for the reaction of scandium oxide with nitric acid. 


SOLUTION 


Analyze and Plan We are asked about one physical property of 
scandium oxide—its state at room temperature—and one chemi- 
cal property—how it reacts with nitric acid. 


> Practice Exercise 
Suppose that a metal oxide of formula M,O3 were soluble in 
water. What would be the major product or products of dis- 
solving the substance in water? 


Solve (a) MH;(aq) at O2(8) 

(a) Because scandium oxide is the oxide of a metal, we expect it (b) M(s) + Hy(g) + O2(8) 
to be an ionic solid. Indeed it is, with the very high melting (©) M?*(aq) + H202(aq) 
point of 2485 °C. (d) M(OH)2(aq) 

. 3+ . 
(b) In compounds, scandium has a 3+ charge, Sc’", and the oxide (e) M(OH)3(aq) 


ion is O%. Consequently, the formula of scandium oxide is 
Sc203. Metal oxides tend to be basic and, therefore, to react 
with acids to form a salt plus water. In this case, the salt is 
scandium nitrate, Sc(NO3)3: 


Sc203(s) + 6 HNO3(aq) —> 2Sc(NO3)3(aq) + 3 H20(1) 


W Go Figure Would you expect NiO to dissolve in an aqueous solution of NaNO? 


Insoluble NiO 


Nickel oxide (NiO), nitric acid (HNO3), and NiO is insoluble in water but reacts with 
water HNO; to give a green solution of the salt 
Ni(NO3)o. 


A Figure 7.16 Metal oxides react with acids. NiO does not dissolve in water but does react with 
nitric acid (HNO3) to give a green solution of Ni(NO3)>. 


with acids to form a salt plus water, as illustrated in Figure 7.16: 


Do you think sulfur is malleable? 
y Metal oxide + acid —> salt + water 


Nonmetals 


such as diamond, or soft, such as sulfur (Figure 7.17). 


W Go Figure Even metal oxides that are insoluble in water demonstrate their basicity by reacting 


NiO(s) + 2 HNO3(aq) —> Ni(NO3)2(aq) + H20(1) [7.11] 


Nonmetals can be solid, liquid, or gas. They are not lustrous and generally are poor 
conductors of heat and electricity. Their melting points are generally lower than those 
of metals (although diamond, a form of carbon, is an exception and melts at 3570 °C). 
Under ordinary conditions, seven nonmetals exist as diatomic molecules. Five of these 
A Figure 7.17 Sulfur, known to the medieval 27€ gases (Hz, No, Oo, Fz, and Cl), one is a liquid (Brz), and one is a volatile solid (I,). 
world as “brimstone,” is a nonmetal. Excluding the noble gases, the remaining nonmetals are solids that can be either hard, 
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<- 


NSO 


A Figure 7.18 The reaction of C0, with water containing a bromothymol blue indicator. Initially, 
the blue color tells us the water is slightly basic. When a piece of solid carbon dioxide (“dry ice”) 
is added, the color changes to yellow, indicating an acidic solution. The mist is water droplets 
condensed from the air by cold CO» gas that sublimes off before reacting. 


Because of their relatively large, negative electron affinities, nonmetals tend to gain elec- 
trons when they react with metals. For example, the reaction of aluminum with bromine 
produces the ionic compound aluminum bromide: 


2 Al(s) + 3 Bro(l) —> 2 AIBr3(s) [7.12] 


A nonmetal will typically gain enough electrons to fill its outermost occupied p sub- 
shell, giving a noble-gas electron configuration. For example, the bromine atom gains 
one electron to fill its 4p subshell: 


Br([Ar]4s73d1°4p°) + e = Br ([Ar]4s23d104p°) 


Compounds composed entirely of nonmetals are typically molecular substances that tend 
to be gases, liquids, or low melting point solids at room temperature. Examples include 
the common hydrocarbons we use for fuel (methane, CH4; propane, C3Hg; octane, 
CgHjg) and the gases HCl, NH3, and H2S. Many pharmaceuticals are molecules composed 
of C, H, N, O, and other nonmetals. For example, the molecular formula for the drug 
Celebrex® is C}7H;4F3N302S. 

Most nonmetal oxides are acidic, which means that those that dissolve in water form 
acids: 


Nonmetal oxide + water —— acid 
P4O10(8) +6 H20(1) — 4 H3PO,(aq) [7.14] 


The reaction of carbon dioxide with water (Figure 7.18) accounts for the acidity of 
carbonated water and, to some extent, rainwater. Because sulfur is present in oil and coal, 
combustion of these common fuels produces sulfur dioxide and sulfur trioxide. These 
substances dissolve in water to produce acid rain, a major pollutant in many parts of the 
world. Like acids, most nonmetal oxides dissolve in basic solutions to form a salt plus 
water: 


Nonmetal oxide + base —— salt + water 
CO2(g) + 2 NaOH(aq) —> Na2CO3(aq) + H20(1) [7.15] 


Metalloids 


Metalloids have properties intermediate between those of metals and those of non- 
metals. They may have some characteristic metallic properties but lack others. For 
example, the metalloid silicon looks like a metal (Figure 7.19), but it is brittle rather 
than malleable and does not conduct heat or electricity nearly as well as metals do. A Figure 7.19 Elemental silicon. 
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VA Sample Exercise 7.9 


Solve 


Lt Reactions of Nonmetal Oxides 


SOLUTION 


Analyze and Plan We note that selenium is a nonmetal. We there- 
fore need to write chemical equations for the reaction of a non- 
metal oxide with water and with a base, NaOH. Nonmetal oxides 
are acidic, reacting with water to form an acid and with bases to 
form a salt and water. 


(a) The reaction between selenium dioxide and water is like that 
between carbon dioxide and water (Equation 7.13): 


SeO2(s) + H,O(1) —> H,SeO3(aq) 


(It does not matter that SeO3 is a solid and CO3 is a gas under 
ambient conditions; the point is that both are water-soluble 
nonmetal oxides.) 


Write a balanced chemical equation for the reaction of solid selenium dioxide, SeO2(s), with (a) water, (b) aqueous sodium 
hydroxide. 


The reaction with sodium hydroxide is like that in Equation 7.15: 


SeO(s) + 2 NaOH(aq) — > Na2SeO3(aq) + H20(1) 


> Practice Exercise 
Consider the following oxides: SO2, Y203, MgO, C120, NOs. 
How many are expected to form acidic solutions in water? 
(a)1 (b)2 ©3 (d)4 (e)5 


Several metalloids, most notably silicon, are electrical semiconductors and are 
the principal elements used in integrated circuits and computer chips. One of the 
reasons metalloids can be used for integrated circuits is that their electrical con- 
ductivity is intermediate between that of metals and that of nonmetals. Very pure 
silicon is an electrical insulator, but its conductivity can be dramatically increased 
with the addition of specific impurities called dopants. This modification provides a 
mechanism for controlling the electrical conductivity by controlling the chemical 
composition. We will return to this point in Chapter 12. 


Self-Assessment Exercise 


7.28 


A compound XCl,, where X is an element, has a melting 
point of —121 °C. Would you expect the compound to be 
ionic or molecular? 


(a) Ionic 
(b) Molecular 


Exercises 


7.29 


7.30 


7.31 


7.32 


(a) Does metallic character increase, decrease, or remain 
unchanged as one goes from left to right across a row of the 
periodic table? (b) Does metallic character increase, decrease, 
or remain unchanged as one goes down a column of the peri- 
odic table? (c) Are the periodic trends in (a) and (b) the same 
as or different from those for first ionization energy? 


Discussing this chapter, a classmate says, “An element that 
commonly forms a cation is a metal.” Do you agree or disagree? 
Predict whether each of the following oxides is ionic or mo- 
lecular: ZnO, K2O, SO2, OF), TiO. 


Would you expect zirconium(II) oxide, ZrO, to react more 
readily with HCl(aq) or NaOH(aq)? 


7.33 


7.34 


Chlorine reacts with oxygen to form Cl,O7. (a) What is the 
name of this product (see Table 2.6)? (b) Write a balanced 
equation for the formation of Cl,0,(/) from the elements. 
(c) Would you expect ClO; to be more reactive toward 
H*(aq) or OH (aq)? (d) If the oxygen in Cl,O7 is consid- 
ered to have the —2 oxidation state, what is the oxidation 
state of the Cl? What is the electron configuration of Clin 
this oxidation state? 


Write balanced equations for the following reactions: 
(a) boron trichloride with water, (b) cobalt (II) oxide with 
nitric acid, (c) phosphorus pentoxide with water, (d) carbon 
dioxide with aqueous barium hydroxide. 
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7.7 | Trends for Group 1 and 
Group 2 Metals 


In the 1820’s, Goldsworthy Gurney found that a sample of calcium oxide heated 
with a hydrogen-oxygen blowpipe glowed with an intense white light. This was 
adopted by theatres in the 1830’s and 1840’s, and the expression ‘in the limelight’ 
was born. While effective, the lights needed constant attention and were a fire haz- 
ard. Consequently, they were replaced by electric lighting soon after its invention by 
Thomas Edison in 1789. 

By the end of this section, you should have 


e Acquired an overview of the chemistry of Group 1 and 2 metals 


As we have seen, elements in a given group possess general similarities. How- 
ever, trends also exist within each group. In this section, we use the periodic table and 
our knowledge of electron configurations to examine the chemistry of the alkali 
metals and alkaline earth metals. 


Group 1: The Alkali Metals 


The alkali metals are soft metallic solids (Figure 7.20). All have characteristic metallic prop- 
erties, such as a silvery, metallic luster, and high thermal and electrical conductivity. The 
name alkali comes from an Arabic word meaning “ashes.” Many compounds of sodium 
and potassium, two alkali metals, were isolated from wood ashes by early chemists. 

As Table 7.4 shows, the alkali metals have low densities and melting points, and 
these properties vary in a fairly regular way with increasing atomic number. We see 


TABLE 7.4 Some Properties of the Alkali Metals 


Electron Melting Density Atomic h 
Element Configuration Point (°C) (g/cm?) Radius (pm) (kJ/mol) 
Lithium He]2s! 181 0.53 128 520 
Sodium Ne]3s! 98 0.97 166 496 
Potassium Ar]4s! 63 0.86 203 419 
Rubidium [Kr]5s! 39 1.53 220 403 
Cesium Xe]6s! 28 1.88 244 376 


A Figure 7.20 Sodium, like the other alkali 
metals, is soft enough to be cut with a knife. 
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Go Figure 


the usual trends as we move down the group, such as increasing atomic radius and 
decreasing first ionization energy. The alkali metal of any given period has the low- 
est J, value in the period (Figure 7.10), which reflects the relative ease with which its 
outer s electron can be removed. As a result, the alkali metals are all very reactive, 
losing one electron to form ions carrying a 1+ charge. 

The alkali metals exist in nature only as compounds. Sodium and potassium are rel- 
atively abundant in Earth’s crust, in seawater, and in biological systems, always as the 
cations of ionic compounds. All alkali metals combine directly with most nonmetals. For 
example, they react with hydrogen to form hydrides and with sulfur to form sulfides: 


2M(s) + H2(g) —> 2 MH(s) [7.16] 
2M(s) + S(s) — > M2S(s) [7.17] 


where M represents any alkali metal. In hydrides of the alkali metals (LiH, NaH, and 
so forth), hydrogen is present as H , the hydride ion. A hydrogen atom that has 
gained an electron, this ion is distinct from the hydrogen ion, H*, formed when a 
hydrogen atom loses its electron. 

The alkali metals react vigorously with water, producing hydrogen gas anda 
solution of an alkali metal hydroxide: 


2M(s) + 2H,O(1) —> 2MOH(aq) + H2(g) [7.18] 


These reactions are very exothermic (Figure 7.21). In many cases, enough heat 
is generated to ignite the Hz, producing a fire or sometimes even an explosion, as in 
the case of K reacting with water. The reaction is even more violent for Rb and, espe- 
cially, Cs, because their ionization energies are even lower than that of K. 

Recall that the most common ion of oxygen is the oxide ion, O?~. We would 
therefore expect that the reaction of an alkali metal with oxygen would produce 
the corresponding metal oxide. Indeed, reaction of Li metal with oxygen does form 
lithium oxide: 

4Li(s) + Oo(g) —> 2 Li2O(s) [7.19] 
lithium oxide 
When dissolved in water, Li2O and other soluble metal oxides form hydroxide ions from 
the reaction of O?~ ions with H,O (Equation 7.10). 

The reactions of the other alkali metals with oxygen are more complex than we 
would anticipate. For example, when sodium reacts with oxygen, the main product is 
sodium peroxide, which contains the O~ ion: 

2.Na(s) + Oo(g) —> Na20,(s) [7.20] 


sodium peroxide 


Would you expect rubidium metal to be more or less reactive with water 
than potassium metal? 


Li 


A Figure 7.21 The alkali metals react vigorously with water. 
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Li Na K 


A Figure 7.22 Placed in a flame, ions of each alkali metal emit light of a characteristic wavelength. 


Potassium, rubidium, and cesium react with oxygen to form compounds that con- 
tain the Oz ion, which we call the superoxide ion. For example, potassium forms potas- 
sium superoxide, KO: 

K(s) + O2(g) —> KOy(s) [7.21] 
potassium superoxide 
Be aware that the reactions in Equations 7.20 and 7.21 are somewhat unexpected; in most 
cases, the reaction of oxygen with a metal forms the metal oxide. 

As seen from Equations 7.18 through 7.21, the alkali metals are extremely reactive 
toward water and oxygen. Because of this reactivity, the metals are usually stored sub- 
merged in a liquid hydrocarbon, such as mineral oil or kerosene. 

Although alkali metal ions are colorless, each emits a characteristic color when 
placed in a flame (Figure 7.22). The ions are reduced to gaseous metal atoms in the 
flame. The high temperature excites the valence electron from the ground state toa 
higher-energy orbital, causing the atom to be in an excited state. The atom then emits 
energy in the form of visible light as the electron falls back into the lower-energy 
orbital and the atom returns to its ground state. The light emitted is at a specific wave- 
length for each element, just as we saw earlier for line spectra of hydrogen and sodium. 
The characteristic yellow emission of sodium at 589 nm is the basis for sodium vapor 
lamps (Figure 7.23). 


V Go Figure If we had potassium vapor lamps, what color would they be? 


Electrical energy used to 
excite the electron from 
the 3s to the 3p orbital 


3p 


Yellow photon is emitted when 


the electron drops from the 3p 
to the 3s orbital. 


A Figure 7.23 The characteristic yellow light in a sodium lamp results from excited electrons in the 
high-energy 3p orbital falling back to the lower-energy 3s orbital. 
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WSA Sample Exercise 7.10 
[> Reactions of an Alkali Metal 


SOLUTION 


Analyze and Plan Because cesium is an alkali metal, we expect its 
chemistry to be dominated by oxidation of the metal to Cs* ions. 
Further, we recognize that Cs is far down the periodic table, which 
means it is among the most active of all metals and probably re- 
acts with all three substances. 


Solve The reaction between Cs and Cl; is a simple combination 
reaction between a metal and a nonmetal, forming the ionic com- 
pound CsCl: 


2Cs(s) + Cl,(g) —> 2 CsCl(s) 


From Equations 7.18 and 7.16, we predict the reactions of ce- 
sium with water and hydrogen to proceed as follows: 


2 Cs(s) + 2H,O(1) — > 2 CsOH(aq) + Ho(g) 
2 Cs(s) + H2(g) —> 2 CsH(s) 
All three reactions are redox reactions where cesium forms a 


Cs* ion. The Cl", OH”, and H~ are all 1— ions, which means the 
products have 1:1 stoichiometry with Cs". 


Write a balanced equation for the reaction of cesium metal with (a) Clo(g), (b) H20(/), (c) H2(8). 


> Practice Exercise 
Consider the following three statements about the reactivity 
of an alkali metal M with oxygen gas: 
(i) Based on their positions in the periodic table, the expected 

product is the ionic oxide M30. 

(ii) Some of the alkali metals produce metal peroxides or metal 
superoxides when they react with oxygen. 

(iii) When dissolved in water, an alkali metal oxide produces a 
basic solution. 


Which of the statements (i), (ii), and (iii) is or are true? 
(a) Only one of the statements is true. 

(b) Statements (i) and (ii) are true. 

(c) Statements (i) and (iii) are true. 

(d) Statements (ii) and (iii) are true. 

(e) All three statements are true. 


CHEMISTRY AND LIFE GG EAA ame easy 


Alkali metal ions tend to play an unexciting role in most chemical reac- 
tions. As noted in Section 4.2, all salts of the alkali metal ions are soluble 
in water, and the ions are spectators in most aqueous reactions (except 
for those involving the alkali metals in their elemental form, such as 
those in Equations 7.16 through 7.21). However, these ions play an 
important role in human physiology. Sodium and potassium ions, for 
example, are major components of blood plasma and intracellular fluid, 
respectively, with average concentrations of 0.1 M. These electrolytes 
serve as vital charge carriers in normal cellular function. In contrast, 
the lithium ion has no known function in normal human physiology. 
Since the discovery of lithium in 1817, however, people have believed 
that salts of the element possessed almost mystical healing powers. 
There were even claims that lithium ions were an ingredient in ancient 
“fountain of youth” formulas. In 1927, C. L. Grigg began marketing a 
soft drink that contained lithium. The original unwieldy name of the 
beverage was “Bib-Label Lithiated Lemon-Lime Soda,” which was soon 
changed to the simpler and more familiar name 7UP® (Figure 7.24). 

Because of concerns of the US Food and Drug Administration, 
lithium was removed from 7UP® during the early 1950s. At nearly 
the same time, psychiatrists discovered that lithium ions have a 
remarkable therapeutic effect on the mental condition called bipolar 
disorder. Individuals that suffer from this psychosis, undergo severe 
mood swings from deep depression to a manic euphoria. The lithi- 
um ion smoothes these mood swings, allowing the bipolar patient to 
function more effectively in daily life. 

The antipsychotic action of Li* was discovered by accident in 
the 1940s by Australian psychiatrist John Cade (1912-1980) as he 
was researching the use of uric acid—a component of urine—to treat 
manic-depressive illness. He administered the acid to manic laboratory 
animals in the form of its most soluble salt, lithium urate, and found that 
many of the manic symptoms seemed to disappear. Later studies showed 
that uric acid has no role in the therapeutic effects observed; rather, the 
Li* ions were responsible. Because lithium overdose can cause severe side 
effects in humans, including kidney failure and death, lithium salts were 
not approved as antipsychotic drugs for humans until 1970. Today Lit 
is usually administered orally in the form of Li,CO3, which is the active 
ingredient in prescription drugs such as Eskalith®. Lithium drugs are ef- 
fective for about 70% of bipolar patients who take it. 


A Figure 7.24 Lithium no more. The soft drink 7UP® originally 
contained a lithium salt that was claimed to give the beverage 
healthful benefits, including “an abundance of energy, enthusiasm, 

a clear complexion, lustrous hair, and shining eyes!” The lithium was 
removed from the beverage in the early 1950s, about the time that the 
antipsychotic action of Lit was discovered. 


In this age of sophisticated drug design and biotechnology, the 
simple lithium ion is still the most effective treatment of this destruc- 
tive psychiatric disorder. Remarkably, despite intensive research, sci- 
entists still do not fully understand the biochemical action of lithium 
that leads to its therapeutic effects. Because of its similarity to Na”, Li* 
is incorporated into blood plasma, where it can affect the behavior 
of nerve and muscle cells. Because Li* has a smaller radius than Na* 
(Figure 7.8), the way Li* interacts with molecules in human cells is 
different from the way Na” interacts with the molecules. Other stud- 
ies indicate that Li‘ alters the function of certain neurotransmitters, 
which might lead to its effectiveness as an antipsychotic drug. 
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Group 2: The Alkaline Earth Metals 


Like the alkali metals, the alkaline earth metals are all solids at room temperature and 
have typical metallic properties (Table 7.5). Compared with the alkali metals, the alkaline 
earth metals are harder and denser, and melt at higher temperatures. 

The first ionization energies of the alkaline earth metals are low but not as low as 
those of the alkali metals. Consequently, the alkaline earth metals are less reactive than 
their alkali metal neighbors. As noted in Section 7.4, the ease with which the elements lose 
electrons decreases as we move across a period and increases as we move down a group. 
Thus, beryllium and magnesium, the lightest alkaline earth metals, are the least reactive. 

The trend of increasing reactivity within the group is shown by the way the alka- 
line earth metals behave in the presence of water. Beryllium does not react with either 
water or steam, even when heated red-hot. Magnesium reacts slowly with liquid water 
and more readily with steam: 


Mg(s) + H20(g) —> MgO(s) + H2(g) [7.22] 


Calcium and the elements below it react readily with water at room temperature (al- 
though more slowly than the alkali metals adjacent to them in the periodic table). The 
reaction between calcium and water (Figure 7.25), for example, is 


Ca(s) + 2H,O(1) —> Ca(OH),(aq) + H2(8) [7.23] 


Equations 7.22 and 7.23 illustrate the dominant pattern in the reactivity of the alka- 
line earth elements: They tend to lose their two outer s electrons and form 2+ ions. For 
example, magnesium reacts with chlorine at room temperature to form MgCl, and burns 
with dazzling brilliance in air to give MgO: 


Mg(s) + Clo(g) —> MgCl(s) [7.24] 
2Mg(s) + O2(g) —> 2MgO(s) [7.25] 


In the presence of O, magnesium metal is protected by a thin coating of water- 
insoluble MgO. Thus, even though Mg is high in the activity series, it can be incorpo- 
rated into lightweight structural alloys used in, for example, automobile wheels. The 
heavier alkaline earth metals (Ca, Sr, and Ba) are even more reactive toward nonmetals 
than is magnesium. 

The heavier alkaline earth ions give off characteristic colors when heated in a hot 
flame. Strontium salts produce the brilliant red color in fireworks, and barium salts pro- 
duce the green color. 

Like their neighbors sodium and potassium, magnesium and calcium are relatively 
abundant on Earth and in seawater and are essential for living organisms as cations in ionic 
compounds. Calcium is particularly important for growth and maintenance of bones and 
teeth. 


TABLE 7.5 Some Properties of the Alkaline Earth Metals 


Electron Melting Density Atomic h 
Element Configuration Point (°C) (g/cm?) Radius (pm) (kJ/mol) 
Beryllium [He]2s? 1287 1.85 96 899 
Magnesium [Ne]3s” 650 1.74 141 738 
Calcium [Ar]4s? 842 1.55 176 590 
Strontium [Kr]5s? 777 2.63 195 549 
Barium [Xe]6s? Wey 3.51 215 503 


W Go Figure 


What is the cause of the bubbles that 
are formed? How could you test your 
answer? 


A Figure 7.25 Elemental calcium reacts with 
water. 


Self-Assessment Exercise 
7.35 Which ion do you expect to have the smallest radius? 
(a) Kt 
(b) Ca** 
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e ee 
Exercises 


7.36 


7.37 


(a) Why is calcium generally more reactive than beryllium? 
(b) Why is calcium generally less reactive than rubidium? 


Write a balanced equation for the reaction that occurs in 
each of the following cases: (a) Potassium metal is exposed to 
an atmosphere of chlorine gas. (b) Strontium oxide is added 
to water. (c) A fresh surface of lithium metal is exposed to 
oxygen gas. (d) Sodium metal reacts with molten sulfur. 


7.38 (a) As described in Section 7.7, the alkali metals react with 
hydrogen to form hydrides and react with halogens to form 
halides. Compare the roles of hydrogen and halogens in 
these reactions. Write balanced equations for the reaction 
of fluorine with calcium and for the reaction of hydrogen 
with calcium. (b) What is the oxidation number and elec- 
tron configuration of calcium in each product? 


$9S1919Xq }UIUSSƏSSY-JJƏŞ 0} SIaMSUY 


y 


7.8 | Trends for Selected Nonmetals 


Hydrogen, generated from the reaction of dilute acid on iron filings, was first reported 
by Robert Boyle in 1671. The gas was recognized as a new substance ninety years later 
by Henry Cavendish who called it ‘flammable air’ but this was changed to hydrogen by 
Antoine Lavoisier in 1783 upon observing that the gas burnt in air to give water. The 
name is derived from the Greek hydro for water and genes for creator. 

As the lightest element, it was the obvious choice of gas for the early airships that 
appeared around 1900. However, the highly flammable nature of hydrogen lead to the 
disaster of the Hindenburg on 6th May 1937, when the airship burst into flames while 
attempting to dock at Lakehurst, New Jersey. Air travel was still in its infancy, and there 
were journalists on hand to report on the arrival of the airship’s maiden flight from 
Europe to the USA. It took just 90 seconds for the hydrogen to burn out and spelt the end 
to commercial travel by airship. 

By the end of this section, you should have 


e Acquired an overview of the chemistry of selected non-metals 
Hydrogen 


We have seen that the chemistry of the alkali metals is dominated by the loss of their 
outer ns! electron to form cations. The 1s! electron configuration of hydrogen sug- 
gests that its chemistry should have some resemblance to that of the alkali metals. The 
chemistry of hydrogen is much richer and more complex than that of the alkali metals, 
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however, mainly because the ionization energy of hydrogen, 1312 kJ/mol, is higher than 
any metal and comparable to that of oxygen. As a result, hydrogen is a nonmetal that 
occurs as a colorless diatomic gas, H2(g), under most conditions. 

The reactivity of hydrogen with nonmetals reflects its much greater tendency to 
hold on to its electron relative to the alkali metals. Unlike the alkali metals, hydrogen 
reacts with most nonmetals to form molecular compounds in which its electron is shared 
with, rather than completely transferred to, the other nonmetal. For example, we have 
seen that sodium metal reacts vigorously with chlorine gas to produce the ionic com- 
pound sodium chloride, in which the outermost sodium electron is completely trans- 
ferred to a chlorine atom (Figure 2.19): 

Na(s) + + Clx(g) —> NaCl(s) AH° = —410.9kJ [7.26] 
ionic 

By contrast, molecular hydrogen reacts with chlorine gas to form hydrogen chloride 
gas, which consists of HCl molecules: 

+H2(g) + ¢Clo(g) —> HCl(g) AH° = —92.3kJ [7.27] 
molecular 

Hydrogen readily forms molecular compounds with other nonmetals, such as the 
formation of water, H,O(/); ammonia, NH3(g); and methane, CH,(g). The ability of 
hydrogen to form bonds with carbon is one of the most important aspects of organic 
chemistry, as will see in later chapters. 

We have seen that, particularly in the presence of water, hydrogen does readily form 
H* ions in which the hydrogen atom has lost its electron. For example, HCl(g) dissolves 
in H2O to form a solution of hydrochloric acid, HCl(aq), in which the electron of the 
hydrogen atom is transferred to the chlorine atom—a solution of hydrochloric acid con- 
sists largely of H*(aq) and Cl (aq) ions stabilized by the H2O solvent.* Indeed, the ability 
of molecular compounds of hydrogen with nonmetals to form acids in water is one of 
the most important aspects of aqueous chemistry. We will discuss the chemistry of acids 
and bases in detail later in the text, particularly in Chapter 16. 

Finally, as is typical for nonmetals, hydrogen also has the ability to gain an electron 
from a metal with a low ionization energy. For example, we saw in Equation 7.16 that 
hydrogen reacts with active metals to form solid metal hydrides that contain the hydride 
ion, H`. The fact that hydrogen can gain an electron further illustrates that it behaves 
much more like a nonmetal than an alkali metal. 


Group 16: The Oxygen Group 


As we proceed down Group 16, there is a change from nonmetallic to metallic character 
(Figure 7.13). Oxygen, sulfur, and selenium are typical nonmetals. Tellurium is a metal- 
loid, and polonium, which is radioactive and quite rare, is a metal. Oxygen is a colorless 
gas at room temperature; all of the other members of Group 16 are solids. Some of the 
physical properties of the Group 16 elements are given in Table 7.6. 

As we saw in Section 2.6, oxygen exists in two molecular forms, Oz and O3. Because 
Oz is the more common form, people generally mean it when they say “oxygen,” 


TABLE 7.6 Some Properties of the Group 16 Elements 


Electron Melting Atomic 
Element Configuration Point (°C) Density Radius (pm) /, (kJ/mol) 
Oxygen [He]2s72p* NS} 1.43 g/L 66 1314 
Sulfur [Ne] 3s?3p* 115 1.96g /cm? 105 1000 
Selenium [Ar] 3d'04s74p4 221 4.82g /cm? 120 941 
Tellurium [Kr]4d!°5s75p* 450 6.24 g/cm? 138 869 
Polonium [ Xe]4f'45d'6s76p4 254 9.20g /cm? 140 812 


*A more realistic description is one where an H* ion is transferred from HCl to H2O forming Cl- 
and H30°. We will explore this chemistry in detail in Chapter 16. 


355 


356 CHAPTER 7 Periodic Properties of the Elements 


YW Go Figure 


Suppose it were possible to flatten 
the Sg ring. What shape would you 
expect the flattened ring to have? 


S 


A Figure 7.26 Elemental sulfur exists as 
the Sg molecule. At room temperature, 
this is the most common allotropic form 
of sulfur. 


although the name dioxygen is more descriptive. The O3 form is ozone. The two forms of 
oxygen are examples of allotropes, defined as different forms of the same element. About 
21% of dry air consists of O2 molecules. Ozone is present in very small amounts in the 
upper atmosphere and in polluted air. It is also formed from O; in electrical discharges, 
such as in lightning storms: 


3.O,(g) —> 203(g) AH? = 284.6 KJ [7.28] 


This reaction is strongly endothermic, telling us that O; is less stable than O3. 

Although both O, and O; are colorless and therefore do not absorb visible light, O3 
absorbs certain wavelengths of ultraviolet light that Oz does not. Because of this difference, 
the presence of ozone in the upper atmosphere is beneficial, filtering out harmful UV light. 
Ozone and oxygen also have different chemical properties. Ozone, which has a pungent odor, 
is a powerful oxidizing agent. Because of this property, ozone is sometimes added to water to 
kill bacteria or used in low levels to help to purify air. However, the reactivity of ozone also 
makes its presence in polluted air near Earth’s surface detrimental to human health. 

Oxygen has a great tendency to attract electrons from other elements (to oxi- 
dize them). Oxygen in combination with a metal is almost always present as the oxide 
ion, O”. This ion has a noble-gas configuration and is particularly stable. As shown in 
Figure 5.14, the formation of nonmetal oxides is also often very exothermic and thus 
energetically favorable. 

In our discussion of the alkali metals, we noted two less common oxygen anions— 
the peroxide (O,?~ ) ion and the superoxide (O27) ion. Compounds of these ions often 
react to produce an oxide and O3: 


2H202(aq) —> 2H,O(I) + On(g) AH? = —196.1 k] [7.29] 


After oxygen, the most important member of Group 16 is sulfur. This element exists in 
several allotropic forms, the most common and stable of which is the yellow solid hav- 
ing the molecular formula Sg. This molecule consists of an eight-membered ring of sulfur 
atoms (Figure 7.26). Even though solid sulfur consists of Sg rings, we usually write it sim- 
ply as S(s) in chemical equations to simplify the stoichiometric coefficients. 

Like oxygen, sulfur has a tendency to gain electrons from other elements to form 
sulfides, which contain the S$% ion. In fact, most sulfur in nature is present as metal sul- 
fides. Sulfur is below oxygen in the periodic table, and the tendency of sulfur to form 
sulfide anions is not as great as that of oxygen to form oxide ions. As a result, the chem- 
istry of sulfur is more complex than that of oxygen. In fact, sulfur and its compounds 
(including those in coal and petroleum) can be burned in oxygen. The main product is 
sulfur dioxide, a major air pollutant: 


S(s) + Oo(g) —> SO2(g) [7.30] 


Below sulfur in Group 16 is selenium, Se. This relatively rare element is essential for 
life in trace quantities, although it is toxic at high doses. There are many allotropes of Se, 
including several eight-membered ring structures that resemble the Sg ring. 

The next element in the group is tellurium, Te. Its elemental structure is even more 
complex than that of Se, consisting of long, twisted chains of Te—Te bonds. Both Se and 
Te favor the —2 oxidation state, as do O and S. 

From O to S to Se to Te, the elements form larger and larger molecules and become 
increasingly metallic. The thermal stability of Group 16 compounds with hydrogen 
decreases down the column: H,O > H2S > H2Se > H,Te, with H2O, water, being the 
most stable of the series. 


Group 17: The Halogens 


Some of the properties of the Group 17 elements, the halogens, are given in Table 7.7. 
Astatine, which is both extremely rare and radioactive, is omitted because many of its 
properties are not yet known. Even less is known about the recently discovered Tennessine. 

Unlike the Group 16 elements, all of the halogens that have been characterized are 
nonmetals. Their melting and boiling points increase with increasing atomic number. 
Fluorine and chlorine are gases at room temperature, bromine is a liquid, and iodine is a 
solid. Each element consists of diatomic molecules: F,, Cl, Brz, and I, (Figure 7.27). 
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TABLE 7.7 Some Properties of the Halogens 


Electron Melting Atomic 
Element Configuration Point (°C) Density Radius (pm) / (kJ/mol) 
Fluorine [He]2s22p° —220 1.69 g/L SY 1681 
Chlorine [Ne]3s23p5 -102 3.12g/L 102 1251 
Bromine [Ar]4 373d!4p> =} 83 S2 /cm? 120 1140 
Iodine [Kr]5s24d105p5 114 4.94 g/cm? 139 1008 


number of Cl molecules? 


p aq 


A Figure 7.27 The elemental halogens exist as diatomic molecules. 


The halogens have highly negative electron affinities (Figure 7.12). Thus, it is not 
surprising that the chemistry of the halogens is dominated by their tendency to gain 
electrons from other elements to form halide ions, X`. (In many equations, X is used to 
indicate any one of the halogen elements.) Fluorine and chlorine are more reactive than 
bromine and iodine. In fact, fluorine removes electrons from almost any substance with 
which it comes into contact, including water, and usually does so very exothermically, as 
in the following examples: 


2 H,O(I) + 2Fx(g) — 4HF(aq) + O(g) AH = -758.9 kJ [7.31] 
SiO,(s) + 2 F(8) —> SiFi(g) + O2(3) AH = -704.0 KJ [7.32] 


As a result, fluorine gas is difficult and dangerous to use in the laboratory, requiring spe- 
cialized equipment. 

Chlorine is the most industrially useful of the halogens. It is produced by a process 
called electrolysis, where an electrical current is used to oxidize chloride anions to molec- 
ular chlorine, Cl,. Unlike fluorine, chlorine reacts slowly with water to form relatively 
stable aqueous solutions of HCl and HOCI (hypochlorous acid): 


Cl,(g) + H,O(1) —> HCl(aq) + HOCI(aq) [7.33] 


W. A why are more molecules of l> seen in the molecular view relative to the 
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Chlorine is often added to drinking water and swimming pools because the HOCI(aq) 
that is generated serves as a disinfectant. 

The halogens react directly with most metals to form ionic halides. The halogens 
also react with hydrogen to form gaseous hydrogen halide compounds: 


H2(g) + X2 —> 2HX(g) [7.34] 


These compounds are all very soluble in water and dissolve to form the hydrohalic acids. 
As we discussed in Section 4.3, HCl(aq), HBr(aq), and HI(aq) are strong acids, whereas 
HF (aq) is a weak acid. 


Group 18: The Noble Gases 


The Group 18 elements, known as the noble gases, are all nonmetals that are gases at 
room temperature. They are all monatomic (that is, they consist of single atoms rather 
than molecules). Some physical properties of the noble-gas elements are listed in 
Table 7.8. The high radioactivity of radon (Rn, atomic number 86) has limited the study 
of its reaction chemistry and some of its properties. 

The noble gases have completely filled s and p subshells. All elements of Group 18 
have large first ionization energies, and we see the expected decrease as we move down 
the column. Because the noble gases possess such stable electron configurations, they are 
exceptionally unreactive. In fact, until the early 1960s the elements were called the inert 
gases because they were thought to be incapable of forming chemical compounds. In 
1962, Neil Bartlett (1932-2008) at the University of British Columbia reasoned that the 
ionization energy of Xe might be low enough to allow it to form compounds. For this to 
happen, Xe would have to react with a substance with an extremely high ability to remove 
electrons from other substances, such as fluorine. Bartlett synthesized the first noble-gas 
compound by combining Xe with the fluorine-containing compound PtF,. Xenon also 
reacts directly with F,(g) to form the molecular compounds XeF,, XeF,, and XeF,. Kryp- 
ton has a higher J; value than xenon and is therefore less reactive. In fact, only a single 
stable compound of krypton is known, KrF). In 2000, Finnish scientists reported the first 
neutral molecule that contains argon, the HArF molecule, which is stable only at low 
temperatures. 


TABLE 7.8 Some Properties of the Noble Gases 


Electron Boiling Density Atomic h 
Element Configuration Point (K) (g/L) Radius* (pm) (kJ/mol) 
Helium 1s? 4.2 0.18 28 2372 
Neon [He]2s72p° 27.1 0.90 58 2081 
Argon [Ne]3s23p° 87.3 1.78 106 1521 
Krypton [Ar]4 s°3d 124p" 120 3.75 116 1351 
Xenon [Kr]5s24d1°5p° 165 5.90 140 1170 
Radon [Xe]6s74f 45d! 6p® 211 9.73 150 1037 


*Only the heaviest of the noble-gas elements form chemical compounds. Thus, the atomic 
radii for the lighter noble-gas elements are estimated values. 


Self-Assessment Exercise 


7.39 The density of bromine is 1000 times larger than chlorine. 
What factor do you think plays the biggest role in this dra- 


matic change? 


(a) The increased mass of a bromine atom. 
(b) The fact that bromine is a liquid and chlorine a gas. 


(c) The larger atomic radius of bromine. 
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7.40 Compare the elements bromine and chlorine with respect to 


7.41 


the following properties: (a) electron configuration, (b) most 
common ionic charge, (c) first ionization energy, (d) reac- 
tivity toward water, (e) electron affinity, (f) atomic radius. 
Account for the differences between the two elements. 


Until the early 1960s, the Group 18 elements were called 
the inert gases. (a) Why was the term inert gases dropped? 


Wa Sample Integrative Exercise 


7.42 


(b) What discovery triggered this change in name? (c) 
What name is applied to the group now? 


Write a balanced equation for the reaction that occurs in 
each of the following cases: (a) White phorphrous, P4(s), re- 
acts with chlorine gas. (b) Sodium metal reacts with water. 
(c) Hydrogen bromide gas reacts with chlorine gas. (d) Alu- 
minum trichloride reacts with aqueous sodium hydroxide. 
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D Putting Concepts Together 


The element bismuth (Bi, atomic number 83) is the heaviest member of Group 15. A salt of the element, bismuth 
subsalicylate, is the active ingredient in Pepto-Bismol®, an over-the-counter medication for gastric distress. 


(a) Based on values presented in Figure 7.7 and Tables 7.5 and 7.6, what might you expect for the bonding atomic 


(b) 
(c) 


(d) 


(e) 
(f) 


radius of bismuth? 


What accounts for the general increase in atomic radius going down the Group 15 elements? 


Another major use of bismuth has been as an ingredient in low-melting metal alloys, such as those used in fire 
sprinkler systems and in typesetting. The element itself is a brittle white crystalline solid. How do these charac- 
teristics fit with the fact that bismuth is in the same periodic group with such nonmetallic elements as nitrogen 


and phosphorus? 


BinO3 is a basic oxide. Write a balanced chemical equation for its reaction with dilute nitric acid. If 6.77 g of 
Bi203 is dissolved in dilute acidic solution to make 0.500 L of solution, what is the molarity of the solution of 


Bi>* ion? 


209B} is the heaviest stable isotope of any element. How many protons and neutrons are present in this nucleus? 
The density of Bi at 25°C is 9.808 g/cm. How many Bi atoms are present in a cube of the element that is 
5.00 cm on each edge? How many moles of the element are present? 


SOLUTION 


(a) 


Bismuth is directly below antimony, Sb, in Group 15. Based 
on the observation that atomic radii increase as we go down 

a column, we would expect the radius of Bi to be greater than 
that of Sb, which is 139 pm. We also know that atomic radii 
generally decrease as we proceed from left to right in a period. 
Tables 7.5 and 7.6 each give an element in the same period, 
namely, Ba and Po. We would therefore expect that the radius 
of Bi is smaller than that of Ba (215 pm) and larger than that of 
Po (140 pm). We also see that in other periods, the difference 
in radius between the neighboring Group 15 and Group 16 
elements is relatively small. We might therefore expect that 
the radius of Bi is slightly larger than that of Po—much closer 
to the radius of Po than to the radius of Ba. The tabulated 
value for the atomic radius on Bi is 148 pm, in accord with our 
expectations. 


(b) The general increase in radius with increasing atomic 


number in the Group 15 elements occurs because addi- 
tional shells of electrons are being added, with corre- 
sponding increases in nuclear charge. The core electrons 
in each case largely screen the outermost electrons from 
the nucleus, so the effective nuclear charge does not vary 


(c) 


(d 


eS 


greatly as we go to higher atomic numbers. However, the 
principal quantum number, n, of the outermost electrons 
steadily increases, with a corresponding increase in orbital 
radius. 


The contrast between the properties of bismuth and those 
of nitrogen and phosphorus illustrates the general rule that 
there is a trend toward increased metallic character as we 
move down in a given group. Bismuth, in fact, is a metal. 
The increased metallic character occurs because the outer- 
most electrons are more readily lost in bonding, a trend that 
is consistent with its lower ionization energy. 


Following the procedures described in Section 4.2 for writing 
molecular and net ionic equations, we have the following: 


Molecular equation: 
Bi,O3(s) + 6 HNO3(aq) —> 2 Bi(NO3)3(aq) + 3 H20(1) 
Net ionic equation: 
Bi,O3(s) + 6H*(aq) —> 2 Bi>* (aq) + 3 H20(1) 
In the net ionic equation, nitric acid is a strong acid and 


Bi(NO3)3 is a soluble salt, so we need to show only the reaction 
of the solid with the hydrogen ion forming the Bi**(aq) ion 


Continued 
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and water. To calculate the concentration of the solution, we 
proceed as follows (Section 4.5): 


6.77 gBix03 «1 mol BizO3 2 mol Bi** 
0.500Lsoln 466.0 gBix03 1 molBizO3 
3+ 
0.0581 mol Bi 0.0581 M 
L soln 


(e) Recall that the atomic number of any element is the number 
of protons and electrons in a neutral atom of the element. 
Bismuth is element 83; there are therefore 83 protons in the 
nucleus. Because the atomic mass number is 209, there are 
209 — 83 = 126 neutrons in the nucleus. 


(£) We can use the density and the atomic weight to determine 
the number of moles of Bi, and then use Avogadro’s number to 
convert the result to the number of atoms. The volume of the 
cube is (5.00)? cm? = 125 cm?. Then we have 


: 9.808 gBi 1 mol Bi 
x x i i 
125 cm? Bi er 200 0M 5.87 mol Bi 
.022 x 1073 atom Bi 
5.87 motBi x © wom = 3.53 x 10% atoms Bi 


1motBi 
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Chapter Summary and Key Terms 


DEVELOPMENT OF THE PERIODIC TABLE (INTRODUCTION AND 
SECTION 7.1) The periodic table was first developed by Mendeleev 
and Meyer on the basis of the similarity in chemical and physical 
properties exhibited by certain elements. Moseley established that 
each element has a unique atomic number, which added more order 
to the periodic table. 

We now know that elements in the same column of the periodic 
table have the same number of electrons in their valence orbitals. This 
similarity in valence electronic structure leads to the similarities among 
elements in the same group. Differences among elements in the same 
group arise because their valence orbitals are in different shells. 


EFFECTIVE NUCLEAR CHARGE (SECTION 7.2) Many properties of 
atoms depend on the effective nuclear charge, which is the portion of 
the nuclear charge that an outer electron experiences after account- 
ing for repulsions by other electrons in the atom. The core electrons 
are very effective in screening the outer electrons from the full charge 
of the nucleus, whereas electrons in the same shell do not screen 
each other very effectively. Because the actual nuclear charge in- 
creases as we progress through a period, the effective nuclear charge 
experienced by valence electrons increases as we move left to right 
across a period. 


SIZES OF ATOMS AND IONS (SECTION 7.3) The size of an atom 
can be gauged by its bonding atomic radius, which is based on mea- 
surements of the distances separating atoms in their chemical com- 
pounds. In general, atomic radii increase down a column in the 
periodic table and decrease left to right across a row. 

Cations are smaller than their parent atoms; anions are larger 
than their parent atoms. For ions of the same charge, size increases 
going down a column of the periodic table. An isoelectronic series is a 
series of ions that has the same number of electrons. For such a series, 
size decreases with increasing atomic number as the electrons are at- 
tracted more strongly to the nucleus as its positive charge increases. 


IONIZATION ENERGY (SECTION 7.4) The first ionization energy 
of an atom is the minimum energy needed to remove an electron 
from the atom in the gas phase, forming a cation. The second ion- 
ization energy is the energy needed to remove a second electron, 
and so forth. Ionization energies show a sharp increase after all the 
valence electrons have been removed because of the much higher 
effective nuclear charge experienced by the core electrons. The first 
ionization energies of the elements show periodic trends that are 
opposite those seen for atomic radii, with smaller atoms having 
higher first ionization energies. Thus, first ionization energies de- 
crease as we go down a column and increase as we proceed left to 
right across a row. 

We can write electron configurations for ions by first writing 
the electron configuration of the neutral atom and then removing 
or adding the appropriate number of electrons. For cations, electrons 


are removed first from the orbitals of the neutral atom with the larg- 
est value of n. If there are two valence orbitals with the same value of 
n (such as 4s and 4p), then the electrons are lost first from the orbital 
with a higher value of / (in this case, 4p). For anions, electrons are 
added to orbitals in the reverse order. 


ELECTRON AFFINITY (SECTION 7.5) The electron affinity of 
an element is the energy change upon adding an electron to an 
atom in the gas phase, forming an anion. A negative electron af- 
finity means that energy is released when the electron is added; 
hence, when the electron affinity is negative the anion is stable. 
By contrast, a positive electron affinity means that the anion is 
not stable relative to the separated atom and electron. In general, 
electron affinities become more negative as we proceed from left 
to right across the periodic table. The halogens have the most 
negative electron affinities. The electron affinities of the noble 
gases are positive because the added electron would have to oc- 
cupy anew, higher-energy subshell. 


METALS, NONMETALS, AND METALLOIDS (SECTION 7.6) The 
elements can be categorized as metals, nonmetals, and metalloids. 
Most elements are metals; they occupy the left side and the middle 
of the periodic table. Nonmetals appear in the upper-right section of 
the table. Metalloids occupy a narrow band between the metals and 
nonmetals. The tendency of an element to exhibit the properties of 
metals, called the metallic character, increases as we proceed down a 
column and decreases as we proceed from left to right across a row. 

Metals have a characteristic luster, and they are good conduc- 
tors of heat and electricity. When metals react with nonmetals, the 
metal atoms are oxidized to cations and ionic substances are gen- 
erally formed. Most metal oxides are basic; they react with acids to 
form salts and water. 

Nonmetals lack metallic luster and are generally poor conduc- 
tors of heat and electricity. Several are gases at room temperature. 
Compounds composed entirely of nonmetals are generally molec- 
ular. Nonmetals usually form anions in their reactions with metals. 
Nonmetal oxides are acidic; they react with bases to form salts and 
water. Metalloids have properties that are intermediate between 
those of metals and nonmetals. 


TRENDS FOR GROUP 1 AND 2 METALS (SECTION 7.7) The peri- 
odic properties of the elements can help us understand the proper- 
ties of groups of the representative elements. The alkali metals (Group 
1) are soft metals with low densities and low melting points. They 
have the lowest ionization energies of the elements. As a result, they 
are very reactive toward nonmetals, easily losing their outer s elec- 
tron to form 1+ ions. 

The alkaline earth metals (Group 2) are harder and denser, and 
have higher melting points than the alkali metals. They are also very 


reactive toward nonmetals, although not as reactive as the alkali met- 
als. The alkaline earth metals readily lose their two outer s electrons 
to form 2+ ions. Both alkali and alkaline earth metals react with hy- 
drogen to form ionic substances that contain the hydride ion, H~. 


TRENDS FOR SELECTED NONMETALS (SECTION 7.8) Hydrogen 
is anonmetal with properties that are distinct from any of the groups 
of the periodic table. It forms molecular compounds with other non- 
metals, such as oxygen and the halogens. 

Oxygen and sulfur are the most important elements in Group 16. 
Oxygen is usually found as a diatomic molecule, O2. Ozone, O3, is an 
important allotrope of oxygen. Oxygen has a strong tendency to gain 
electrons from other elements, thus oxidizing them. In combination 
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with metals, oxygen is usually found as the oxide ion, O?~, although 
salts of the peroxide ion, O, and superoxide ion, O7 , are sometimes 
formed. Elemental sulfur is most commonly found as Sg molecules. In 
combination with metals, it is most often found as the sulfide ion, S?~. 

The halogens (Group 17) exist as diatomic molecules. The halo- 
gens have the most negative electron affinities of the elements. Thus, 
their chemistry is dominated by a tendency to form 1— ions, espe- 
cially in reactions with metals. 

The noble gases (Group 18) exist as monatomic gases. They are 
very unreactive because they have completely filled s and p subshells. 
Only the heaviest noble gases are known to form compounds, and 
they do so only with very active nonmetals, such as fluorine. 


Learning Outcomes After studying this chapter, you should be able to: 


e Explain the meaning of effective nuclear charge, Zepp, and how 
Ze depends on nuclear charge and electron configuration. (Sec- 
tion 7.2) Related Exercises: 7.5-7.7, 7.53 


e Use the periodic table to predict the trends in atomic radii, ionic 
radii, ionization energy, and electron affinity. (Sections 7.2, 7.3, 
7.4, and 7.5) Related Exercises: 7.27, 7.59, 7.69, 7.70 


e Explain how the radius of an atom changes upon losing elec- 
trons to form a cation or gaining electrons to form an anion. 
(Section 7.3) Related Exercises: 7.60, 7.63-7.65 


e Use the periodic table to determine the electron configurations 
of ions. (Section 7.3) Related Exercises: 7.15, 7.22, 7.61, 7.71 


e Predict the trends in ionization energy as successive electrons 
are removed, including the discontinuous increase that occurs 
when the ionization corresponds to removing a core electron. 
(Section 7.4) Related Exercises: 7.18, 7.19, 7.67, 7.69 


e Explain how electron affinity and ionization energy are re- 
lated, and how irregularities in the periodic trends for electron 
affinity can be related to electron configuration. (Section 7.5) 


Related Exercises: 7.27, 7.75, 7.101, 7.104 


e Explain the differences in chemical and physical proper- 
ties of metals and nonmetals, including the basicity of metal 
oxides and the acidity of nonmetal oxides. (Section 7.6) 
Related Exercises: 7.31, 7.76, 7.78, 7.79 


e Explain how atomic properties, such as ionization energy and 
electron affinity, relate to the chemical reactivity and physical 
properties of the alkali and alkaline earth metals (Groups 1 and 2). 
(Section 7.7) Related Exercises: 7.36, 7.82 


e Write balanced equations for the reactions of the Group 1 and 2 
metals with water, oxygen, hydrogen, and the halogens. (Sections 
7.7 and 7.8) Related Exercises: 7.37, 7.83 


e List and explain the unique characteristics of hydrogen. (Section 7.8) 
Related Exercises: 7.38, 7.84, 7.108 


e Explain how the atomic properties, such as ionization energy 
and electron affinity, of Group 16, 17, and 18 elements relate to 
their chemical reactivity and physical properties. (Section 7.8) 
Related Exercises: 7.40, 7.85, 7.86 


Key Equations 


- Lett =Z-S [7.1] 


Estimating effective nuclear charge 


Exercises 


Visualizing Concepts 


7.43 As discussed in the text, we can draw an analogy between the 
attraction of an electron to a nucleus and the act of perceiv- 
ing light from a light bulb through a frosted glass shade, as 
shown in the illustration. 


ck 


Light bulb Frosted 
glass 


D 


Observer 


Using the simple method of estimating effective nuclear 
charge, Equation 7.1, how does the intensity of the light bulb 
and/or the thickness of the frosting change in the following 
cases: (a) Moving from boron to carbon? (b) Moving from 
boron to aluminum? [Section 7.2] 


7.44 Which of these spheres represents F, which represents Br, and 
which represents Br? [Section 7.3] 


7.45 Consider the Mg?*, CI, K*, and Se?” ions. The four spheres 
below represent these four ions, scaled according to ionic 
size. (a) Without referring to Figure 7.8, match each ion to its 
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appropriate sphere. (b) In terms of size, between which of the 
spheres would you find the (i) Ca?* and (ii) S?~ ions? [Section 7.3] 


7000 


7.46 In the following reaction 


Reactants 


Products 


=> 


which sphere represents a metal and which represents a 
nonmetal? [Section 7.3] 


7.47 Consider the AX, molecule depicted here, where A and X 
are elements. The A—A bond length in this molecule is d,, 
and the four A— X bond lengths are each dz. (a) In terms of 
dı and dz, how could you define the bonding atomic radii of 
atoms A and X? (b) In terms of d, and d, what would you pre- 
dict for the X — X bond length of an X, molecule? [Section 7.3] 


@ “eo 
Q “í 
o —— O 


7.48 A qualitative diagram of the atomic orbital energies for an Na 
atom is shown here. The number of orbitals in each subshell 
is not shown. 


— 3p 
=s 
E 
— 2p 
— 2s 
— Ís 


(a) Are all of the subshells for n = 1,n = 2,andn = 3 


shown? If not, what is missing? 


(b) The 2s and 2p energy levels are different. Which of the 


(œ) 


a 


a 


following is the best explanation for why this is the case? 
(i) The 2s and 2p energy levels have different energies in the 
hydrogen atom, so of course they will have different energies 
in the sodium atom, (ii) The energy of the 2p orbital is high- 
er than that of the 2s in all many-electron atoms. (iii) The 2s 
level in Na has electrons in it, whereas the 2p does not. 


Which of the energy levels holds the highest-energy elec- 
tron in a sodium atom? 


A sodium vapor lamp (Figure 7.23) operates by using elec- 
tricity to excite the highest-energy electron to the next 
highest-energy level. Light is produced when the excited 
electron drops back to the lower level. Which two energy lev- 
els are involved in this process for the Na atom? [Section 7.7] 


7.49 Which of the following charts shows the general periodic 
trends for each of the following properties of the main- 
group elements (you can neglect small deviations going 


either across a row or down a column of the periodic table)? 
(1) Bonding atomic radius, (2) first ionization energy, 
(3) effective nuclear charge. [Sections 7.2-7.6] 


(i) 


increase 


(ii) 


increase 


(iii) 


increase 


(iv) 


increase 


increase 
— 


H Main Group Elements He 
Li | Be B|C;N/OJ| F |Ne 
Na |Mg Al | Si | P | S | Cl| Ar 
K |Ca Ga | Ge | As | Se | Br | Kr 
Rb | Sr In | Sn | Sb | Te | I | Xe 
Cs | Ba 

increase 

H Main Group Elements He 
Li | Be B|C};]N/]O]| F |Ne 
Na |Mg Al | Si| P | S | Cl| Ar 

K |Ca Ga | Ge | As | Se | Br | Kr 
Rb | Sr In | Sn | Sb | Te | I | Xe 
Cs | Ba 
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H Main Group Elements He 
Li | Be B|C};]N/OJ| F |Ne 
Na |Mg ANI || Si |] le |] S | cl | Awe 
K |Ca Ga | Ge | As | Se | Br | Kr 
Rb | Sr In | Sn | Sb | Te | I | Xe 
Cs | Ba 
increase 

H Main Group Elements He 

Li | Be B|C};]N/O]| F |Ne 
Na |Mg TAI S16 |e ie See Cla PAge 

K |Ca Ga | Ge | As | Se | Br | Kr 
Rb | Sr In | Sn | Sb | Te | I | Xe 

Cs | Ba 


7.50 


An element X reacts with F,(g) to form the molecular prod- 
uct shown here. (a) Write a balanced equation for this reac- 
tion (do not worry about the phases for X and the product). 
(b) Do you think that X is a metal or nonmetal? [Section 7.6] 


Periodic Table; Effective Nuclear Charge 
(Sections 7.1 and 7.2) 


7.51 


7.52 


7.53 


7.54 


7.55 


(a) Evaluate the expressions 2 x 1,2 x (1+ 3), 2 x 
(1+3+5), and 2x (1+3+5 +7). (b) How do the 
atomic numbers of the noble gases relate to the numbers 
from part (a)? (c) What topic discussed in Chapter 6 is the 
source of the number “2” in the expressions in part (a)? 


Moseley’s experiments on X rays emitted from atoms led to 
the concept of atomic numbers. (a) If arranged in order of 
increasing atomic mass, which element would come after 
chlorine? (b) Describe two ways in which the properties of 
this element differ from the other elements in Group 18. 


Which of the following statements about effective nuclear 
charge for the outermost valence electron of an atom is 
incorrect? (i) The effective nuclear charge can be thought of 
as the true nuclear charge minus a screening constant due to 
the other electrons in the atom. (ii) Effective nuclear charge 
increases going left to right across a row of the periodic 
table. (iii) Valence electrons screen the nuclear charge more 
effectively than do core electrons. (iv) The effective nuclear 
charge shows a sudden decrease when we go from the end 
of one row to the beginning of the next row of the periodic 
table. (v) The change in effective nuclear charge going down 
a column of the periodic table is generally less than that 
going across a row of the periodic table. 


Detailed calculations show that the value of Zețf for the outer- 
most electrons in Si and Cl atoms is 4.29+ and 6.12+, respec- 
tively. (a) What value do you estimate for Zepp experienced by 
the outermost electron in both Si and Cl by assuming core 
electrons contribute 1.00 and valence electrons contribute 
0.00 to the screening constant? (b) What values do you esti- 
mate for Z. using Slater’s rules? (c) Which approach gives a 
more accurate estimate of Zeg? (d) Which method of approx- 
imation more accurately accounts for the steady increase in 
Zett that occurs upon moving left to right across a period? 
(e) Predict Ze; for a valence electron in P, phosphorus, based 
on the calculations for Si and Cl. 


Arrange the following atoms in order of increasing effective 
nuclear charge experienced by the electrons in the n = 2 
shell: Be, Br, Na, P, Se. 


Atomic and Ionic Radii (Section 7.3) 


7.56 


With the exception of helium, the noble gases condense to 
form solids when they are cooled sufficiently. At tempera- 
tures below 83 K, argon forms a close-packed solid whose 
structure is shown here. (a) What is the apparent radius of 
an argon atom in solid argon, assuming the atoms touch as 
shown in this figure? (b) Is this value larger or smaller than 
the bonding atomic radius estimated for argon in Figure 7.7? 
(c) Based on this comparison would you say that the atoms 
are held together by chemical bonds in solid argon? 


7.57 


7.58 


7.59 


7.60 


7.61 


7.62 


7.63 


7.64 


7.65 


7.66 
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Which of the following statements about the bonding atomic 
radii in Figure 7.7 is incorrect? (i) For a given period, the radii 
of the representative elements generally decrease from left to 
right across a period. (ii) The radii of the representative ele- 
ments for the n = 3 period are all larger than those of the 
corresponding elements in the n = 2 period. (iii) For most 
of the representative elements, the change in radius from the 
n = 2tothen = 3 period is greater than the change in radius 
from n = 3 ton = 4. (iv) The radii of the transition elements 
generally increase moving from left to right within a period. 
(v) The large radii of the Group 1 elements are due to their 
relatively small effective nuclear charges. 


The experimental Pb—Cl bond length in lead(II)chloride, 
PbCly, is 244 pm. Based on this value and data in Figure 7.7, 
predict the atomic radius of Pb. 


Using only the periodic table, arrange each set of atoms in 
order of increasing radius: (a) Cs, Se, Te; (b) S, Si, Sr; (c) P, Po, Pb. 


Explain the following variations in atomic or ionic radii: 


(a) T > I> 
(b) Ca** > Mg?* > Be?* 
(c) Fe > Fe** > Fe** 


Some ions do not have a corresponding neutral atom that 
has the same electron configuration. For each of the follow- 
ing ions, identify the neutral atom that has the same number 
of electrons and determine if this atom has the same electron 
configuration. (a) CI, (b) Sc?*, (c) Fe?*, (d) Zn?*, (e) Sn**. 


Consider the isoelectronic ions Cl” and K*. (a) Which ion 
is smaller? (b) Using Equation 7.1 and assuming that core 
electrons contribute 1.00 and valence electrons contribute 
nothing to the screening constant, S, calculate Ze; for these 
two ions. (c) Repeat this calculation using Slater’s rules to 
estimate the screening constant, S. (d) For isoelectronic ions, 
how are effective nuclear charge and ionic radius related? 


Consider S, Cl, and K and their most common ions. (a) List 
the atoms in order of increasing size. (b) List the ions in 
order of increasing size. (c) Explain any differences in the 
orders of the atomic and ionic sizes. 


Arrange each of the following sets of atoms and ions, in order 
of increasing size: (a) Pb, Pb?*, Pb**; (b) V3*, Co**,Co**; 
(€) Se”, S7, Sn?*; (d) K*, Rb*, Br. 

Provide a brief explanation for each of the following: (a) CI is 
larger than Ar. (b) P* is larger than S%. (c) K” is larger than 
Na’. (d) F` is larger than F. 

In the ionic compounds LiF, NaCl, KBr, and RbI, the mea- 
sured cation-anion distances are 201 pm (Li-F), 282 pm (Na- 
Cl), 330 pm (K-Br), and 367 pm (Rb-I), respectively. (a) Pre- 
dict the cation-anion distance using the values of ionic radii 
given in Figure 7.8. (b) Calculate the difference between the 
experimentally measured ion-ion distances and the ones pre- 
dicted from Figure 7.8. (c) What estimates of the cation-anion 
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distance would you obtain for these four compounds using 
neutral atom bonding atomic radii? Are these estimates as 
accurate as the estimates using ionic radii? 


Ionization Energies; Electron Affinities 
(Sections 7.4 and 7.5) 
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Write equations that show the process for (a) the first two 
ionization energies of zinc and (b) the fourth ionization 
energy of calcium. 


Identify each statement as true or false: (a) Ionization ener- 
gies are always endothermic. (b) Potassium has a larger first 
ionization energy than lithium. (c) The second ionization 
energy of the sodium atom is larger than the second ioniza- 
tion energy of the magnesium atom. (d) The third ionization 
energy is three times the first ionization energy of an atom. 


(a) What is the trend in first ionization energies as one pro- 
ceeds down the Group 17 elements? Explain how this trend 
relates to the variation in atomic radii. (b) What is the trend 
in first ionization energies as one moves across the fourth 
period from K to Kr? How does this trend compare with the 
trend in atomic radii? 


For each of the following pairs, indicate which element has 
the smaller first ionization energy: (a) Cs, Cl; (b) Fe, Zn; 
(c) I, Cl; (d) Se, Sn. 

Write the electron configurations for the following ions, and 
determine which have noble-gas configurations: (a) Ti2*, (b) 
Br’, (c) Mg?*, (d) Po”, (e) P+, (£) V**. 

Give examples of transition metal ions with +3 charge that 
have an electron configuration of nd’ (n = 3,4,5... ). 


If the electron affinity for an element is a negative number, 
does it mean that the anion of the element is more stable 
than the neutral atom? Explain. 


What is the relationship between the ionization energy of an 
anion with a 1— charge such as F and the electron affinity of 
the neutral atom, F? 


Consider the following equation: 
AP*(g) + © —> Al” (g) 


Which of the following statements are true? (i) The energy 
change for this process is the second electron affinity of Al 
atom since Al?*(g) is formed. (ii) The energy change for this 
process is the negative of the third ionization energy of the Al 
atom. (iii) The energy change for this process is the electron 
affinity of the Al** ion. 


Properties of Metals and Nonmetals (Section 7.6) 
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You read the following statement about two elements X and 
Y: One of the elements is a good conductor of electricity, and 
the other is a semiconductor. Experiments show that the first 
ionization energy of X is twice as great as that of Y. Which 
element has the greater metallic character? 


Discussing this chapter, a classmate says, “Since elements 
that form cations are metals and elements that form anions 
are nonmetals, elements that do not form ions are metal- 
loids.” Do you agree or disagree? 


Some metal oxides, such as Sc,03, do not react with pure 
water, but they do react when the solution becomes either 
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acidic or basic. Do you expect Sc,O3 to react when the solu- 
tion becomes acidic or when it becomes basic? Write a bal- 
anced chemical equation to support your answer. 


Arrange the following oxides in order of increasing acidity: 
k,0, BaO, ZnO, H,0, COs, SO. 

An element X reacts with oxygen to form XO, and with chlo- 
rine to form XC14. XOz is a white solid that melts at high tem- 
peratures (above 1000 °C). Under usual conditions, XCl, is a 
colorless liquid with a boiling point of 58 °C. (a) XC14 reacts 
with water to form XO, and another product. What is the 
likely identity of the other product? (b) Do you think that 
element X is a metal, nonmetal, or metalloid? (c) By using a 
sourcebook such as the CRC Handbook of Chemistry and Phys- 
ics, try to determine the identity of element X. 


Write balanced equations for the following reactions: 
(a) sulfur dioxide with water, (b) lithium oxide in water, (c) 
zinc oxide with dilute hydrochloric acid, (d) arsenic trioxide 
with aqueous potassium hydroxide. 


Group Trends in Metals and Nonmetals 
(Sections 7.7 and 7.8) 
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Copper and calcium both form +2 ions, but copper is far less 
reactive. Suggest an explanation, taking into account the 
ground-state electron configurations of these elements and 
their atomic radii. 


Write a balanced equation for the reaction that occurs in 
each of the following cases: (a) Lithium is added to water. 
(b) Calcium is added to water. (c) Potassium reacts with chlo- 
rine gas. (d) Rubidium reacts with oxygen. 


Potassium and hydrogen react to form the ionic compound 
potassium hydride. (a) Write a balanced equation for this 
reaction. (b) Use data in Figures 7.10 and 7.12 to determine 
the energy change in kJ/mol for the following two reactions: 


K(g) + H(g) > K*(g) + H (3) 
K(g) + H(g) > K(g) + H(g) 


(c) Based on your calculated energy changes in (b), which 
of these reactions is energetically more favorable (or less 
unfavorable)? (d) Is your answer to (c) consistent with the 
description of potassium hydride as containing hydride 
ions? 


Little is known about the properties of astatine, At, because 
of its rarity and high radioactivity. Nevertheless, it is possible 
for us to make many predictions about its properties. (a) Do 
you expect the element to be a gas, liquid, or solid at room 
temperature? Explain. (b) Would you expect At to be a metal, 
nonmetal, or metalloid? Explain. (c) What is the chemical 
formula of the compound it forms with Na? 


(a) Why does xenon react with fluorine, whereas neon does 
not? (b) Using appropriate reference sources, look up the 
bond lengths of Xe—F bonds in several molecules. How do 
these numbers compare to the bond lengths calculated from 
the atomic radii of the elements? 


Write a balanced equation for the reaction that occurs in 
each of the following cases: (a) Calcium metal is heated in an 
atmosphere of oxygen gas. (b) Copper oxide is heated in an 
atmosphere of hydrogen gas. (c) Chlorine reacts with nitro- 
gen gas.(d) Boron tribromide reacts with water. 
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Consider the stable elements through lead (Z = 82). In 
how many instances are the atomic weights of the ele- 
ments out of order relative to the atomic numbers of the 
elements? 


Figure 7.4 shows the radial probability distribution func- 
tions for the 2s orbitals and 2p orbitals. (a) Which orbital, 
2s or 2p, has more electron density close to the nucleus? 
(b) How would you modify Slater’s rules to adjust for the 
difference in electronic penetration of the nucleus for the 
2s and 2p orbitals? 


(a) If the core electrons were totally effective at screening 
the valence electrons and the valence electrons provided 
no screening for each other, what would be the effective 
nuclear charge acting on the 3s and 3p valence electrons 
in P? (b) Repeat these calculations using Slater’s rules. (c) 
Detailed calculations indicate that the effective nucle- 
ar charge is 5.6+ for the 3s electrons and 4.9+ for the 3p 
electrons. Why are the values for the 3s and 3p electrons 
different? (d) If you remove a single electron from a P atom, 
which orbital will it come from? 


As we move across a period of the periodic table, why do 
the sizes of the transition elements change more gradually 
than those of the representative elements? 


In the series of Group 16 hydrides, of general formula 
MH, the measured bond distances are O—H, 96 pm; 
S—H, 134 pm; Se—H, 146 pm. (a) Compare these values 
with those estimated by use of the atomic radii in Figure 
7.7. (b) Explain the steady increase in M—H bond dis- 
tance in this series in terms of the electron configurations 
of the M atoms. 


In Table 7.8, the bonding atomic radius of neon is listed as 
58 pm, whereas that for xenon is listed as 140 pm. A class- 
mate of yours states that the value for Xe is more realistic 
than the one for Ne. Is she correct? If so, what is the basis 
for her statement? 


The P—P bond length in white phosphorus is 189 pm. 
The Cl—Cl bond length in Cl, is 199 pm. (a) Based on 
these data, what is the predicted P—Cl bond length in 
phosphorus trichloride, PCl3, in which each of the three 
Cl atoms is bonded to the P atom? (b) What bond length 
is predicted for PCl, using the atomic radii in Figure 7.7? 


The following observations are made about two hypothet- 
ical elements A and B: The A—A and B—B bond lengths 
in the elemental forms of A and B are 236 and 194 pm, 
respectively. A and B react to form the binary compound 
AB», which has a linear structure (that is 2B—A—B = 180°). 
Based on these statements, predict the separation between 
the two B nuclei in a molecule of AB». 


Elements in Group 17 in the periodic table are called the 
halogens; elements in Group 16 are called the chalcogens. 
(a) What is the most common oxidation state of the chal- 
cogens compared to the halogens? (b) For each of the fol- 
lowing periodic properties, state whether the halogens or 
the chalcogens have larger values: atomic radii, ionic radii 
of the most common oxidation state, first ionization ener- 
gy, second ionization energy. 


Note from the following table that there is a significant in- 
crease in atomic radius upon moving from Y to La, whereas 
the radii of Zr to Hf are the same. Suggest an explanation 
for this effect. 
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Atomic Radii (pm) 


SE 170 Ti 160 
Y 190 Zr 175 
La 207 Hf 175 


(a) Which ion is smaller, Co** or Co**? (b) In a lithium-ion 
battery that is discharging to power a device, for every Li* 
that inserts into the lithium cobalt oxide electrode, a Co** 
ion must be reduced to a Co** ion to balance charge. Using 
the CRC Handbook of Chemistry and Physics or other standard 
reference, find the ionic radii of Lit, Co**, and Co**. Order 
these ions from smallest to largest. (c) Will the lithium co- 
balt oxide cathode expand or contract as lithium ions are 
inserted? (d) Lithium is not nearly as abundant as sodium. 
If sodium ion batteries were developed that function in the 
same manner as lithium ion batteries, do you think “sodi- 
um cobalt oxide” would still work as the electrode material? 
Explain. (e) If you don’t think cobalt would work as the re- 
dox-active partner ion in the sodium version of the electrode, 
suggest an alternative metal ion and explain your reasoning. 


The ionic substance strontium oxide, SrO, forms from the 
reaction of strontium metal with molecular oxygen. The ar- 
rangement of the ions in solid SrO is analogous to that in sol- 
id NaCl: 


(a) Write a balanced equation for the formation of SrO(s) 
from its elements. (b) Based on the ionic radii in Figure 7.8, 
predict the length of the side of the cube in the figure (the 
distance from the center of an atom at one corner to the cen- 
ter of an atom at a neighboring corner). (c) The density of SrO 
is 5.10 g/cm*. Given your answer to part (b), how many for- 
mula units of SrO are contained in the cube shown here? 


Explain the variation in the ionization energies of carbon, as 
displayed in this graph: 
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Group 14 elements have much more negative electron affini- 
ties than their neighbors in Groups 13 and 15 (see Figure 7.12). 
Which of the following statements best explains this obser- 
vation? (i) The Group 14 elements have much higher first 
ionization energies than their neighbors in Groups 13 and 
15. (ii) The addition of an electron to a Group 14 element 
leads to a half-filled np? outer electron configuration. (iii) 
The Group 14 elements have unusually large atomic radii. 
(iv) The Group 14 elements are easier to vaporize than are 
the Group 13 and 15 elements. 


In the chemical process called electron transfer, an electron is 
transferred from one atom or molecule to another. (We will 
talk about electron transfer extensively in Chapter 20.) A sim- 
ple electron transfer reaction is 


A(g) + A(g) — AX(s) + A (8) 
In terms of the ionization energy and electron affinity of 
atom A, what is the energy change for this reaction? For a 
representative nonmetal such as chlorine, is this process exo- 
thermic? For a representative metal such as sodium, is this 
process exothermic? 


(a) Use orbital diagrams to illustrate what happens when an 
oxygen atom gains two electrons. (b) Why does O*~ not exist? 


Use electron configurations to explain the following observa- 
tions: (a) The first ionization energy of phosphorus is greater 
than that of sulfur. (b) The electron affinity of nitrogen is 
lower (less negative) than those of both carbon and oxygen. 
(c) The second ionization energy of oxygen is greater than 
the first ionization energy of fluorine. (d) The third ioniza- 
tion energy of manganese is greater than those of both chro- 
mium and iron. 


Identify a +2 cation that has the following ground state elec- 
tron configurations: (a) [Ne] (b) [Ar]3d? (c) [Xe]4f'45d'°6s?. 


Which of the following chemical equations is connected to 
the definitions of (a) the first ionization energy of oxygen, 
(b) the second ionization energy of ox” ygen, and (c) the elec- 
tron affinity of oxygen? 


(i) O(g) + € — O (3) 
(iii) O(g) + 2 © —> O? (8) 
(v) O*(g) — O**(g) + e 


The electron affinities, in kJ/mol, for the Group 11 and Group 
12 metals are as follows: 


(ii) O(g) —> O*(g) + e 
(iv) O(g) —> O**(g) + 2 e 


Cu Zn 
—119 >0 
Ag Cd 
—126 >0 
Au Hg 
—223 >0 


(a) Why are the electron affinities of the Group 12 elements 
greater than zero? (b) Why do the electron affinities of the 
Group 11 elements become more negative as we move down 
the group? [Hint: Examine the trends in the electron affinities 
of other groups as we proceed down the periodic table.] 


Hydrogen is an unusual element because it behaves in some 
ways like the alkali metal elements and in other ways like 
nonmetals. Its properties can be explained in part by its elec- 
tron configuration and by the values for its ionization energy 
and electron affinity. (a) Explain why the electron affinity of 
hydrogen is much closer to the values for the alkali elements 
than for the halogens. (b) Is the following statement true? 
“Hydrogen has the smallest bonding atomic radius of any 
element that forms chemical compounds.” If not, correct it. 
If itis, explain in terms of electron configurations. (c) Explain 
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why the ionization energy of hydrogen is closer to the values 
for the halogens than for the alkali metals. (d) The hydride 
ion is H`. Write out the process corresponding to the first 
ionization energy of the hydride ion. (e) How does the pro- 
cess in part (d) compare to the process for the electron affinity 
of a neutral hydrogen atom? 


The first ionization energy of the oxygen molecule is the 
energy required for the following process: 


O2(g) — O2"(g) + & 


The energy needed for this process is 1175 kJ/mol, very similar 
to the first ionization energy of Xe. Would you expect O; to re- 
act with F,? If so, suggest a product or products of this reaction. 


It is possible to define metallic character as we do in this book 
and base it on the reactivity of the element and the ease with 
which it loses electrons. Alternatively, one could measure 
how well electricity is conducted by each of the elements to 
determine how “metallic” the elements are. On the basis of 
conductivity, there is not much of a trend in the periodic ta- 
ble: Silver is the most conductive metal, and manganese the 
least. Look up the first ionization energies of silver and man- 
ganese; which of these two elements would you call more me- 
tallic based on the way we define it in this book? 


Which of the following is the expected product of the reac- 
tion of Mg(s) and N2(g) under heat? (i) Mg3N(s), (ii) MgN2(s), 
(iii) Mg3N2(s), (iv) Mg(s) and N2(g) will not react with one 
another. 


Elemental barium reacts more violently with water than does el- 
emental calcium. Which of the following best explains this dif- 
ference in reactivity? (i) Calcium has greater metallic character 
than does barium. (ii) The electron affinity of calcium is smaller 
than that of barium. (iii) The first and second ionization en- 
ergies of barium are less than those of calcium. (iv) The atomic 
radius of barium is smaller than that of calcium. (v) The ionic 
radius of the barium ion is larger than that of the calcium ion. 


(a) One of the alkali metals reacts with oxygen to form a solid 
white substance. When this substance is dissolved in water, 
the solution gives a positive test for hydrogen peroxide, H203. 
When the solution is tested in a burner flame, a lilac-purple 
flame is produced. What is the likely identity of the metal? 
(b) Write a balanced chemical equation for the reaction of 
the white substance with water. 


Zinc in its 2+ oxidation state is an essential metal ion for life. 
Zn?* is found bound to many proteins that are involved in 
biological processes, but unfortunately Zn?* is hard to detect 
by common chemical methods. Therefore, scientists who are 
interested in studying Zn?*-containing proteins frequently 
substitute Cd?* for Zn’*, since Cd” is easier to detect. (a) On 
the basis of the properties of the elements and ions discussed 
in this chapter and their positions in the periodic table, de- 
scribe the pros and cons of using Cd?* as a Zn?* substitute. 
(b) Proteins that speed up (catalyze) chemical reactions are 
called enzymes. Many enzymes are required for proper met- 
abolic reactions in the body. One problem with using Cd?* 
to replace Zn?* in enzymes is that Cd?* substitution can de- 
crease or even eliminate enzymatic activity. Can you suggest 
a different metal ion that might replace Zn?* in enzymes in- 
stead of Cd?*? Justify your answer. 


A historian discovers a nineteenth-century notebook in 
which some observations, dated 1822, were recorded on a 
substance thought to be a new element. Here are some of the 
data recorded in the notebook: “Ductile, silver-white, metal- 
lic looking. Softer than lead. Unaffected by water. Stable in 
air. Melting point: 153 °C. Density: 7.3 g/cm’. Electrical con- 
ductivity: 20% that of copper. Hardness: About 1% as hard as 
iron. When 4.20 g of the unknown is heated in an excess of 
oxygen, 5.08 g of a white solid is formed. The solid could be 
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sublimed by heating to over 800 °C.” (a) Using information 
in the text and the CRC Handbook of Chemistry and Physics, 
and making allowances for possible variations in numbers 
from current values, identify the element reported. (b) Write 
a balanced chemical equation for the reaction with oxygen. 
(c) Judging from Figure 7.1, might this nineteenth-century 
investigator have been the first to discover a new element? 


In April 2010, a research team reported that it had made Ele- 
ment 117. This discovery was confirmed in 2012 by additional 
experiments. Write the ground-state electron configuration 
for Element 117 and estimate values for its first ionization en- 
ergy, electron affinity, atomic size, and common oxidation 
state based on its position in the periodic table. 


We will see in Chapter 12 that semiconductors are materials 
that conduct electricity better than nonmetals but not as well 
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as metals. The only two elements in the periodic table that are 
technologically useful semiconductors are silicon and germa- 
nium. Integrated circuits in computer chips today are based 
on silicon. Compound semiconductors are also used in the 
electronics industry. Examples are gallium arsenide, GaAs; 
gallium phosphide, GaP; cadmium sulfide, CdS; and cadmi- 
um selenide, CdSe. (a) What is the relationship between the 
compound semiconductors’ compositions and the positions 
of their elements on the periodic table relative to Si and Ge? 
(b) Workers in the semiconductor industry refer to “II-VI” 
and “II-V” materials, using Roman numerals. Can you iden- 
tify which compound semiconductors are II-VI and which 
are III-V? (c) Suggest other compositions of compound semi- 
conductors based on the positions of their elements in the 
periodic table. 
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Moseley established the concept of atomic number by study- 
ing X rays emitted by the elements. The X rays emitted by 
some of the elements have the following wavelengths: 


Element Wavelength (pm) 
Ne 1461 
Ca 335.8 
Zn 143.5 
Zt 78.6 
Sn 49.1 


(a) Calculate the frequency, v, of the X rays emitted by each 
of the elements, in Hz. (b) Plot the square root of versus 
the atomic number of the element. What do you observe 
about the plot? (c) Explain how the plot in part (b) allowed 
Moseley to predict the existence of undiscovered elements. 
(d) Use the result from part (b) to predict the X-ray wavelength 
emitted by iron. (e) A particular element emits X rays with a 
wavelength of 98.0 pm. What element do you think it is? 


(a) Write the electron configuration for Li and estimate the 
effective nuclear charge experienced by the valence electron. 
(b) The energy of an electron in a one-electron atom or ion 


2 
equals (—2.18 x 107!8J) (4), where Z is the nuclear charge 
n 

and n is the principal quantum number of the electron. 
Estimate the first ionization energy of Li. (c) Compare the re- 
sult of your calculation with the value reported in Table 7.4 
and explain the difference. (d) What value of the effective nu- 
clear charge gives the proper value for the ionization energy? 
Does this agree with your explanation in part (c)? 


One way to measure ionization energies is ultraviolet pho- 
toelectron spectroscopy (PES), a technique based on the 
photoelectric effect. In PES, monochromatic light is di- 
rected onto a sample, causing electrons to be emitted. The 
kinetic energy of the emitted electrons is measured. The 
difference between the energy of the photons and the ki- 
netic energy of the electrons corresponds to the energy 
needed to remove the electrons (that is, the ionization 
energy). Suppose that a PES experiment is performed in 
which mercury vapor is irradiated with ultraviolet light of 
wavelength 58.4 nm. (a) What is the energy of a photon of 
this light, in joules? (b) Write an equation that shows the 
process corresponding to the first ionization energy of Hg. 
(c) The kinetic energy of the emitted electrons is measured to 
be 1.72 x 107!*J. What is the first ionization energy of Hg, in 
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kJ/mol? (d) Using Figure 7.10, determine which of the halo- 
gen elements has a first ionization energy closest to that of 
mercury. 


Mercury in the environment can exist in oxidation states 0, 
+1, and +2. One major question in environmental chemistry 
research is how to best measure the oxidation state of mercu- 
ry in natural systems; this is made more complicated by the 
fact that mercury can be reduced or oxidized on surfaces dif- 
ferently than it would be if it were free in solution. XPS, X-ray 
photoelectron spectroscopy, is a technique related to PES (see 
Exercise 7.120), but instead of using ultraviolet light to eject va- 
lence electrons, X rays are used to eject core electrons. The en- 
ergies of the core electrons are different for different oxidation 
states of the element. In one set of experiments, researchers 
examined mercury contamination of minerals in water. They 
measured the XPS signals that corresponded to electrons eject- 
ed from mercury’s 4f orbitals at 105 eV, from an X-ray source 
that provided 1253.6 eV of energy (lev = 1.602 x 107!°J). 
The oxygen on the mineral surface gave emitted electron ener- 
gies at 531 eV, corresponding to the 1s orbital of oxygen. Overall 
the researchers concluded that oxidation states were +2 for Hg 
and —2 for O. (a) Calculate the wavelength of the X rays used in 
this experiment. (b) Compare the energies of the 4felectrons in 
mercury and the 1s electrons in oxygen from these data to the 
first ionization energies of mercury and oxygen from the data 
in this chapter. (c) Write out the ground-state electron configu- 
rations for Hg** and O07"; which electrons are the valence elec- 
trons in each case? 


When magnesium metal is burned in air (Figure 3.5), two prod- 
ucts are produced. One is magnesium oxide, MgO. The other 
is the product of the reaction of Mg with molecular nitrogen, 
magnesium nitride. When water is added to magnesium 
nitride, it reacts to form magnesium oxide and ammonia gas. 
(a) Based on the charge of the nitride ion (Table 2.5), predict 
the formula of magnesium nitride. (b) Write a balanced equa- 
tion for the reaction of magnesium nitride with water. What is 
the driving force for this reaction? (c) In an experiment, a piece 
of magnesium ribbon is burned in air in a crucible. The mass 
of the mixture of MgO and magnesium nitride after burning is 
0.470 g. Water is added to the crucible, further reaction occurs, 
and the crucible is heated to dryness until the final product 
is 0.486 g of MgO. What was the mass percentage of magne- 
sium nitride in the mixture obtained after the initial burning? 
(d) Magnesium nitride can also be formed by reaction of the 
metal with ammonia at high temperature. Write a balanced 
equation for this reaction. If a 6.3 g Mg ribbon reacts with 2.57 g 
NH:(g) and the reaction goes to completion, which component 
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is the limiting reactant? What mass of H»(g) is formed in the 
reaction? (e) The standard enthalpy of formation of solid mag- 
nesium nitride is —461.08 kJ/mol. Calculate the standard en- 
thalpy change for the reaction between magnesium metal and 
ammonia gas. 


7.123 (a) The measured Bi—Br bond length in bismuth tribro- 
mide, BiBr3, is 263 pm. Based on this value and the data 
in Figure 7.8, predict the atomic radius of Bi. (b) Bismuth 
tribromide is soluble in acidic solution. It is formed by 
treating solid bismuth(III) oxide with aqueous hydro- 
bromic acid. Write a balanced chemical equation for 
this reaction. (c) While bismuth(II]) oxide is soluble in 
acidic solutions, it is insoluble in basic solutions such as 
NaOH(aq). Based on these properties, is bismuth charac- 
terized as a metallic, metalloid, or nonmetallic element? 
(d) Treating bismuth with fluorine gas forms BiF;. Use the 
electron configuration of Bi to explain the formation of a 
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compound with this formulation. (e) While it is possible to 
form BiF; in the manner just described, pentahalides of bis- 
muth are not known for the other halogens. Explain why the 
pentahalide might form with fluorine but not with the other 
halogens. How does the behavior of bismuth relate to the fact 
that xenon reacts with fluorine to form compounds but not 
with the other halogens? 


Potassium superoxide, KO, is often used in oxygen masks 
(such as those used by firefighters) because KO, reacts with 
CO, to release molecular oxygen. Experiments indicate that 2 
mol of KO;(s) react with each mole of CO2(g). (a) The products 
of the reaction are K2CO3(s) and O2(g). Write a balanced equa- 
tion for the reaction between KO,(s) and CO,(g). (b) Indicate 
the oxidation number for each atom involved in the reaction 
in part (a). What elements are being oxidized and reduced? 
(c) What mass of KO,(s) is needed to consume 18.0 g CO3(g)? 
What mass of O(g) is produced during this reaction? 


Design an Experiment 


In this chapter we have seen that the reaction of potassium metal 
with oxygen leads to a product that we might not expect, namely, 
potassium superoxide, KO2(s). Let’s design some experiments to 
learn more about this unusual product. 


(a) One of your team members proposes that the capacity to form 
a superoxide such as KOs is related to a low value for the first ion- 
ization energy. How would you go about testing this hypothesis 
for the metals of Group 1? What other periodic property of the 
alkali metals might be considered as a factor favoring superoxide 
formation? 


(b) KO,(s) is the active ingredient in many breathing masks used 
by firefighters because it can be used as a source of O2(g). In prin- 
ciple, KO,(s) can react with both major components of human 


breath, H,O(g) and CO,(g), to produce O2(g) and other products 
(all of which follow the expected patterns of reactivity we have 
seen). Predict the other products in these reactions and design ex- 
periments to determine whether KO,(s) does actually react with 
both H,O(g) and CO,(g). 


(c) Propose an experiment to determine whether either of the re- 
actions in part (b) is more important in the operation of a firefight- 
er’s breathing mask. 


(d) The reaction of K(s) and O2(g) leads to a mixture of KO2(s) and 
k,O(s). Use ideas presented in this exercise to design an exper- 
iment to determine the percentages of KO,(s) and K,O(s) in the 
product mixture that results from the reaction of K(s) with excess 
O2(8). 


The electrons involved in chemical bonding are the valence electrons, which, for most 
atoms, are those in the outermost occupied shell. The American chemist G. N. Lewis 
(1875-1946) suggested a simple way of showing the valence electrons in an atom 
and tracking them during bond formation, using what are now known as either Lewis 
electron-dot symbols or simply Lewis symbols. 

By the end of this section, you should be able to 


e Draw the Lewis symbol of the elements. 
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W Go Figure 


If the white powder were sugar, 
C42H2201;, how would we have 
to change this picture? 


Metallic 

Atoms held 
together by a 
“sea of electrons’ 
surrounding 
nuclei 


$ 


Ionic 
Ions held 


together by local 
electrostatic attractions 


Covalent 

Atoms held 
together by 
sharing electrons 
in localized bonds 


A Figure 8.1 lonic, covalent, and metallic 
bonds. The three different substances 
shown here are held together by different 
types of chemical bonds. 


Whenever two atoms or ions are strongly held together, we say there is a chemical 
bond between them. There are three general types of chemical bonds: ionic, covalent, and 
metallic. These three types of bonds are in the substances illustrated in Figure 8.1: We add 
table salt to water using a stainless-steel spoon. 

Table salt is sodium chloride, NaCl, which consists of sodium ions, Na*, and chlo- 
ride ions, Cl’. The structure is held together by ionic bonds, which are formed due to 
the electrostatic attractions between oppositely charged ions. The water consists mainly 
of H,O molecules. The hydrogen and oxygen atoms are bonded to one another through 
covalent bonds, in which molecules are formed by the sharing of electrons between 
atoms. The spoon consists mainly of iron metal, in which Fe atoms are connected to one 
another by metallic bonds, which are formed by electrons that are relatively free to 
move from one atom to another. These different substances—NaCl, H,O, and Fe metal— 
behave as they do because of the ways in which their constituent atoms are connected 
to one another. For example, NaCl readily dissolves in water, but Fe metal does not. 


Lewis Symbols 


The Lewis symbol for an element consists of the element’s chemical symbol plus a dot 
for each valence electron. Sulfur, for example, has the electron configuration [Ne]3s?3p* 
and therefore six valence electrons. Its Lewis symbol is 


The dots are placed on the four sides of the symbol—top, bottom, left, and right—and 
each side can accommodate up to two electrons. All four sides are equivalent, which 
means that the choice of sides for placement of two electrons rather than one electron 
is arbitrary. In general, we spread out the dots as much as possible. In the Lewis symbol 
for S, for instance, we prefer the dot arrangement shown rather than the arrangement 
having two electrons on three of the sides and none on the fourth. 

The electron configurations and Lewis symbols for the main-group elements of 
Periods 2 and 3 are shown in Figure 8.2. Notice that the number of valence electrons in 
any representative element is related to the element’s group number. For example, the 
Lewis symbols for oxygen and sulfur, members of Group 16, both show six dots. 


The Octet Rule 


Atoms often gain, lose, or share electrons to achieve the same number of electrons as 
the noble gas closest to them in the periodic table. The noble gases have very stable 
electron arrangements, as evidenced by their high ionization energies, low affinity 
for additional electrons, and general lack of chemical reactivity. Because all the noble 
gases except He have eight valence electrons, many atoms undergoing reactions end 
up with eight valence electrons. This observation has led to a guideline known as the 
octet rule: Atoms tend to gain, lose, or share electrons until they are surrounded by eight 
valence electrons. 

An octet of electrons consists of full s and p subshells in an atom. In a Lewis symbol, an 
octet is shown as four pairs of valence electrons arranged around the element symbol, as 


Group — 2 13 14 15 16 17 18 
Element —+ Ji Be B C N O F Ne 
Electron Configuration |-[He]2s! | [He]2s? [He]2s?2p1)[He]2s72p*|[He]2s22p°|[He]2s72p*|[He]2s72p>|[He]2s72p° 
Lewis Symbol ET fie Be: -È ‘C: N: O: F: Ne: 
Na Mg Al Si P S Cl Ar 
[Ne]3s! | [Ne]3s? [Ne]3s73p! [Ne]3s73p? [Ne]3s?3p° [Ne]3s73p* [Ne]3s73p? [Ne]8s73p° 
Na: Mg A Si- È: 9: Č: A 


A Figure 8.2 Lewis symbols. 
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in the Lewis symbols for Ne and Ar in Figure 8.2. There are exceptions to the octet rule, 
as we will see in Section 8.7, but it provides a useful framework for introducing many 
important concepts of bonding. The octet rule mostly applies to atoms that have s and 
p valence electrons; compounds of the transition metals, having valence d electrons, 
will be examined in Chapter 23. 


Self-Assessment Exercise 


8.1 Which is the correct Lewis symbol of As? 


(a) As 
(b) As. 
(c) -As. 
Exercises 

8.2 (a) True or false: An element’s number of valence electrons silicon atom have? (c) Which subshells hold the valence 
is the same as its atomic number. (b) How many valence electrons? 
electrons does a nitrogen atom possess? (c) An atom has 8.4 Write the Lewis symbol for atoms of each of the following 
the electron configuration 1s72s?2p°3s73p?. How many va- elements: (a) Te, (b) Si, (c) Kr, (d) P. 


lence electrons does the atom have? 


8.3 Consider the element silicon, Si. (a) Write its electron 
configuration. (b) How many valence electrons does a 
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Go Figure 


These gypsum crystals, found deep in a cave in Ukraine, are composed of CaSO,-2H,O. 
The ionic bonding between calcium and sulfate ions at the atomic scale leads to the char- 
acteristic crystal shape at the human scale. 

By the end of this section, you should be able to 


e Predict the occurrence of ionic bonding 
e Understand the factors affecting the lattice energy of an ionic solid 


Ionic substances generally result from the interaction of metals on the left side of the 
periodic table with nonmetals on the right side (excluding the noble gases, Group 18). 
For example, when sodium metal, Na(s), is brought into contact with chlorine gas, 
Cl,(g), a violent reaction ensues (Figure 8.3). The product of this very exothermic reaction 
is sodium chloride, NaCl(s): 


Na(s)+ 3 Clo(g) —> NaCl(s) AH? = —410.9KJ [8.1] 


Sodium chloride is composed of Na* and Cl ions arranged in a three-dimensional array 
(Figure 8.4). 

The formation of Na* from Na and CI from Cl, indicates that an electron has been 
lost by a sodium atom and gained by a chlorine atom—we say there has been an electron 
transfer from the Na atom to the Cl atom. Two of the atomic properties discussed in 
Chapter 7 give us an indication of how readily electron transfer occurs: ionization energy, 
which indicates how easily an electron can be removed from an atom; and electron affin- 
ity, which measures how much an atom wants to gain an electron. Electron transfer to form 
oppositely charged ions occurs when one atom readily gives up an electron (low ionization 
energy) and another atom readily gains an electron (high electron affinity). Thus, NaCl is a 
typical ionic compound because it consists of a metal of low ionization energy and a non- 
metal of high electron affinity. Using Lewis electron-dot symbols (and showing a chlorine 
atom rather than the Cl, molecule), we can represent this reaction as 


Nay+ i;Ci — Nat + [pË [8.2] 


The blue arrow indicates the transfer of an electron from the Na atom to the Cl atom. 
Each ion has an octet of electrons, the Na” octet being the 2s?2p° electrons that lie below 
the single 3s valence electron of the Na atom. We have put a bracket around the chloride 
ion to emphasize that all eight electrons are located on it. 


Do you expect a similar reaction between potassium metal and elemental 
bromine? 


NaCl(s) forms 


Electrons transfer Highly exothermic reaction forming 

from Na(s) to Clo(g), sodium chloride, an ionic compound 

forming Na* and CIT composed of sodium ions, Na*, and 
chloride ions, Cl~ 


A Figure 8.3 Reaction of sodium metal with chlorine gas to form the ionic compound sodium chloride. 


Ionic substances possess several characteristic properties. They are usually brittle sub- 
stances with high melting points. They are usually crystalline. Furthermore, ionic crystals 
often can be cleaved; that is, they break apart along smooth, flat surfaces. These charac- 
teristics result from electrostatic forces that maintain the ions in a rigid, well-defined, 
three-dimensional arrangement such as that shown in Figure 8.4. 


Energetics of Ionic Bond Formation 


The formation of sodium chloride from sodium and chlorine is very exothermic, as indicated 
by the large negative enthalpy of formation value given in Equation 8.1, AH? = —410.9 kJ. 
Appendix C shows that the heat of formation of other ionic substances is also quite negative. 
What factors make the formation of ionic compounds so exothermic? 

In Equation 8.2, we represented the formation of NaCl as the transfer of an electron 
from Na to Cl. Recall from Section 7.4 that the loss of electrons from an atom is always 
an endothermic process. Removing an electron from Na(g) to form Na‘(g) for instance, 
requires 496 kJ/mol. Recall from Section 7.5 that when a nonmetal gains an electron, the 
process is generally exothermic, as seen from the negative electron affinities of the ele- 
ments. Adding an electron to Cl(g), for example, releases 349 kJ/mol. From the magni- 
tudes of these energies, we can see that the transfer of an electron from an Na atom toa 
Cl atom would not be exothermic—the overall process would be an endothermic process 
that requires 496 — 349 = 147kJ/mol. This endothermic process corresponds to the 
formation of sodium and chloride ions that are infinitely far apart—in other words, the 
positive energy change assumes that the ions do not interact with each other, which is 
quite different from the situation in ionic solids. 

The principal reason ionic compounds are stable is the attraction between ions of 
opposite charge. This attraction draws the ions together, releasing energy and causing 
many ions to form a solid array, or lattice, such as that shown in Figure 8.4. A measure of 
how much stabilization results from arranging oppositely charged ions in an ionic solid 
is given by the lattice energy, which is the energy required to completely separate one mole 
of a solid ionic compound into its gaseous ions. 

To envision this process for NaCl, imagine that the structure in Figure 8.4 expands 
from within, so that the distances between the ions increase until the ions are very far 
apart. This process requires 788 kJ/mol, which is the value of the lattice energy: 


NaCl(s) —> Na*(g) + CI (g) — AMhattice = +788 kJ/mol [8.3] 


Notice that this process is highly endothermic. The reverse process—the com- 
ing together of Na*(g) and CI (g) to form NaCl(s)—is therefore highly exothermic 
(AH = -788 kJ/mol). 

Table 8.1 lists the lattice energies for a number of ionic compounds. The large pos- 
itive values indicate that the ions are strongly attracted to one another in ionic solids. 


TABLE 8.1 Lattice Energies for Some Ionic Compounds 


Compound Lattice Energy (kJ/mol) Compound Lattice Energy (kJ/mol) 
LiF 1030 MgCly 2526 
LiCl 834 SrCl, 2127 
Lil 730 

NaF 910 MgO 3795 
NaCl 788 CaO 3414 
NaBr 732 SrO 3217 
Nal 682 

KF 808 ScN 7547 
KCl 701 

KBr 671 

CsCl 657 


CsI 600 
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YW Go Figure 


If no color key were provided, 
how would you know which color 
ball represented Na* and which 
represented CI? 


@-»- @- 


Each Na* ion Each Cl” ion 
surrounded by surrounded by 
six CI” ions six Na* ions 


A Figure 8.4 The crystal structure of 
sodium chloride. 
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a Sample Exercise 8.1 
D Magnitudes of Lattice Energies 


SOLUTION 


determine their relative lattice energies. 


ions are, the lower the energy. 


three. 


Analyze From the formulas for three ionic compounds, we must 


Solve NaF consists of Na* and F ions, CsI of Cs* andI ions, and 
CaO of Ca** and O” ions. Because the product Q;Q> appears in 
the numerator of Equation 8.4, the lattice energy increases dra- 
matically when the charges increase. Thus, we expect the lattice 
energy of CaO, which has 2+ and 2- ions, to be the greatest of the 


The energy released by the attraction between ions of unlike charge more than makes 
up for the endothermic nature of ionization energies, making the formation of ionic 
compounds an exothermic process. The strong attractions also cause most ionic 
materials to be hard and brittle with high melting points—for example, NaCl melts 
at 801°C. 

The magnitude of the lattice energy of an ionic solid depends on the charges of 
the ions, their sizes, and their arrangement in the solid. We saw in Section 5.1 that the 
electrostatic potential energy of two interacting charged particles is given by 


KQ1Q2 


Ea = d 


[8.4] 
In this equation Q, and Q, are the charges on the particles in Coulombs, with 
their signs; d is the distance between their centers in meters; and «x is a constant, 
8.99 x 10° J m/C?. Equation 8.4 indicates that the attractive interaction between 
two oppositely charged ions increases as the magnitudes of their charges increase 
and as the distance between their centers decreases. Thus, for a given arrangement 
of ions, the lattice energy increases as the charges on the ions increase and as their radii 
decrease. The variation in the magnitude of lattice energies depends more on ionic 
charge than on ionic radius because ionic radii vary over only a limited range compared 
to charges. 


Without consulting Table 8.1, arrange the ionic compounds NaF, Csl, and CaO in order of increasing lattice energy. 


larger than Na* and T is larger than F~. Therefore, the distance 
between Na* and F~ ions in NaF is less than the distance between 
the Cs* and I ions in CsI. As a result, the lattice energy of NaF 
should be greater than that of CsI. In order of increasing energy, 


Plan We need to determine the charges and relative sizes of the therefore, we have CsI < NaF < CaO. 
ions in the compounds. We then use Equation 8.4 qualitatively 

to determine the relative energies, knowing that (a) the larger the 
ionic charges, the greater the energy and (b) the farther apart the 


Check Table 8.1 confirms our predicted order is correct. 


> Practice Exercise 
Without looking at Table 8.1, predict which one of the 
following orderings of lattice energy is correct for these 
ionic compounds. 
(a) NaCl > MgO > CsI > ScN (b) SCN > MgO > NaCl > CsI 
(c) NaCl > CsI > ScN > CaO (d) MgO > NaCl > ScN > CsI 
(e) SCN > CsI > NaCl > MgO 


The ionic charges are the same in NaF and CsI. The difference 
in their lattice energies thus depends on the difference in the 
distance between ions in the lattice. Because ionic size increases 
as we go down a group in the periodic table, we know that Cs" is 


Because lattice energy decreases as distance between ions increases, lattice energies 
follow trends that parallel those in ionic radius shown in Figure 7.8. In particular, because 
ionic radius increases as we go down a group of the periodic table, we find that, for a 
given type of ionic compound, lattice energy decreases as we go down a group. Figure 8.5 
illustrates this trend for the alkali chlorides MCI (M = Li, Na, K, Rb, Cs) and the sodium 
halides NaX (X = F, Cl, Br, I). 


V Go Figure Using this figure, find the most likely range of values for the 
lattice energy of KF. 


910 

F ç 788 
E E 732 
ry z 682 
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LiCl NaCl KCI RbCl CsCl NaF NaCl NaBr Nal 

Increasing cation radius Increasing anion radius 


( ed ) A Figure 8.5 Periodic trends in lattice energy as a function of cation or anion radius. 


Electron Configurations of Ions 
of the s- and p-Block Elements 


The energetics of ionic bond formation helps explain why many ions tend to have 
noble-gas electron configurations. For example, sodium readily loses one electron to 
form Na‘, which has the same electron configuration as Ne: 


Na 1572s72p°3s! = [Ne]3s1 
Nat 1s72s72p® = [Ne] 


Even though lattice energy increases with increasing ionic charge, we never find 
ionic compounds that contain Na”* ions. The second electron removed would have 
to come from an inner shell of the sodium atom, and removing electrons from an 
inner shell requires a very large amount of energy. The increase in lattice energy is 
not enough to compensate for the energy needed to remove an inner-shell electron. 
Thus, sodium and the other Group 1 metals are found in ionic substances only as 
1+ ions. 

Similarly, adding electrons to nonmetals is either exothermic or only slightly 
endothermic as long as the electrons are added to the valence shell. Thus, a Cl atom 
easily adds an electron to form Cl, which has the same electron configuration as Ar: 


Cl 15?25?2p°3s23p° = [Ne]3s23p° 
Cl 15?2s?2p°3523p° = [Ne]3s?3p = [Ar] 


To form a Cl?” ion, the second electron would have to be added to the next higher 
shell of the Cl atom, an addition that is energetically very unfavorable. Therefore, 
we never observe Cl?” ions in ionic compounds. We thus expect ionic compounds of 
the representative metals from Groups 1, 2, and 13 to contain 1+, 2+, and 3+ cations, 
respectively, and we usually expect ionic compounds of the representative nonmetals of 
Groups 15, 16, and 17 to contain 3—, 2—, and 1- anions, respectively. 
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A CLOSER LOOK Calculation of Lattice Energies: The Born—Haber Cycle 


Lattice energies cannot be determined directly by experiment. They 
can, however, be calculated by envisioning the formation of an ionic 
compound as occurring in a series of well-defined steps. We can then 
use Hess’s law to combine the steps in a way that gives the lattice en- 
ergy for the compound. By so doing, we construct a Born-Haber 
cycle, a thermochemical cycle named after the German scientists 
Max Born (1882-1970) and Fritz Haber (1868-1934), who intro- 
duced it to analyze the factors contributing to the stability of ionic 
compounds. 

Let’s use NaCl as an example. In Equation 8.3, which defines lattice 
energy, NaCl(s) is the reactant, and the gas-phase ions Na‘ (g) and Cl (g) 
are the products. This equation is our target as we apply Hess’s Law. 

In seeking a set of other equations that can be added up to give our 
target equation, we can use the heat of formation for NaCl: 

Na(s) +3Clo(g) —> NaCl(s) | AHf[NaCl(s)] = —411kJ [8.5] 
Of course, we will have to turn this equation around so that we have 
NaCl(s) as the reactant as we do in the equation for the lattice energy. 
We can use two other equations to arrive at our target, as shown here: 


1. NaCl(s) —> Na(s)+ 5Cl,(g) AH, = —AHf [NaCl(s)] 
= +411kJ 

2. Na(s) —> Na‘(g) + © AH, = ?? 

3. © + 4$C)(g) — CI(g) AH; = ??? 

4. NaCl(s) —> Na‘(g) + Cl (g) AH, = AH, + AH) + AH3 


= AFattice 


Step 2 involves the formation of sodium ion from solid sodium, 
which is just the heat of formation for sodium gas and the first ion- 
ization energy for sodium (Appendix C and Figure 7.10 list numbers 
for these processes): 
Na(s) — Na(g) 


AH = AHf(Na(g)] = 108k) [8.6] 


Na(g) —> Nat(g)+ e~ AH = h(Na) = 496 kJ [8.7] 

The sum of these two processes gives us the required energy for 
Step 2, which is 604 kJ. 

Similarly, for Step 3, we have to create chlorine atoms, and then 
anions, from the Cl, molecule, in two steps. The enthalpy changes 
for these two steps are the sum of the enthalpy of formation of Cl(g) 
and the electron affinity of chlorine, EA(Cl): 


LClL,(g) — Cl(g) AH = AHJ[Cl(g)] = 122K) [8.8] 


e + Cl(g) — CI(g) AH = EA(Cl) = —349kJ [8.9] 


The sum of these two processes gives us the required energy for Step 3, 
which is —227 kJ. 
Finally, when we put it all together, we have: 


1. NaCl(s) —> Na(s) + $Clo(g) AH, = —AHf[NaCl(s)] 


=+411K 
2. Na(s) —> Na‘(g) + e AH, = 604k) 
3. e + 3Cl2(8) — CI (8) AH; = -227 kJ 


4. NaCl(s) —> Na*(g)+ CI (8) AH, = 788 kJ = AHiattice 

This process is described as a “cycle” because it corresponds to 
the scheme in Figure 8.6, which shows how all the quantities we have 
just calculated are related. The sum of all the blue “up” arrow enert- 
gies has to be equal to the sum of all the red “down” arrow energies 
in this cycle. Born and Haber recognized that if we know the value of 
every quantity in the cycle except the lattice energy, we can calculate 
it from this cycle. 

Related Exercises: 8.60-8.62, 8.90 


Na*(g) te” + Cl(g) 


EA(Cl) 
Na*(g) + CI (8) 


T,(Na) 


Na(g) + Cl(g) 


AH" [CI(3)] | Na(g) + 5Cly(g) 


AHPs[Na(g)] | Na(s) + 3Clo(g) 


Energy ————> 


—AH?*;[NaCl(s)] 


—Lattice energy of NaCl 


NaCl(s) 


A Figure 8.6 Born-Haber cycle for formation of NaCl. This Hess’s law 
representation shows the energetic relationships in the formation of the 
ionic solid from its elements. 


Transition Metal Ions 


Because ionization energies increase rapidly for each successive electron removed, the 


lattice energies of ionic compounds are generally large enough to compensate for the loss 
of up to only three electrons from atoms. Thus, we find cations with charges of 1+, 2+, 
or 3+ in ionic compounds. Most transition metals, however, have more than three 
electrons beyond a noble-gas core. Silver, for example, has a [Kr]4d'°5s' electron config- 
uration. Metals of Group 11 (Cu, Ag, Au) often occur as 1+ ions (as in CuBr and AgCl). 
In forming Ag", the 5s electron is lost, leaving a completely filled 4d subshell. As in this 
example, transition metals generally do not form ions that have a noble-gas configuration. 
The octet rule, although useful, is clearly limited in scope. 


> Sample Exercise 8.2 
D Charges on lons 


Predict the ion generally formed by (a) Sr, (b) S, (c) Al. 


SOLUTION 


Analyze We must decide how many electrons are most likely to be 
gained or lost by atoms of Sr, S, and Al. 


Plan In each case, we can use the element’s position in the peri- 
odic table to predict whether the element forms a cation or an an- 
ion. We can then use its electron configuration to determine the 
most likely ion formed. 


Solve 

(a) Strontium is a metal in Group 2 and therefore forms a 
cation. Its electron configuration is [Kr]5s?, and so we 
expect that the two valence electrons will be lost to give 
an Sr7* ion. 


(b) Sulfur is a nonmetal in Group 16 and will thus tend to be 
found as an anion. Its electron configuration ([Ne]3s73p") 


SECTION 8.2 lonic Bonding 377 
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is two electrons short of a noble-gas configuration. Thus, we 
expect that sulfur will form S?~ ions. 


(c) Aluminum is a metal in Group 13. We therefore expect it to 
form Al?* ions. 


Check The ionic charges we predict here are confirmed in Tables 2.4 
and 2.5. 


> Practice Exercise 


Predict the charges on the ions formed when magnesium 
reacts with nitrogen. 


Recall from Section 7.4 that when a positive ion forms from an atom, electrons are 


always lost first from the subshell having the largest value of n. Thus, in forming ions, 
transition metals lose the valence-shell s electrons first, then as many d electrons as required to 
reach the charge of the ion. For instance, in forming Fe?” from Fe, which has the electron 
configuration [Ar]3d°4s”, the two 4s electrons are lost, leading to an [Ar]3d ° configu- 
ration. Removal of an additional electron gives Fe**, whose electron configuration is 
[Ar]3d°. 


Self-Assessment Exercises 


8.5 Which combination of elements gives an ionic compound? 


8.6 Which combination of ions gives the solid with the highest 


(a) Hand Cl lattice energy? 
(b) Ca and Br (a) Alt and O% 
(c) Sand F (b) Ba% and O% 
(c) Kt and O% 
Exercises 


8.7 (a) Using Lewis symbols, make a sketch of the reaction 
between potassium and bromine atoms to give the ionic 
substance KBr. (b) How many electrons are transferred? 
(c) Which atom loses electrons in the reaction? 


8.8 Predict the chemical formula of the ionic compound 
formed between the following pairs of elements: (a) Al 
and Cl, (b) Mg and O, (c) Zn and Cl, (d) Li and O. 


8.9 Write the electron configuration for each of the following 
ions, and determine which ones possess noble-gas con- 
figurations: (a) Be?*, (b) Mn?*, (c) Cd", (d) Fe**, (e) TI’, 
(£) At. 

8.10 (a) Is lattice energy usually endothermic or exothermic? 
(b) Write the chemical equation that represents the pro- 
cess of lattice energy for the case of NaCl. (c) Would you 
expect salts like NaCl, which have singly charged ions, to 


have larger or smaller lattice energies compared to salts like 
CaO which are composed of doubly-charged ions? 


8.11 The substances NaF and CaO are isoelectronic (have the 
same number of valence electrons). (a) What are the charges 
on each of the cations in each compound? (b) What are the 
charges of each of the anions in each compound? (c) With- 
out looking up lattice energies, which compound is pre- 
dicted to have the larger lattice energy? (d) Using the lattice 
energies in Table 8.1, predict the lattice energy of ScN. 


8.12 Consider the ionic compounds KF, NaCl, NaBr, and LiCl. 
(a) Use ionic radii (Figure 7.8) to estimate the cation-anion 
distance for each compound. (b) Based on your answer to 
part (a), arrange these four compounds in order of decreasing 
lattice energy. (c) Check your predictions in part (b) with the 
experimental values of lattice energy from Table 8.1. Are the 
predictions from ionic radii correct? 
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Energy is required to remove two electrons from Ca to form 
Ca**, and energy is required to add two electrons to O to 
form O7~. Yet CaO is stable relative to the free elements. 
Which statement is the best explanation? (a) The lattice 
energy of CaO is large enough to overcome these processes. 


(b) CaO is a covalent compound, and these processes are 
irrelevant. (c) CaO has a higher molar mass than either 
Ca or O. (d) The enthalpy of formation of CaO is small. 
(e) CaO is stable to atmospheric conditions. 
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This 30 m high sculpture called Molecular Man, created by American sculptor Jonathan 
Borofsky, stands in the Spree River at the intersection of three districts in the city of 
Berlin. 

The vast majority of the substances with which we come into daily contact—such as 
water, the air we breathe, the food we eat, and indeed our own composition—are not ionic 
but molecular materials. In this section, we examine the bonding in molecules. By the 
end of this section, you should be able to 


e Use electron configurations and the octet rule to draw Lewis structures for molecules. 


For the very large class of substances that do not behave like ionic substances, we 
need a different model to describe the bonding between atoms. G. N. Lewis reasoned 
that atoms might acquire a noble-gas electron configuration by sharing electrons 
with other atoms. A chemical bond formed by sharing a pair of electrons is a covalent 
bond. 

The hydrogen molecule, H2, provides the simplest example of a covalent bond. 
When two hydrogen atoms are close to each other, the two positively charged 
nuclei repel each other, the two negatively charged electrons repel each other, and 


the nuclei and electrons attract each other, as shown in Figure 8.7(a). Because the 
molecule is stable, we know that the attractive forces must overcome the repul- 
sive ones. Let’s take a closer look at the attractive forces that hold this molecule 
together. 

By using quantum mechanical methods analogous to those used for atoms in 
Section 6.5, we can calculate the distribution of electron density in molecules. Such 
a calculation for H; shows that the attractions between the nuclei and the electrons 
cause electron density to concentrate between the nuclei, as shown in Figure 8.7(b). 
As a result, the overall electrostatic interactions are attractive. Thus, the atoms in 
Hz are held together principally because the two positive nuclei are attracted to the 
concentration of negative charge between them. In essence, the shared pair of elec- 
trons in any covalent bond acts as a kind of “glue” to bind atoms together. 


Lewis Structures 


The formation of covalent bonds can be represented with Lewis symbols. The formation 
of the H; molecule from two H atoms, for example, can be represented as 


H + -H— (GH) 


In forming the covalent bond, each hydrogen atom acquires a second electron, achiev- 
ing the stable, two-electron, noble-gas electron configuration of helium. 
Formation of a covalent bond between two Cl atoms to give a Cl, molecule can be 


represented in a similar way: 
+ Ch: 


By sharing the bonding electron pair, each chlorine atom has eight electrons (an octet) 
in its valence shell, thus achieving the noble-gas electron configuration of argon. 

The structures shown here for H, and Cl, are Lewis structures, or Lewis dot 
structures. While these structures show circles to indicate electron sharing, the more 
common convention is to show each shared electron pair or bonding pair, as a line 
and any unshared electron pairs (also called lone pairs or nonbonding pairs) as dots. 
Written this way, the Lewis structures for Hz and Cl, are 


H—H :Cl—Cl: 


For nonmetals, the number of valence electrons in a neutral atom is the same as 
the group number minus 10. Therefore, one might predict that Group 17 elements, 
such as F, would form one covalent bond to achieve an octet; Group 16 elements, 
such as O, would form two covalent bonds; Group 15 elements, such as N, would 
form three; and Group 14 elements, such as C, would form four. These predictions are 
borne out in many compounds, as in, for example, the compounds with hydrogen of 
the nonmetals of the second row of the periodic table: 
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W Go Figure 


What would happen to the 
concentration of electron density 
between the nuclei in (b) if you pulled 
the nuclei further apart? 


Nuclei and 
electrons attract 
each other. 


Electrons 
repel each 


other. 


Nuclei 
repeleach (a) 
other. 


Concentration of 
electron density 
between the nuclei 
is a covalent bond. 


(b) 


A Figure 8.7 The covalent bond in H3. 
(a) The attractions and repulsions among 
electrons and nuclei in the hydrogen 
molecule. (b) Electron distribution in the 
Hə molecule. 
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WA Sample Exercise 8.3 
PT Lewis Structure of a Compound 


Given the Lewis symbols for nitrogen and fluorine in Figure 8.2, predict the formula of the stable binary compound (a compound 
composed of two elements) formed when nitrogen reacts with fluorine and draw its Lewis structure. 


SOLUTION 


Analyze The Lewis symbols for nitrogen and fluorine reveal that 
nitrogen has five valence electrons and fluorine has seven. 


Plan We need to find a combination of the two elements that results 


Check The Lewis structure in the center shows that each atom is 
surrounded by an octet of electrons. Once you are accustomed to 
thinking of each line in a Lewis structure as representing two elec- 
trons, you can just as easily use the structure on the right to check 
for octets. 


in an octet of electrons around each atom. Nitrogen requires three 
additional electrons to complete its octet, and fluorine requires one. 
Sharing a pair of electrons between one N atom and one F atom will re- 
sult in an octet of electrons for fluorine but not for nitrogen. We there- 


fore need to figure out a way to get two more electrons for the N atom. > Practice Exercise 


Which of these molecules has the same number of shared elec- 
tron pairs as unshared electron pairs? 
(a)HCl (b)H,S (c) PF, (d) CCL, 


Solve Nitrogen must share a pair of electrons with three fluorine 
atoms to complete its octet. Thus, the binary compound these two 
elements form must be NF3: (e) Bro 
N-AS E —> ENE ——> FNE 
iF: | 
:'Ẹ: 


Multiple Bonds 


A shared electron pair constitutes a single covalent bond, generally referred to simply as 
a single bond. In many molecules, atoms attain complete octets by sharing more than 
one pair of electrons. When two electron pairs are shared by two atoms, two lines are 
drawn in the Lewis structure, representing a double bond. In carbon dioxide, for exam- 
ple, bonding occurs between carbon, with four valence electrons, and oxygen, with six: 


QG + Qe —> OHCHQ tor Q=C=Q) 


As the diagram shows, each oxygen atom acquires an octet by sharing two electron pairs 
with carbon. In the case of CO2, carbon acquires an octet by sharing two electron pairs 
with each of the two oxygen atoms; each double bond involves four electrons. 

A triple bond corresponds to the sharing of three pairs of electrons, such as in the 
N; molecule: 


N $ N: —> :N:iN: (or:NÆN) 


Because each nitrogen atom has five valence electrons, three electron pairs must be 
shared to achieve the octet configuration. 

The properties of N, are in complete accord with its Lewis structure. Nitrogen is a 
diatomic gas with exceptionally low reactivity that results from the very stable nitro- 
gen-nitrogen bond. The nitrogen atoms are separated by only 110 pm. The short sep- 
aration distance between the two N atoms is a result of the triple bond between the 
atoms. From studies of the structures of many different substances in which nitro- 
gen atoms share one or two electron pairs, we have learned that the average distance 
between bonded nitrogen atoms varies with the number of shared electron pairs: 


N—N 
147 pm 


N=N 
124 pm 


N=N 
110 pm 
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As a general rule, the length of the bond between two atoms decreases as the number of 
shared electron pairs increases. We will explore this point in greater detail in Section 8.8. 


Self-Assessment Exercise 


H—Ç—Ċ—H 
8.14 The atoms of the molecule acetylene are bonded in the (a) a 
order: HCCH. Which represents the correct Lewis structure (b) H—C—C—H 


of acetylene? 
Yy (c) H—C=C—H 


Exercises 

8.15 Using Lewis symbols and Lewis structures, make a sketch the O—O bond in O, to be shorter or longer than the 
of the formation of NCl; from N and Cl atoms, showing O— O bond in compounds that contain an O—O single 
valence-shell electrons. (a) How many valence electrons does bond? Explain. 
N have initially? (b) How many bonds Cl has to make in or- 8.17 Draw the Lewis structure of the following molecules: H,S, 
der to achieve an octet? (c) How many valence electrons sur- HE NCL, H.CCH,, and H,CCH 

- , yea} 3) 2 2° 

round the N in the NCI; molecule? (d) How many valence 18 D helewi f the followi jécui d 
electrons surround each Cl in the NCI} molecule? (e) How 8.18 Draw the Lewis structure of the following molecules an 


many lone pairs of electrons are in the NCl; molecule? polyatomic ions HCN -CN Heer Es 


8.16 (a) Construct a Lewis structure for O, in which each 8.19 Draw the Lewis structure of the following molecule and 
polyatomic ion: NH, and NH,* 


atom achieves an octet of electrons. (b) How many bond- 
ing electrons are in the structure? (c) Would you expect 
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Building a ‘ball and stick’ model of a molecule has long been a useful way to help visualize 
the size and shape of that molecule. While this can aid bridging the divide between a mi- 
croscopic (molecular) scale and a macroscopic (human) experience, there are limitations. 
Such models usually do not display the dynamic nature of a molecule or the distribution of 
the electron cloud over the surface of the bonded atoms. With the advent of powerful desk- 
top computers coupled with color displays, the area of molecular graphics has been born. 

In this section, we use it to visualize the electron distribution in a few diatomic mol- 
ecules. It can also be employed to portray the bumps and cavities on the surface of an 
enzyme and help pharmaceutical companies predict the likelihood of an interaction 
with a particular substrate. 

By the end of this section, you should be able to 


e Use electronegativity differences to identify nonpolar covalent, polar covalent, and 
ionic bonds. 


When two identical atoms bond, as in Cl, or Hp, the electron pairs must be shared 
equally. When two atoms from opposite sides of the periodic table bond, such as NaCl, 
there is relatively little sharing of electrons, which means that NaCl is best described as 
an ionic compound composed of Na* and Cl ions. The 3s electron of the Na atom is, in 
effect, transferred completely to chlorine. The bonds that are found in most substances 
fall somewhere between these extremes. 

Bond polarity is a measure of how equally or unequally the electrons in any cova- 
lent bond are shared. A nonpolar covalent bond is one in which the electrons are 
shared equally, as in Cl; and N2. Ina polar covalent bond, one of the atoms exerts a 
greater attraction for the bonding electrons than the other. If the difference in relative 
ability to attract electrons is large enough, an ionic bond is formed. 


Electronegativity 


We use a quantity called electronegativity to estimate whether a given bond is nonpolar 
covalent, polar covalent, or ionic. 


Electronegativity is defined as the ability of an atom in a molecule 
to attract electrons to itself. 


The greater an atom’s electronegativity, the greater its ability to attract electrons to 
itself. The electronegativity of an atom in a molecule is related to the atom’s ionization 
energy and electron affinity, which are properties of isolated atoms. An atom with a very 
negative electron affinity and a high ionization energy both attracts electrons from other 
atoms and resists having its electrons attracted away; therefore, it is highly electronegative. 

Electronegativity values can be based on a variety of properties, not just ionization energy 
and electron affinity. The American chemist Linus Pauling (1901-1994) developed the first and 
most widely used electronegativity scale, which is based on thermochemical data. As Figure 8.8 
shows, there is generally an increase in electronegativity from left to right across a period—that 
is, from the most metallic to the most nonmetallic elements. With some exceptions (espe- 
cially in the transition metals), electronegativity decreases with increasing atomic number in a 
group. This is what we expect because we know that ionization energies decrease with increas- 
ing atomic number in a group and electron affinities do not change very much. 

You do not need to memorize electronegativity values. Instead, you should know the 
periodic trends so that you can predict which of two elements is more electronegative. 


Electronegativity and Bond Polarity 


We can use the difference in electronegativity between two atoms to gauge the polarity 
of the bond the atoms form. Consider these three fluorine-containing compounds: 


Fz HF LiF 
Electronegativity difference 40-40=0 4.0 — 2.1 = 1.9 4.0 —- 1.0 = 3.0 


Type of bond Nonpolar covalent Polar covalent Ionic 
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W TNT For the Group 16 elements, what is the trend in electronegativity 
with increasing atomic number? 


3.0-4.0 


LJ 2.0-2.9 Electronegativity 
[J 1.5-1.9 values have no units. 


(§<15 


A Figure 8.8 Electronegativity values based on Pauling’s thermochemical data. 


In F, the electrons are shared equally between the fluorine atoms and, thus, the 
covalent bond is nonpolar. A nonpolar covalent bond results when the electronegativities 
of the bonded atoms are equal. 

In HF the fluorine atom has a greater electronegativity than the hydrogen atom, 
with the result that the electrons are shared unequally—the bond is polar. In general, 
a polar covalent bond results when the atoms differ in electronegativity. In HF the 
more electronegative fluorine atom attracts electron density away from the less elec- 
tronegative hydrogen atom, leaving a partial positive charge on the hydrogen atom 
and a partial negative charge on the fluorine atom. We can represent this charge dis- 
tribution as 


ô+ 6- 
HF 


The ô+ and ô- (read “delta plus” and “delta minus”) symbolize the partial positive and 
negative charges, respectively. In a polar bond, these numbers are less than the full 
charges of the ions. 

In LiF the electronegativity difference is very large, meaning that the electron den- 
sity is shifted far toward F. The resulting bond is therefore most accurately described as 
ionic. Thus, if we considered the bond in LiF to be fully ionic, we could say ô+ for Li is 1+ 
and ô- for Fis 1—. If two atoms differ in electronegativity by more than 2.0, many chem- 
ists would consider their bond to be an ionic bond. 

The shift of electron density toward the more electronegative atom in a bond 
can be seen from the results of calculations of electron-density distributions. For the 
three species in our example, the calculated electron-density distributions are shown 
in Figure 8.9. You can see that in F, the distribution is symmetrical, in HF the electron 
density is clearly shifted toward fluorine, and in LiF the shift is even greater. These exam- 
ples illustrate, therefore, that the greater the difference in electronegativity between two atoms, 
the more polar their bond. 
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> Figure 8.9 Electron-density distribution. 


mputer-generated rendering shows the Low electron density High electron density 


This co 


calculated electron-density distribution on 


the surface of the F2, HF, and LiF molecules. 


> 


(b) 


Sample Exercise 8.4 
Bond Polarity 


SOLUTION 


Analyze We are asked to determine relative bond polarities, given 
nothing but the atoms involved in the bonds. 


Plan Because we are not asked for quantitative answers, we can use 
the periodic table and our knowledge of electronegativity trends 
to answer the question. 


Solve 
(a) The chlorine atom is common to both bonds. Therefore, 


we just need to compare the electronegativities of B and C. 
Because boron is to the left of carbon in the periodic table, 
we predict that boron has the lower electronegativity. 
Chlorine, being on the right side of the table, has high elec- 
tronegativity. The more polar bond will be the one between 
the atoms with the biggest differences in electronegativity. 
Consequently, the B— Cl bond is more polar; the chlorine 
atom carries the partial negative charge because it has a 
higher electronegativity. 


In this example, phosphorus is common to both bonds, and 
so we just need to compare the electronegativities of F and 
Cl. Because fluorine is above chlorine in the periodic table, it 
should be more electronegative and will form the more polar 


\ i 


F, HF LiF 


In each case, which bond is more polar? (a) B— CI or C— CI, (b) P—F or P— CI. Indicate in each case which atom has the 
partial negative charge. 


bond with P. The higher electronegativity of fluorine means 
that it will carry the partial negative charge. 


Check 

(a) Using Figure 8.8: The difference in the electronegativities 
of chlorine and boron is 3.0 — 2.0 = 1.0; the difference 
between the electronegativities of chlorine and carbon is 
3.0 — 2.5 = 0.5. Hence, the B— Cl bond is more polar, as 
we had predicted. 


(b) Using Figure 8.8: The difference in the electronegativities of 
chlorine and phosphorus is 3.0 — 2.1 = 0.9; the difference 
between the electronegativities of fluorine and phosphorus 
is 4.0 — 2.1 = 1.9. Hence, the P—F bond is more polar, as 
we had predicted. 


» Practice Exercise 


Which of the following bonds is the most polar? 
(a) H—F (b) H—I (c) Se—F (d) N—P (e) Ga— Cl 


Dipole Moments 


The difference in electronegativity between H and F leads to a polar covalent bond in the 
HF molecule. As a consequence, there is a concentration of negative charge on the more 
electronegative F atom, leaving the less electronegative H atom at the positive end of the 
molecule. A molecule such as HF, in which the centers of positive and negative charge do 
not coincide, is a polar molecule. Thus, we describe both bonds and entire molecules 


as being polar and nonpolar. 
We can indicate the polarity of the HF molecule in two ways: 


In the notation on the right, the arrow denotes the shift in electron density toward the flu- 
orine atom. The crossed end of the arrow can be thought of as a plus sign designating the 


ô+ (a a: 


H—F or H—E 


positive end of the molecule. 
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Polarity helps determine many properties we observe at the macroscopic level in 
the laboratory and in everyday life. Polar molecules align themselves with respect to 
one another, with the negative end of one molecule and the positive end of another 
attracting each other. Polar molecules are likewise attracted to ions. The negative end 
of a polar molecule is attracted to a positive ion, and the positive end is attracted to 
a negative ion. These interactions account for many properties of liquids, solids, and 
solutions, as you will see in Chapters 11, 12, and 13. Charge separation within mole- 
cules plays an important role in energy conversion processes such as photosynthesis 
and in solar cells. 

How can we quantify the polarity of a molecule? Whenever two electrical charges of 
equal magnitude but opposite sign are separated by a distance, a dipole is established. 
The quantitative measure of the magnitude of a dipole is called its dipole moment, 
denoted with the Greek letter mu, yw. If two equal and opposite charges Q+ and Q- are 
separated by a distance r, as in Figure 8.10, the magnitude of the dipole moment is the 
product of Qandr: 


b= Qr [8.10] 


This expression tells us that the dipole moment increases as the magnitude of 
Q increases and as r increases. The larger the dipole moment, the more polar the bond. 
For a nonpolar molecule, such as Fz, the dipole moment is zero because there is no charge 
separation. 

Dipole moments are experimentally measurable and are usually reported in debyes 
(D), a unit that equals 3.34 x 10 °° coulomb meters (C m). For molecules, we usually mea- 
sure charge in units of the electronic charge e, 1.60 x 1071? C, and distance in meters. 
This means we need to convert units whenever we want to report a dipole moment in 
debyes. Suppose that two charges 1+ and 1- (in units of e) are separated by 100 pm. The 
dipole moment produced is 


1) 1D 


) = 4.79D 
lpm /\3.34 x 10-°° -ní 


u = Qr = (1.60 x 10 €)(100 par) 


Measurement of the dipole moments can provide us with valuable information about 
the charge distributions in molecules, as illustrated in Sample Exercise 8.5. 


\ Sample Exercise 8.5 
D Dipole Moments of Diatomic Molecules 


YW Go Figure 


If the charged particles are moved 
closer together, does u increase, 
decrease, or stay the same? 


Q- Q+ 
"oF 


Dipole moment u = Qr 


A Figure 8.10 Dipole and dipole moment. 
When charges of equal magnitude and 
opposite sign Q+ and Q— are separated by 
a distance r, a dipole is produced. 


The bond length in the HCI molecule is 127 pm. (a) Calculate the dipole moment, in debyes, that results if the charges on 
the H and Cl atoms were 1+ and 1— respectively. (b) The experimentally measured dipole moment of HCI(g) is 1.08 D. What 
magnitude of charge, in units of e, on the H and CI atoms leads to this dipole moment? 


SOLUTION 


Analyze and Plan We are asked in part (a) to calculate the dipole 
moment of HCl that would result if there were a full charge trans- 
ferred from H to Cl. We can use Equation 8.10 to obtain this result. 


Solve 

(a) The charge on each atom is the electronic charge, 
e = 1.60 x 10`! C. The separation is 127 pm. 
The dipole moment is therefore: 


In part (b), we are given the actual dipole moment for the mole- 
cule and will use that value to calculate the actual partial charges 
on the H and Clatoms. 


u = Qr = (1.60 x 10 @)(127pm 


0) 1D 


= 6.08D 
lpm /\3.34 x oem) 


= 2.84 x 107°C 


3.34 x 10°°° C-ní 
(b) We know the value of „u, 1.08 D, and the value of M (1.08 D) — Jð 
r, 127 pm. We want to calculate the value of Q: Q = =) 
r 10” nt 
(127 pm ) 
1pm 


Continued 
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le 


1.60 x 10 7 C 


We can readily convert this charge to units of e: Charge ine = (2.84 x 107 e( 


Thus, the experimental dipole moment indicates 
that the charge separation in the HCI molecule is: 


0.178+ 0.178- 


Because the experimental dipole moment is less 
than that calculated in part (a), the charges on the 
atoms are much less than a full electronic charge. 
We could have anticipated this because the H— Cl 
bond is polar covalent rather than ionic. 


> Practice Exercise 


The dipole moment of chlorine monofluoride, CIF(g), is 0.88 atom is expected to have the partial negative charge? (b) What 
D. The bond length of the molecule is 163 pm. (a) Which is the charge on that atom in units of e? 


Table 8.2 presents the bond lengths and dipole moments of the hydrogen halides. 
Notice that as we proceed from HF to HI, the electronegativity difference decreases and 
the bond length increases. The first effect decreases the amount of charge separated 
and causes the dipole moment to decrease from HF to HI, even though the bond length 
is increasing. Calculations identical to those used in Sample Exercise 8.5 show that the 
charges on the atoms decrease from 0.41+ and 0.41— in HF to 0.057+ and 0.057— in 
HI. We can visualize the varying degree of electronic charge shift in these substances 
from computer-generated renderings based on calculations of electron distribution, as 
shown in Figure 8.11. For these molecules, the change in the electronegativity difference 
has a greater effect on the dipole moment than does the change in bond length. 

Before leaving this section, let’s return to the LiF “molecule” in Figure 8.9. Under stan- 
dard conditions, LiF exists as an ionic solid with an arrangement of atoms analogous to the 
sodium chloride structure shown in Figure 8.4. However, it is possible to generate LiF mole- 
cules by vaporizing the ionic solid at high temperature. The molecules have a dipole moment 


TABLE 8.2 Bond Lengths, Electronegativity Differences, and Dipole 
Moments of the Hydrogen Halides 


Electronegativity 


Compound Bond Length (pm) Difference Dipole Moment (D) 
HF 92 iL) 1.82 
HCl 127 0.9 1.08 
HBr 141 0.7 0.82 
HI 161 0.4 0.44 


W Go Figure As you go from HF to HI, does the H—X bond become more 
or less polar? 


Hcl HBr H 
A Figure 8.11 Charge separation in the hydrogen halides. In HF, the strongly electronegative F pulls 


much of the electron density away from H. In HI, the |, being much less electronegative than F, does 
not attract the shared electrons as strongly, and, consequently, there is far less polarization of the bond. 


HF I 
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of 6.28 D and a bond distance of 153 pm. From these values we can calculate the charge on 
lithium and fluorine to be 0.857+ and 0.857-—, respectively. This bond is extremely polar, 
and the presence of such large charges strongly favors the formation of an extended ionic lat- 
tice in which each lithium ion is surrounded by fluoride ions and vice versa. But even here, 
the experimentally determined charges on the ions are still not 1+ and 1—. This tells us that 
even in ionic compounds, there is still some covalent contribution to the bonding. 


Comparing Ionic and Covalent Bonding 


To understand the interactions responsible for chemical bonding, it is advantageous to treat 
ionic and covalent bonding separately. That is the approach taken in this chapter, as well as 
in most other undergraduate-level chemistry texts. In reality, however, there is a continuum 
between the extremes of ionic and covalent bonding. This lack of a well-defined separation 
between the two types of bonding may seem unsettling or confusing at first. 

The simple models of ionic and covalent bonding presented in this chapter go a long 
way toward understanding and predicting the structures and properties of chemical com- 
pounds. When covalent bonding is dominant, we expect compounds to exist as mole- 
cules,* having all the properties we associate with molecular substances, such as relatively 
low melting and boiling points and nonelectrolyte behavior when dissolved in water. When 
ionic bonding is dominant, we expect the compounds to be brittle, high-melting solids with 
extended lattice structures, exhibiting strong electrolyte behavior when dissolved in water. 

Naturally, there are exceptions to these general characterizations, some of which 
we examine later in the book. Nonetheless, the ability to quickly categorize the pre- 
dominant bonding interactions in a substance as covalent or ionic imparts considerable 
insight into the properties of that substance. The question then becomes the best way to 
recognize which type of bonding dominates. 

The simplest approach is to assume that the interaction between a metal and a non- 
metal is ionic and that between two nonmetals is covalent. While this classification 
scheme is reasonably predictive, there are far too many exceptions to use it blindly. For 
example, tin is a metal and chlorine is a nonmetal, but SnCl, is a molecular substance that 
exists as a colorless liquid at room temperature. It freezes at —33 °C and boils at 114 °C. 
The characteristics of SnCl, are not those typical of an ionic substance. Is there a more 
predictable way of determining what type of bonding is prevalent in a compound? A 
more sophisticated approach is to use the difference in electronegativity as the main 
criterion for determining whether ionic or covalent bonding will be dominant. This 
approach correctly predicts the bonding in SnCl, to be polar covalent based on an elec- 
tronegativity difference of 1.2 and at the same time correctly predicts the bonding in 
NaCl to be predominantly ionic based on an electronegativity difference of 2.1. 

Evaluating bonding based on electronegativity difference is a useful system, but it 
has one shortcoming. The electronegativity values given in Figure 8.8 do not take into 
account changes in bonding that accompany changes in the oxidation state of the 
metal. For example, Figure 8.8 gives the electronegativity difference between manganese 
and oxygen as 3.5 — 1.5 = 2.0, which falls in the range where the bonding is normally 
considered ionic (the electronegativity difference for NaCl is 3.0 — 0.9 = 2.1). Therefore, 
it is not surprising to learn that manganese(II) oxide, MnO, is a green solid that melts at 
1842 °C and has the same crystal structure as NaCl. 

However, the bonding between manganese and oxygen is not always ionic. Manga- 
nese(VII) oxide, Mn20;, is a green liquid that freezes at 5.9 °C, an indication that covalent 
rather than ionic bonding dominates. The change in the oxidation state of manganese is 
responsible for the change in bonding. In general, as the oxidation state of a metal increases, 
so does the degree of covalent bonding. When the oxidation state of the metal is highly pos- 
itive (roughly speaking, +4 or larger), we can expect significant covalency in the bonds it 
forms with nonmetals. Thus, metals in high oxidation states form molecular substances, such 
as MnzOy, or polyatomic ions, such as MnO, and CrO,?_, rather than ionic compounds. 


* There are some exceptions to this statement, such as network solids, including diamond, 
silicon, and germanium, where an extended structure is formed even though the bonding is 
clearly covalent. These substances are discussed in Section 12.4. 
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Self-Assessment Exercise 


8.20 Which of the following substances is expected to contain (a) N, 
polar covalent bonds? (b) NH, 
(c) K,N 
Exercises 


8.21 


8.22 


8.23 


Which of the following statements about electronegativity is 
false? (a) Electronegativity is the ability of an atom in a mole- 
cule to attract electron density toward itself. (b) Electronega- 
tivity is the same thing as electron affinity. (c) The numerical 
values for electronegativity have no units. (d) Fluorine is the 
most electronegative element. (e) Cesium is the least electro- 
negative element. 

Using only the periodic table as your guide, select the most 
electronegative atom in each of the following sets: (a) Se, 
Te, Br, I; (b) Be, Mg, C, Si; (c) Al, Si, P, S; (d) O, P, Ge, In. 
Which of the following bonds are polar? (a) C—O, 
(b) SI—F, (c) N— CIl, (d) C—Cl. Which is the more elec- 
tronegative atom in each polar bond? 


8.24 


8.25 


8.5 | Drawing Lewis Structures 


(a) From the data in Table 8.2, calculate the effective charges 
on the H and Br atoms of the HBr molecule in units of the 
electronic charge, e. (b) If you were to put HBr under very 
high pressure, so its bond length decreased significantly, 
would its dipole moment increase, decrease, or stay the 
same, if you assume that the effective charges on the atoms 
do not change? 


In the following pairs of binary compounds, determine 
which one is a molecular substance and which one is an 


ionic substance. Use the appropriate naming convention 
(for ionic or molecular substances) to assign a name to each 
compound: (a) SiF, and LaFs, (b) FeCl, and ReClg, (c) PbCly 
and RbCl. 
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The nexus between the microscopic (how the atoms are arranged), the macroscopic (the mea- 
surable properties of a substance), and the symbolic (how we portray the structure of a sub- 
stance) is often an incomplete one. We have developed models to aid our understanding, which 
they have done, but we must bear in mind that they all have their limitations. One of the most 
successful models describes covalent bonding. It allows us to predict stable bonding arrange- 
ments of atoms and gives us an insight into the sort of reactions a compound may undergo. 

By the end of this section, you should be able to 


e Calculate formal charges from Lewis structures and use those formal charges to iden- 
tify the dominant Lewis structure for a molecule or ion. 
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Lewis structures can help us understand the bonding in many compounds and are 
frequently used when discussing the properties of molecules. For this reason, drawing 


Lewis structures is an important skill that you should practice. 


- 
How to Draw Lewis Structures 


1. Sum the valence electrons from all atoms, taking into account overall 


charge. Use the periodic table to help you determine the number of valence elec- 
trons in each atom. For an anion, add one electron to the total for each negative 
charge. For a cation, subtract one electron from the total for each positive charge. 
Do not worry about keeping track of which electrons come from which atoms. 
Only the total number is important. 


. Write the symbols for the atoms, show which atoms are attached to 
which, and connect them with a single bond (a line, representing two 
electrons). Chemical formulas are often written in the order in which the atoms are 
connected in the molecule or ion. The formula HCN, for example, tells you that the 
carbon atom is bonded to the H and to the N. In many polyatomic molecules and 
ions, the central atom is usually written first, as in CO,*~ and SE,. Remember that the 
central atom is generally less electronegative than the atoms surrounding it. In other 
cases, you may need more information before you can draw the Lewis structure. 


. Complete the octets around all the atoms bonded to the central atom. 
Keep in mind that a hydrogen atom has only a single pair of electrons around it. 


. Place any remaining electrons on the central atom, even if doing so results 
in more than an octet of electrons around the atom. 


. If there are not enough electrons to give the central atom an octet, try 
multiple bonds. Use one or more of the unshared pairs of electrons on the atoms 
bonded to the central atom to form double or triple bonds. 


The following examples of this procedure will help you put it into practice. 


> Sample Exercise 8.6 


lt Drawing a Lewis Structure 


Draw the Lewis structure for phosphorus trichloride, PCl3. 


SOLUTION 


Analyze and Plan We are asked to draw a Lewis structure from a 
molecular formula. Our plan is to follow the five-step procedure 
just described. 


Solve First, we sum the valence electrons. Phosphorus (Group 15) 
has five valence electrons, and each chlorine (Group 17) has 
seven. The total number of valence electrons is therefore 


5 + (3X7) = 26 


Second, we arrange the atoms to show which atom is connected 
to which, and we draw a single bond between them. There are 
various ways the atoms might be arranged. It helps to know, 
though, that in binary compounds the first element in the 
chemical formula is generally surrounded by the remaining 
atoms. So we proceed to draw a skeleton structure in which a 
single bond connects the P atom to each Cl atom: 


a =Q] 
Cl 


(It is not crucial that the Cl atoms be to the left of, right of, and 
below the P atom—any structure that shows each of the three 
Cl atoms bonded to P will work.) 


Third, we add Lewis electron dots to complete the octets on the atoms 
bonded to the central atom. Completing the octets around each 
Cl atom accounts for 24 electrons (remember, each line in our 
structure represents two electrons): 


Cpt 
Cl: 
Fourth, recalling that our total number of electrons is 26, we place 


the remaining two electrons on the central atom, P, which com- 
pletes its octet: 


BG 
:Cl: 
This structure gives each atom an octet, so we stop at this point. 


(In checking for octets, remember to count a single bond as two 
electrons.) 


> Practice Exercise 
(a) How many valence electrons should appear in the Lewis 
structure for CH2Cl,? 
(b) Draw the Lewis structure. 
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\am Sample Exercise 8.7 
VM Lewis Structure with a Multiple Bond 


Draw the Lewis structure for HCN. 


SOLUTION We therefore try a double bond between C and N, using one of the 
unshared pairs we placed on N. Again we end up with fewer than 
eight electrons on C, and so we next try a triple bond. This struc- 
ture gives an octet around both C and N: 


H—c-“N: — H—C=N: 


Hydrogen has one valence electron, carbon (Group 14) has four, 
and nitrogen (Group 15) has five. The total number of valence 
electrons is, therefore, 1 + 4 + 5 = 10. In principle, there are 
different ways in which we might choose to arrange the atoms. 


Because hydrogen can accommodate only one electron pair, it A5 

always has only one single bond associated with it. Therefore, 

C—H— Nisan impossible arrangement. The remaining two The octet rule is satisfied for the C and N atoms, and the H atom 
possibilities are H—C—N and H—N— cC. The first is the has two electrons around it. This is a correct Lewis structure. 


arrangement found experimentally. You might have guessed this 
because the formula is written with the atoms in this order, and 
carbon is less electronegative than nitrogen. Thus, we 

begin with the skeleton structure 


> Practice Exercise 
Draw the Lewis structure(s) for the molecule with the chemical 
formula C,H3N, where the N is connected to only one other 
H—C—N atom. How many double bonds are there in the correct Lewis 
structure? 
(a) zero (b) one (c) two (d) three (e) four 


The two bonds account for four electrons. The H atom can have 
only two electrons associated with it, and so we will not add 
any more electrons to it. If we place the remaining six electrons 
around N to give it an octet, we do not achieve an octet on C: 


H—C—N: 


= Sample Exercise 8.8 


PF Lewis Structure for a Polyatomic lon 


Draw the Lewis structure for the BrO3 ion. 


SOLUTION Notice that the Lewis structure for an ion is written in brack- 
Bromine (Group 17) has seven valence electrons, and oxygen By E Penal rot shoe Outside tie bracketsattHE Upper 
(Group 16) has six. We must add one more electron to our sum to 80t 
account for the 1— charge of the ion. The total number of valence 
electrons is, therefore, 7 + (3 X 6) + 1 = 26. For oxyanions— 
SO,?2-, NO37, CO3? , and so forth—the oxygen atoms surround > Practice Exercise 
the central nonmetal atom. After arranging the O atoms around How many nonbonding electron pairs are there in the Lewis 
the Br atom, drawing single bonds, and distributing the unshared structure of the peroxide ion, O, ? 
electron pairs, we have (a) 7 (b) 6 (c) 5 (d) 4 (e) 3 

oO 

:O: 


Formal Charge and Alternative Lewis Structures 


When we draw a Lewis structure, we are describing how the electrons are distributed 
in a molecule or polyatomic ion. In some instances, we can draw two or more valid 
Lewis structures for a molecule that all obey the octet rule. All of these structures can be 
thought of as contributing to the actual arrangement of the electrons in the molecule, but 
not all of them will contribute to the same extent. How do we decide which one of sev- 
eral Lewis structures is the most important? One approach is to do some “bookkeeping” of 
the valence electrons to determine the formal charge of each atom in each Lewis structure. 
The formal charge of any atom in a molecule is the charge the atom would have if each 
bonding electron pair in the molecule were shared equally between its two atoms. 
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f How to Calculate the Formal Charges of Atoms in Lewis Structures 


1. All unshared (nonbonding) electrons are assigned to the atom on which they are 
found. 

2. For any bond—single, double, or triple—half of the bonding electrons are assigned 
to each atom in the bond. 


3. The formal charge of each atom is calculated by subtracting the number of electrons 
assigned to the atom from the number of valence electrons in the neutral atom: 


Formal charge = valence electrons — $ (bonding electrons) — nonbonding electrons 


Let’s practice by calculating the formal charges for the atoms in the cyanide ion, 
CN, which has the Lewis structure 


ECŒÆN:] 


The neutral C atom has four valence electrons. There are six electrons in the cyanide 
triple bond and two nonbonding electrons on C. We calculate the formal charge on C as 
4- 3(6) — 2 = —1. For N, the valence electron count is five; there are six electrons in the 
cyanide triple bond, and two nonbonding electrons on the N. The formal charge on N is 
5 - 3(6) — 2 = 0. We can draw the whole ion with its formal charges as 
=| p 
ECŒN:] 


Notice that the sum of the formal charges equals the overall charge on the ion, 1-. 
The formal charges on a neutral molecule must add to zero, whereas those on an ion add 
to give the charge on the ion. 

If we can draw several Lewis structures for a molecule, the concept of formal charge 
can help us decide which is the most important, which we shall call the dominant Lewis 
structure. One Lewis structure for CO,, for instance, has two double bonds. However, we 
can also satisfy the octet rule by drawing a Lewis structure having one single bond and 
one triple bond. Calculating formal charges in these structures, we have 


ö+ctö] [of cto 
Valence electrons: 6 4 6 6 4 6 
-(Electrons assigned to atom): 6 4 6 7 4 5 
Formal charge: 0 0 0 -1 0 +1 


Note that in both cases the formal charges add up to zero, as they must because CO, is a neu- 
tral molecule. So, which is the dominant structure? As a general rule, when more than one 
Lewis structure is possible, we will use the following guidelines to choose the dominant one: 


How to Identify the Dominant Lewis Structure 


1. The dominant Lewis structure is generally the one in which the atoms bear formal 
charges closest to zero. 


2. A Lewis structure in which any negative charges reside on the more electronegative 
atoms is generally more dominant than one that has negative charges on the less 
electronegative atoms. 


Thus, the first Lewis structure of CO; is the dominant one because the atoms carry no 
formal charges and so satisfy the first guideline. The other Lewis structure shown (and 
the similar one that has a triple bond to the left O and a single bond to the right O) con- 
tribute to the actual structure to a much smaller extent. 

Although the concept of formal charge helps us to arrange alternative Lewis struc- 
tures in order of importance, it is important to remember that formal charges do not rep- 
resent real charges on atoms. These charges are just a bookkeeping convention. The actual 
charge distributions in molecules and ions are determined not by formal charges but by a 
number of other factors, including electronegativity differences between atoms. 
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= Sample Exercise 8.9 


PT Lewis Structures and Formal Charges 


[E-N—C=s:) 


(a) Determine the formal charges in each structure. 


SOLUTION 


(a) Neutral N, C, and S atoms have five, four, and six valence electrons, 
respectively. We can determine the formal charges in the three 
structures by using the rules we just discussed: 

a?) a | 


[EN—C=s:) 


=] 0 Q 0 Q =l 
[Ñ=c=5] [N=C—5:] 
As they must, the formal charges in all three structures 

sum to 1—, the overall charge of the ion. 


(b) The dominant Lewis structure generally produces for- 
mal charges of the smallest magnitude (guideline 1). 


A CLOSER LOOK WAELE Numbers, Formal Charges, and Actual Partial Charges 


In Chapter 4, we introduced the rules for assigning oxidation num- 
bers to atoms. The concept of electronegativity is the basis of these 
numbers. An atom’s oxidation number is the charge the atom would 
have if its bonds were completely ionic. That is, in determining oxi- 
dation number, all shared electrons are counted with the more elec- 
tronegative atom. For example, consider the Lewis structure of HCl 
in Figure 8.12(a). To assign oxidation numbers, both electrons in the 
covalent bond between the atoms are assigned to the more electro- 
negative Cl atom. This procedure gives Cl eight valence electrons, one 
more than in the neutral atom. Thus, its oxidation number is —1. 
Hydrogen has no valence electrons when they are counted this way, 
giving it an oxidation number of +1. 

In assigning formal charges to the atoms in HCl [Figure 8.12(b)], 
we ignore electronegativity; the electrons in bonds are assigned 
equally to the two bonded atoms. In this case Cl has seven assigned 
electrons, the same as that of the neutral Cl atom, and H has one as- 
signed electron. Thus, the formal charges of both Cl and H in this 
compound are 0. 

Neither oxidation number nor formal charge gives an accurate 
depiction of the actual charges on atoms because oxidation numbers 
overstate the role of electronegativity and formal charges ignore it. 
It seems reasonable that electrons in covalent bonds should be ap- 
portioned according to the relative electronegativities of the bonded 
atoms. Figure 8.8 (page 383) shows that Cl has an electronegativity 


[IN=c=s]- 


Three possible Lewis structures for the thiocyanate ion, NCS’, are 


[-N=c—Ss: 


(b) Based on the formal charges, which Lewis structure is the dominant one? 


That eliminates the left structure as the dominant one. 
Further, as discussed in Section 8.4, N is more electronega- 
tive than C or S. Therefore, we expect any negative formal 
charge to reside on the N atom (guideline 2). For these two 
reasons, the middle Lewis structure is the dominant one 
for NCS. 


> Practice Exercise 
The sulfate ion, SO4%, can be drawn in many ways. If you min- 
imize formal charge on the sulfur, how many S=O 
double bonds should you draw in the Lewis structure? 
(a) 0 (b) 1 (c) 2 (d) 3 (e) 4 


of 3.0, while the electronegativity value of H is 2.1. The more elec- 
tronegative Cl atom might therefore be expected to have roughly 
3.0/(3.0 + 2.1) = 0.59 of the electrical charge in the bonding pair, 
whereas the H atom would have 2.1/(3.0 + 2.1) = 0.41 of the 
charge. Because the bond consists of two electrons, the Cl atom’s 
share is 0.59 x 2e = 1.18e, or 0.18e more than the neutral Cl atom. 
This gives rise to a partial negative charge of 0.18— on Cl and there- 
fore a partial positive charge of 0.18+ on H. (Notice again that we 
place the plus and minus signs before the magnitude in writing oxida- 
tion numbers and formal charges but after the magnitude in writing 
actual charges.) 

The dipole moment of HCl gives an experimental measure of the 
partial charge on each atom. In Sample Exercise 8.5 we saw that the 
dipole moment of HCl corresponds to a partial charge of 0.178+ on 
H and 0.178- on Cl, in remarkably good agreement with our simple 
approximation based on electronegativities. Although our approxima- 
tion method provides ballpark numbers for the magnitude of charge on 
atoms, the relationship between electronegativities and charge separa- 
tion is generally more complicated. As we have already seen, computer 
programs employing quantum-mechanical principles have been devel- 
oped to obtain more accurate estimates of the partial charges on atoms, 
even in complex molecules. A computer-graphical representation of the 
calculated charge distribution in HCl is shown in Figure 8.12(c). 

Related Exercises: 8.28, 8.29, 8.37, 8.50, 8.71, 8.72, 8.78, 
8.97, 8.98 
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(a) (b) (c) 


A Figure 8.12 (a) Oxidation number, (b) formal charge, and (c) electron-density distribution 
for the HCI molecule. 


Self-Assessment Exercise 


8.26 Dinitrogen oxide has the formula N,O. Which of the three 
valid Lewis structures is the dominant structure? 


(a) N=N=O 
(b) N=N—O: 
(c) :N—N=0O 
Exercises 

8.27 Draw Lewis structures for the following: (a) CH2Cl, electronegativities of the atoms in a molecule. (d) Formal 
(b) CICN, (c) AsFs, (d) CHO (C the central atom), (e) OF), charge is most useful for ionic compounds. (e) Formal charge is 
(£) NO;. used in calculating the dipole moment of a diatomic molecule. 

8.28 Which one of these statements about formal charge is true? 8.29 Write Lewis structures that obey the octet rule for each of the 
(a) Formal charge is the same as oxidation number. (b) To following, andassign oxidation numbers and formal charges 
draw the best Lewis structure, you should minimize formal to each atom: (a) OCS, (b) SOCI, (S is the central atom), 
charge. (c) Formal charge takes into account the different (c) BrO; , (d) HC1O2 (H is bonded to O). 
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YW Go Figure 


What feature of this structure suggests 
that the two outer O atoms are in some 
way equivalent to each other? 


A Figure 8.13 Molecular structure of ozone. 


W Go Figure 


Is the electron density consistent 
with equal contributions from the two 
resonance structures for O3? Explain. 


Primary color Primary color 


(a) 


Resonance Resonance 
structure structure 


Notice that the electron 
density is distributed 

symmetrically across the 
molecule. 


| a 


Ozone molecule 


(b) 


A Figure 8.14 Resonance. Describing a 
molecule as a blend of different resonance 
structures is similar to describing a paint color 
as a blend of primary colors. (a) Green paint is 
a blend of blue and yellow. We cannot describe 
green as a single primary color. (b) The ozone 
molecule is a blend of two resonance 
structures. We cannot describe the ozone 
molecule in terms of a single Lewis structure. 


:0=0—0: :0O—O=0: 


One skill an artist develops is to mix a limited range of pigments to create a myr- 
iad of colors. In this section, we mix valid Lewis structures in order to create a 
blend that better describes the actual structure of a molecule orion. By the end 
of this section, you should be able to 


e Recognize molecules where resonance structures are needed to describe the 
bonding and draw the dominant resonance structures. 


We sometimes encounter molecules and ions in which the experimentally 
determined arrangement of atoms is not adequately described by a single dominant 
Lewis structure. Consider ozone, O3, which is a bent molecule with two equal O— O 
bond lengths (Figure 8.13). Because each oxygen atom contributes 6 valence elec- 
trons, the ozone molecule has 18 valence electrons. This means the Lewis struc- 
ture must have one O— O single bond and one O=O double bond to attain an 
octet about each atom: 


However, this single structure cannot by itself be dominant because it requires that 
one O— O bond be different from the other, contrary to the observed structure—we 
would expect the O=O double bond to be shorter than the O— O single bond. In 
drawing the Lewis structure, however, we could just as easily have put the O=O 
bond on the left: 


6-5-6: 


There is no reason for one of these Lewis structures to be dominant because they 
are equally valid representations of the molecule. The placement of the atoms in 
these two alternative but completely equivalent Lewis structures is the same, but 
the placement of the electrons is different; we call Lewis structures of this sort 
resonance structures. To describe the structure of ozone properly, we write both 
resonance structures and use a double-headed arrow to indicate that the real mole- 
cule is described by an average of the two: 


ğ=ö—ğ: — G-6-6 


To understand why certain molecules require more than one resonance 
structure, we can draw an analogy to mixing paint (Figure 8.14). Blue and 
yellow are both primary colors of paint pigment. An equal blend of blue and 
yellow pigments produces green pigment. We cannot describe green paint 
in terms of a single primary color, yet it still has its own identity. Green paint 
does not oscillate between its two primary colors: It is not blue part of the time 
and yellow the rest of the time. Similarly, molecules such as ozone cannot be 
described as oscillating between the two individual Lewis structures shown 
previously—there are two equivalent dominant Lewis structures that contribute 
equally to the actual structure of the molecule. 

The actual arrangement of the electrons in molecules such as O3 must be con- 
sidered as a blend of two (or more) Lewis structures. By analogy to the green paint, 
the molecule has its own identity separate from the individual resonance structures. 
For example, the ozone molecule always has two equivalent O— O bonds whose 
lengths are intermediate between the lengths of an oxygen-oxygen single bond 
and an oxygen-oxygen double bond. Another way of looking at it is to say that the 
rules for drawing Lewis structures do not allow us to have a single dominant struc- 
ture for the ozone molecule. For example, there are no rules for drawing half-bonds. 
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We can get around this limitation by drawing two equivalent Lewis structures that, when 
averaged, amount to something very much like what is observed experimentally. 

As an additional example of resonance structures, consider the nitrate ion, NO3 , for 
which three equivalent Lewis structures can be drawn: 


ii 7 T 7 T 7 
NS. NS. -N 
Oo i: o oO oO p 


Notice that the arrangement of atoms is the same in each structure—only the placement 
of electrons differs. In writing resonance structures, the same atoms must be bonded to 
each other in all structures, so that the only differences are in the arrangements of elec- 
trons. All three NO3 Lewis structures are equally dominant and taken together adequately 
describe the ion, in which all three N— O bond lengths are the same. 

For some molecules or ions, all possible Lewis structures may not be equivalent; in 
other words, one or more resonance structures are more dominant than others. We will 
encounter examples of this as we proceed. 


Resonance in Benzene 


Resonance is an important concept in describing the bonding in organic molecules, par- 
ticularly aromatic organic molecules, a category that includes the hydrocarbon benzene, 
C6H6. The six C atoms are bonded in a hexagonal ring, and one H atom is bonded to 
each C atom. We can write two equivalent dominant Lewis structures for benzene, each 
of which satisfies the octet rule. These two structures are in resonance: 


H H H H 
\o \ 
C=C C= 
\ fy X 
H—C C—H <> H—C C—H 
\o \o 
C=C C=C 
— f \ 
H H H H 


Note that the double bonds are in different places in the two structures. Each of these 
resonance structures shows three carbon-carbon single bonds and three carbon-carbon 
double bonds. However, experimental data show that all six C—C bonds are of equal 
length, 140 pm, intermediate between the typical bond lengths for a C—C single bond 
(154 pm) and a C=C double bond (134 pm). Each of the C— C bonds in benzene can be 
thought of as a blend of a single bond and a double bond. 

The bonding arrangement in benzene confers special stability to the molecule. As a 
result, millions of organic compounds contain the six-membered ring characteristic of 
benzene. Many of these compounds are important in biochemistry, in pharmaceuticals, 
and in the production of modern materials. 


a Sample Exercise 8.10 


la Resonance Structures 


Which is predicted to have the shorter sulfur-oxygen bonds, SO3 or SO7~? 


SOLUTION Our analysis of the Lewis structures thus far leads us to conclude 
that SO; should have the shorter S— O bonds and SO,~ the lon- 
ger ones. This conclusion is correct: The experimentally measured 
S—O bond lengths are 142 pm in SO; and 151 pm in SO;?~. 


The sulfur atom has six valence electrons, as does oxygen. Thus, 
SO3 contains 24 valence electrons. In writing the Lewis structure, 
we see that three equivalent resonance structures can be drawn: 


Continued 
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As with NO; the actual structure of SO; is an equal blend of all 
three. Thus, each S— O bond length should be about one-third 
of the way between the length of a single bond and the length of 
a double bond. That is, S— O should be shorter than single bonds 
but not as short as double bonds. 

The SO37~ ion has 26 electrons, which leads to a dominant 
Lewis structure in which all the S— O bonds are single: 


> Practice Exercise 

Which of these statements about resonance is true? 

(a) When you draw resonance structures, it is permissible 
to alter the way atoms are connected. 

(b) The nitrate ion has one long N—O bond and two short 
N—O bonds. 

(c) “Resonance” refers to the idea that molecules are 
resonating rapidly between different bonding patterns. 

(d) The cyanide ion has only one dominant resonance 
structure. 

(e) All of these are true. 


Self-Assessment Exercise 


8.30 Which of the following pairs are resonance structures? 


(a) and 
Ca- C 
a o u ONG 
H 
T a 
(b) and 
C H C 
H^ ba u^“ So 
= ‘a = 
O: :0O: 
| | 
(c) and 
CAC nee 
HT NG 07 NG 


Exercises 


8.31 (a) Draw the best Lewis structure(s) for the nitrite ion, NOz. 
(b) With what allotrope of oxygen is it isoelectronic? 
(c) What would you predict for the lengths of the 
bonds in NO, relative to N—O single bonds and 
double bonds? 


8.32 Based on Lewis structures, predict the ordering, from short- 
est to longest, of N—O bond lengths in NO*, NO7, and 
NO3. 
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8.7 | Exceptions to the Octet Rule 


ae. 


We mentioned at the start of section 8.5 that Lewis structures provide a simple and 

effective model for describing covalent bonding in molecules and ions. As with all models, 

there are limitations to this one and this results in exceptions to the ‘rule’. It is important to 

understand the occurrence of these exceptions but also to bear in mind that they represent 

fairly few compounds among the millions that are described adequately by a Lewis structure. 
By the end of this section, you should be able to 


e Recognize exceptions to the octet rule and draw accurate Lewis structures even when 
the octet rule is not obeyed. 


The octet rule is so simple and useful in introducing the basic concepts of bonding 
that you might assume it is always obeyed. In Section 8.2, however, we noted its lim- 
itation in dealing with ionic compounds of the transition metals. The rule also fails in 
many situations involving covalent bonding. These exceptions to the octet rule are of 
three main types: 


1. Molecules and polyatomic ions containing an odd number of electrons 


2. Molecules and polyatomic ions in which an atom has fewer than an octet of valence 
electrons 


3. Molecules and polyatomic ions in which an atom has more than an octet of valence 
electrons 


Odd Number of Electrons 


In the vast majority of molecules and polyatomic ions, the total number of valence elec- 
trons is even, and complete pairing of electrons occurs. However, in a few molecules and 
polyatomic ions, such as C103, NO, NO2, and O7, the number of valence electrons is 
odd. Complete pairing of these electrons is impossible, and an octet around each atom 
cannot be achieved. For example, NO contains 5 + 6 = 11 valence electrons. The two 
most important Lewis structures for this molecule are 


N=G and NO 


Less Than an Octet of Valence Electrons 


A second type of exception occurs when there are fewer than eight valence electrons around 
an atom in a molecule or polyatomic ion. This situation is also relatively rare (with the excep- 
tion of hydrogen and helium as we have already discussed), and is most often encountered in 
compounds of boron and beryllium. As an example, let’s consider boron trifluoride, BF3. If 
we follow the first steps of our procedure for drawing Lewis structures, we obtain the structure 
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which has only six electrons around the boron atom. The formal charge is zero on both 
B and F, and we could complete the octet around boron by forming a double bond (recall 
that if there are not enough electrons to give the central atom an octet, a multiple bond 
may be the answer). In so doing, we see that there are three equivalent resonance struc- 
tures (the formal charges are shown in red): 


itl 
F 

I 
B 


' F2 
<— la 
+1 Z?N 
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Each of these structures forces a fluorine atom to share additional electrons with the 
boron atom, which is inconsistent with the high electronegativity of fluorine. In fact, the 
formal charges tell us that this is an unfavorable situation. In each structure, the F atom 
involved in the B=F double bond has a formal charge of +1, while the less electronega- 
tive B atom has a formal charge of —1. Thus, the resonance structures containing a B=F 
double bond are less important than the one in which there are fewer than an octet of 
valence electrons around boron: 


iF: E :F: :F: 
eo oe oe A 
BOONE GET ONE EW NE ET OSE 
Dominant Less important 


We usually represent BF; solely by the dominant resonance structure, in which there are 
only six valence electrons around boron. The chemical behavior of BF; is consistent with this 
representation. In particular, BF; reacts energetically with molecules having an unshared 
pair of electrons that can be used to form a bond with boron, as, for example, in the reaction 


i | t | 
ee a > H—N—B—F 
H F H F 


In the stable compound NH;BF;, boron has an octet of valence electrons. 


More Than an Octet of Valence Electrons 


The third and largest class of exceptions consists of molecules or polyatomic ions in 
which there are more than eight electrons in the valence shell of an atom. When we draw 
the Lewis structure for PF;, for example, we are forced to place ten electrons around the 
central phosphorus atom: 


Ne © 
ʻE: (5) 


Molecules and ions with more than an octet of electrons around the central atom 
are often called hypervalent. Other examples of hypervalent species are SF4, AsFs , and 
ICl; . The corresponding molecules with a second-period atom as the central atom, such 
as NCl; and OF,, do not exist. 


SECTION 8.7 Exceptions to the Octet Rule 


Hypervalent molecules are formed only for central atoms from Period 3 and below in the 
periodic table. The principal reason for their formation is the relatively larger size of the central 
atom. For example, a P atom is large enough that five F (or even five Cl) atoms can be bonded to 
it without being too crowded. By contrast, an N atom is too small to accommodate five atoms 
bonded to it. Because size is a factor, hypervalent molecules occur most often when the central 
atom is bonded to the smallest and most electronegative atoms—E Cl, and O. 

The notion that a valence shell can contain more than eight electrons is also consistent 
with the presence of unfilled nd orbitals in atoms from Period 3 and below. By comparison, 
in elements of the second period, only the 2s and 2p valence orbitals are available for 
bonding. However, theoretical work on the bonding in molecules such as PF; and SF, 
suggests that the presence of unfilled 3d orbitals in P and S has a relatively minor impact 
on the formation of hypervalent molecules. Most chemists now believe that the larger 
size of the atoms from Periods 3 through 6 is more important to explain hypervalency 
than is the presence of unfilled d orbitals. 


j> Sample Exercise 8.11 


D Lewis Structure for an lon with More Than an Octet of Electrons 


Draw the Lewis structure for ICI, . 


Iodine (Group 17) has seven valence electrons. Each chlorine Tor EOE: 


atom (Group 17) also has seven. An extra electron is added to ac- 
count for the 1— charge of the ion. Therefore, the total number of 
valence electrons is 7 + (4 X 7) +1 = 36. 


The I atom is the central atom in the ion. Putting eight electrons P> Practice Exercise 


We are thus left with 36 — 32 = 4 electrons to be placed on the 
larger iodine: 


oie 
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Finally, there are Lewis structures where you might have to choose between satisfying 
the octet rule and obtaining the most favorable formal charges by using more than an octet 
of electrons. For example, consider these Lewis structures for the phosphate ion, PO~: 


2-1 3- oe 3- 
:O: 0: 
loi. Gi. lo .-—1 
O—P—O: O=P—O: 


a ley ” la 


The formal charges on the atoms are shown in red. In the left structure, the P atom obeys 
the octet rule. In the right structure, however, the P atom has five electron pairs, leading 
to smaller formal charges on the atoms. (You should be able to see that there are three 
additional resonance structures for the Lewis structure on the right.) 

Chemists are still debating which of these two structures is dominant for PO,°~. 
Recent theoretical calculations based on quantum mechanics suggest to some research- 
ers that the left structure is the dominant one. Other researchers claim that the bond 
lengths in the ion are more consistent with the right structure being dominant. This dis- 
agreement is a convenient reminder that, in general, multiple Lewis structures can con- 
tribute to the actual electron distribution in an atom or molecule. 


around each Cl atom (including a pair of electrons between I and In which of these molecules or ions is there only one lone pair 
each Cl to represent the single bond between these atoms) of electrons on the central sulfur atom? 
requires 8 X 4 = 32 electrons. (a) SF, (b) SFs (c) SOF; (d) SF, (e) S0427 


399 


SOLUTION Iodine has 12 valence electrons around it, four more than needed 
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Self-Assessment Exercise 


8.33 Use formal charge to decide which of the following struc- 
tures best represents sulfur trioxide, SO,? 


y 7 
(a) S (b) S 
om NO Or No 
T 
(c) S 


Exercises 


8.34 Draw the dominant Lewis structures for these chlorine- 8.36 In the vapor phase, BeCl, exists as a discrete molecule. 
oxygen molecules/ions: ClO, ClO”, ClOz, ClO3, ClO, . (a) Draw the Lewis structure of this molecule, using only 
Which of these do not obey the octet rule? single bonds. Does this Lewis structure satisfy the octet 


rule? (b) What other resonance structures are possible that 
satisfy the octet rule? (c) On the basis of the formal charges, 
which Lewis structure is expected to be dominant for BeCl,? 


8.35 Draw the Lewis structures for each of the following ions 
or molecules. Identify those in which the octet rule is 
not obeyed; state which atom in each compound does 


not follow the octet rule; and state, for those atoms, how 8.37 There are many Lewis structures you could draw for sulfu- 
many electrons surround them: (a) HCl, (b) ICls, (c) NO, ric acid, H,SO, (each H is bonded to an O). (a) What Lewis 
(d) CE,Cly, (e) Iz. structure(s) would you draw to satisfy the octet rule? (b) What 


Lewis structure(s) would you draw to minimize formal charge? 
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8.8 | Strengths and Lengths 
of Covalent Bonds 


SECTION 8.8 Strengths and Lengths of Covalent Bonds 


Covalent bonds are sometimes described as being like springs that may be stretched or 
compressed but naturally resume a characteristic resting length. We take this analogy a 
little further when we examine the vibrations present in a covalent bond in Section 32.2. 
For the present, we look at the correlation between bond strength and bond length. By 
the end of this section, you should be able to 


e Understand the relationship between bond type (single, double, and triple), bond 
strength (or enthalpy), and bond length. 


The stability of a molecule is related to the strengths of its covalent bonds. We saw in 
Chapter 5 that we can measure the average bond enthalpy of many single bonds (Table 5.4). 
Table 5.4 is repeated here as Table 8.3. As you might expect, Table 8.3 shows that multiple 
bonds are generally stronger than single bonds. 

Just as we can define an average bond enthalpy, we can also define an average 
bond length for a number of common bonds (Table 8.4). Of particular interest is the 
relationship, in any atom pair, among bond enthalpy, bond length, and number of 
bonds between the atoms. For example, we can use data in Tables 8.3 and 8.4 to com- 
pare the bond lengths and bond enthalpies of carbon-carbon single, double, and tri- 
ple bonds: 


C—C C=C C=C 
154 pm 134 pm 120 pm 
348 kJ/mol 614 kJ/mol 839 kJ/mol 


TABLE 8.3 Average Bond Enthalpies (kJ/mol) 


Single Bonds 
Cal 413 Nol 391 OSE 463 iR 155 
C=C 348 N—N 163 O—O 146 
C= IN 293 N—O 201 OTE 190 (GIR 253 
C—O 358 N—F 272 O—-Cl 203 cl—Gl 242 
G= 485 N=] 200 Q= 234 
C—Cl 328 N—Br 243 Br—F 237 
C= ir 276 Sal 339 Br Ci 218 
C—I 240 H—H 436 S—F 327 Br—Br 193 
GS 259 RI=E 567 SmE 253 

H—Cl 431 S—Br 218 I—Cl 208 
Sigs ll 323 H—Br 366 S—S 266 I—Br 175 
Si—Si 226 H—I 299 I—I 151 
SiG 301 
Ssi—O 368 
Si C] 464 
Multiple Bonds 
C=C 614 = 418 O=O 495 


C=C 839 941 

C=N 615 607 S=0 523 
C=N 891 S=S 418 
C=O 

C=O 
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TABLE 8.4 Average Bond Lengths for Some Single, Double, and Triple Bonds 


Bond Bond Length (pm) Bond Length (pm) 
C=C 154 147 
C=C 134 124 
C=C 120 110 
C=N 143 136 
C=N 138 122 
C=N 116 

148 
C—O 143 121 
C=O 123 
C=O 113 


As the number of bonds between the carbon atoms increases, the bond length 
decreases and the bond enthalpy increases. That is, the carbon atoms are held more 
closely and more tightly together. In general, as the number of bonds between two atoms 
increases, the bond grows shorter and stronger. This trend is illustrated in Figure 8.15 for 
N—N single, double, and triple bonds. 
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N-N bond enthalpy (kJ/mol) 


0 
100 110 


Ní AE Predict the N—N bond enthalpy for an N—N bond that has 
resonance forms that include equal contributions from single 
and double N—N bonds. 


120 130 140 150 
N—N bond length (pm) 


A Figure 8.15 Bond strength versus bond length for N—N bonds. 


Self-Assessment Exercise 


8.38 Ozone, O,, may be represented by two resonance structures. 
The measured bond length is 127.8 pm 


GO=h — ğ=ö—ğ: 


Average bond enthalpies and bond lengths are given in 
Table 8.3 and 8.4. What do you predict the average bond 
enthalpy of a bond in ozone to be? 


(a) 148 kJ/mol 
(b) 364 kJ/mol 
(c) 495 kJ/mol 
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aee 
Exercises 


8.39 Using Table 8.3, estimate AH for each of the following (©) 2CI—N— Cl > NÆN + 3CI—Cl 
gas-phase reactions (note that lone pairs on atoms are not 
shown): cl 
(a) HT H 8.40 State whether each of these statements is true or false. 
De + H—O—O—H > (a) The longer the bond, the stronger the bond. (b) C—C 
H H bonds are stronger than C—F bonds. (c) A typical double 


bond length is in the 500-1000 pm range. (d) Energy is re- 
l l quired to form a chemical bond. (e) The longer the bond, 
H—O—C—C—O—H the more energy is stored chemical bonds. 
| | 8.41 We can define average bond enthalpies and bond lengths 
H H for ionic bonds, just like we have for covalent bonds. Which 
ionic bond is predicted to be stronger, Na—Cl or Ca—O? 


(b) HS „H 8.42 Draw the Lewis structure for NO*. Is the nitrogen- 
E= + H—C=N —> oxygen bondin NO* longer, shorter, orthesamelengthasthe 
H H nitrogen-oxygen bond in NO? Explain. 
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‘= Sample Integrative Exercise 


D Putting Concepts Together 


Phosgene, a substance used in poisonous gas warfare during World War |, is so named because it was first prepared by the 
action of sunlight on a mixture of carbon monoxide and chlorine gases. Its name comes from the Greek words phos (light) and 
genes (born of). Phosgene has the following elemental composition: 12.14% C, 16.17% O, and 71.69% CI by mass. Its molar 
mass is 98.9 g/mol. (a) Determine the molecular formula of this compound. (b) Draw three Lewis structures for the molecule 
that satisfy the octet rule for each atom. (The CI and O atoms bond to C.) (c) Using formal charges, determine which Lewis 
structure is the dominant one. (d) Using average bond enthalpies, estimate AH for the formation of gaseous phosgene from 
CO(g) and Cl2(8). 


SOLUTION 


(a) The empirical formula of phosgene can be 
determined from its elemental composition. 
Assuming 100 g of the compound and calculating 
the number of moles of C, O, and Cl in this sample, 


1molC 
we have: a2.1480)( 


The ratio of the number of moles of each element, 
obtained by dividing each number of moles by the (16.17 gØ) ( 1molO ) = 1.011 mol O 
smallest quantity, indicates that there is one C and one 16.00 gO 
O for each two Cl in the empirical formula, COC]). 
The molar mass of the empirical formula is 1molCl 
12.01 + 16.00 + 2(35.45) = 98.91 g/mol, the (71.69 gen (smi) = 2.022 mol Cl 
same as the molar mass of the molecule. Thus, ` 
COC], is the molecular formula. 


Continued 


404 CHAPTER 8 Basic Concepts of Chemical Bonding 


(b) Carbon has four valence electrons, oxygen has six, 
and chlorine has seven, giving 4 + 6 + 2(7) = 24 
electrons for the Lewis structures. Drawing a Lewis 
structure with all single bonds does not give the 
central carbon atom an octet. Using multiple 
bonds, we find that three structures satisfy the 
octet rule: 


se M 
:<ClI—C—Cl: 


(c) Calculating the formal charges on each atom gives: 


The first structure is expected to be the dominant 
one because it has the lowest formal charges on 
each atom. Indeed, the molecule is usually 
represented by this single Lewis structure. 


<— 


(d) Writing the chemical equation in terms of the 
Lewis structures of the molecules, we have: 


4 
I 
Q 


Thus, the reaction involves breaking a C=O bond 
and a Cl—Cl bond and forming a C=O bond and 
two C— Cl bonds. Using bond enthalpies from 
Table 8.3, we have: 


Notice that the reaction is exothermic. 
Nevertheless, energy is needed from sunlight or 
another source for the reaction to begin, as is the 
case for the combustion of H2(g) and O2(g) to form 


H20(8). 


AH = [D(C=0)+ D(Cl — Cl)] -[D(C=0) +2D(C—Cl)] 


= [1072kJ + 242kJ] — [799k] + 2(328kJ)] = -141kJ 
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Chapter Summary and Key Terms 


CHEMICAL BONDS, LEWIS SYMBOLS, AND THE OCTET RULE 
(INTRODUCTION AND SECTION 8.1) In this chapter, we have 
focused on the interactions that lead to the formation of chem- 
ical bonds. We classify these bonds into three broad groups: ionic 
bonds, which result from the electrostatic forces that exist be- 
tween ions of opposite charge; covalent bonds, which result from 
the sharing of electrons by two atoms; and metallic bonds, which 
result from a delocalized sharing of electrons in metals. The 
formation of bonds involves interactions of the outermost elec- 
trons of atoms, their valence electrons. The valence electrons 
of an atom can be represented by electron-dot symbols, called 
Lewis symbols. The tendencies of atoms to gain, lose, or share 
their valence electrons often follow the octet rule, which says that 
the atoms in molecules or ions (usually) have eight valence 
electrons. 


IONIC BONDING (SECTION 8.2) Ionic bonding results from the 
transfer of electrons from one atom to another, leading to the forma- 
tion of a three-dimensional lattice of charged particles. The stabili- 
ties of ionic substances result from the strong electrostatic attractions 
between an ion and the surrounding ions of opposite charge. The 
magnitude of these interactions is measured by the lattice energy, 
which is the energy needed to separate an ionic lattice into gaseous 


ions. Lattice energy increases with increasing charge on the ions and 
with decreasing distance between the ions. The Born-Haber cycle is a 
useful thermochemical cycle in which we use Hess’s law to calculate 
the lattice energy as the sum of several steps in the formation of an 
ionic compound. 


COVALENT BONDING (SECTION 8.3) Acovalent bond results from 
the sharing of valence electrons between atoms. We can represent the 
electron distribution in molecules by means of Lewis structures, which in- 
dicate how many valence electrons are involved in forming bonds and 
how many remain as nonbonding electron pairs (or lone pairs). The oc- 
tet rule helps determine how many bonds will be formed between 
two atoms. The sharing of one pair of electrons produces a single 
bond; the sharing of two or three pairs of electrons between two 
atoms produces double or triple bonds, respectively. Double and tri- 
ple bonds are examples of multiple bonding between atoms. The 
bond length decreases as the number of bonds between the atoms 
increases. 


BOND POLARITY AND ELECTRONEGATIVITY (SECTION 8.4) In 
covalent bonds, the electrons may not necessarily be shared equally 
between two atoms. Bond polarity helps describe unequal sharing of 
electrons in a bond. In a nonpolar covalent bond, the electrons in the 


bond are shared equally by the two atoms; in a polar covalent bond, 
one of the atoms exerts a greater attraction for the electrons than 
the other. 

Electronegativity is a numerical measure of the ability of an atom 
to compete with other atoms for the electrons shared between 
them. Fluorine is the most electronegative element, meaning it has 
the greatest ability to attract electrons from other atoms. Electro- 
negativity values range from 0.7 for Cs to 4.0 for F. Electronegativity 
generally increases from left to right in a row of the periodic table 
and decreases going down a column. The difference in the electro- 
negativities of bonded atoms can be used to determine the polarity 
of a bond. The greater the electronegativity difference, the more po- 
lar the bond. 

A polar molecule is one whose centers of positive and negative 
charge do not coincide. Thus, a polar molecule has a positive side 
and a negative side. This separation of charge produces a dipole, the 
magnitude of which is given by the dipole moment, which is measured 
in debyes (D). Dipole moments increase with increasing amount of 
charge separated and increasing distance of separation. Any diatomic 
molecule X—Y in which X and Y have different electronegativities is 
a polar molecule. 

Most bonding interactions lie between the extremes of cova- 
lent and ionic bonding. While it is generally true that the bonding 
between a metal and a nonmetal is predominantly ionic, exceptions 
to this guideline are not uncommon when the difference in electro- 
negativity of the atoms is relatively small or when the oxidation state 
of the metal becomes large. 


DRAWING LEWIS STRUCTURES AND RESONANCE STRUCTURES 
(SECTIONS 8.5 AND 8.6) If we know which atoms are connected 
to one another, we can draw Lewis structures for molecules and 


Key Equations 405 


ions by a simple procedure. Once we do so, we can determine the 
formal charge of each atom in a Lewis structure, which is the charge 
that the atom would have if all atoms had the same electronegativ- 
ity. In general, the dominant Lewis structure will have low formal 
charges, with any negative formal charges residing on more electro- 
negative atoms. 

Sometimes a single dominant Lewis structure is inadequate to 
represent a particular molecule (or ion). In such situations, we de- 
scribe the molecule by using two or more resonance structures for the 
molecule. The molecule is envisioned as a blend of these multiple 
resonance structures. Resonance structures are important in describ- 
ing the bonding in molecules such as ozone, O3, and the organic 
molecule benzene, CH6. 


EXCEPTIONS TO THE OCTET RULE (SECTION 8.7) The octet rule 
is not obeyed in all cases. Exceptions occur when (a) a molecule has 
an odd number of electrons, (b) it is not possible to complete an oc- 
tet around an atom without forcing an unfavorable distribution of 
electrons, or (c) a large atom is surrounded by a sufficiently large 
number of small electronegative atoms that it has more than an oc- 
tet of electrons around it. Lewis structures with more than an octet 
of electrons are observed for atoms in the third row and beyond in 
the periodic table. 


STRENGTHS AND LENGTHS OF COVALENT BONDS (SECTION 8.8) 
The average strengths and lengths of many common covalent bonds 
can be measured. Average bond enthalpies for multiple bonds are 
generally larger than those of single bonds. The average bond length 
between two atoms decreases as the number of bonds between the 
atoms increases, consistent with the bond being stronger as the num- 
ber of bonds increases. 


ay 
Learning Outcomes after studying this chapter, you should be able to: 


e Write Lewis symbols for atoms and ions. (Section 8.1) 
Related Exercises: 8.4, 8.9, 8.53, 8.56 


e Define lattice energy and be able to arrange compounds in order 
of increasing lattice energy based on the charges and sizes of the 
ions involved. (Section 8.2) Related Exercises: 8.10, 8.11, 8.57, 8.58 


e Use atomic electron configurations and the octet rule to draw 
Lewis structures for molecules. (Section 8.3) 
Related Exercises: 8.16, 8.27, 8.64, 8.70 


e Use electronegativity differences to identify nonpolar covalent, 
polarcovalent,andionicbonds. (Section8.4) RelatedExercises:8.21, 
8.22, 8.65 


e Calculate charge separation in diatomic molecules based on 
the experimentally measured dipole moment and bond length. 
(Section 8.4) Related Exercises: 8.24, 8.68 


e Calculate formal charges from Lewis structures and use those 
formal charges to identify the dominant Lewis structure for a 
molecule or ion. (Section 8.5) Related Exercises: 8.28, 8.29, 8.71, 8.72 


e Recognize molecules where resonance structures are needed 
to describe the bonding and draw the dominant resonance 
structures. (Section 8.6) Related Exercises: 8.31, 8.32, 8.73 


e Recognize exceptions to the octet rule and draw accurate Lewis 
structures even when the octet rule is not obeyed. (Section 8.7) 
Related Exercises: 8.35, 8.77 


e Predict the relationship between bond type (single, double, 
and triple), bond strength (or enthalpy), and bond length. 
(Section 8.8) Related Exercises: 8.40, 8.41, 8.81, 8.82 


>, Za 


Key Equations 


> Ea =F d [8.4] 
e w=Qr [8.10] 
e Formal charge = valence electrons — [8.11] 


5 (bonding electrons) — nonbonding electrons 


The potential energy of two interacting charges 


The dipole moment of two charges of equal magnitude but opposite 
sign, separated by a distance r 


The definition of formal charge 
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Exercises 


Visualizing Concepts 


8.43 


8.44 


8.45 


8.46 


For each of these Lewis symbols, indicate the group in the 
periodic table in which the element X belongs: [Section 8.1] 


(a) X (b) *X+ (©) =X 

Illustrated are four ions — A, B, X, and Y— showing their rela- 
tive ionic radii. The ions shown in red carry positive charges: a 
2+ charge for Aanda 1+ charge for B. Ions shown in blue carry 
negative charges: a 1— charge for X and a 2— charge for Y. 
(a) Which combinations of these ions produce ionic com- 
pounds where there is a 1:1 ratio of cations and anions? 
(b) Among the combinations in part (a), which leads to 
the ionic compound having the largest lattice energy? 
[Section 8.2] 


A B X Y 


A portion of a two-dimensional “slab” of NaCl(s) is shown 
here (see Figure 8.2) in which the ions are numbered. 
(a) Which colored balls must represent sodium ions? 
(b) Which colored balls must represent chloride ions? 
(c) Consider ion 5. How many attractive electrostatic in- 
teractions are shown for it? (d) Consider ion 5. How many 
repulsive interactions are shown forit? (e) Is the sum of the at- 
tractive interactions in part (c) larger or smaller than the sum 
of the repulsive interactions in part (d)? (£) If this pattern of 
ions was extended indefinitely in two dimensions, would the 
lattice energy be positive or negative? [Section 8.2] 


1 2 3 
4 6 
vd 8 9 


The orbital diagram that follows shows the valence elec- 
trons for a 2+ ion of an element. (a) What is the element? 
(b) What is the electron configuration of an atom of this ele- 
ment? [Section 8.2] 


yt jij ty 


4d 


8.47 


8.48 


8.49 


8.50 


In the Lewis structure shown here, A, D, E, Q, X, and Z rep- 
resent elements in the first two rows of the periodic table. 
Identify all six elements so that the formal charges of all at- 
oms are zero. [Section 8.3] 


Incomplete Lewis structures for the nitrous acid molecule, 
HNO,, and the nitrite ion, NO, , are shown here. (a) Com- 
plete each Lewis structure by adding electron pairs as needed. 
(b) Is the formal charge on N the same or different in these 
two species? (c) Would either HNO, or NO, be expected to 
exhibit resonance? (d) Would you expect the N=O bond in 
HNO; to be longer, shorter, or the same length as the N—O 
bonds in NO, ? [Sections 8.5 and 8.6] 


H—O—-N=O O—N=O 


The partial Lewis structure that follows is for a hydrocarbon 
molecule. In the full Lewis structure, each carbon atom sat- 
isfies the octet rule, and there are no unshared electron pairs 
in the molecule. The carbon—carbon bonds are labeled 1, 2, 
and 3. (a) How many hydrogen atoms are in the molecule? 
(b) Rank the carbon-carbon bonds in order of increasing 
bond length. (c) Which carbon—carbon bond is the stron- 
gest one? [Sections 8.3 and 8.8] 


c+c2cc 


Consider the Lewis structure for the polyatomic oxyanion 
shown here, where X is an element from the third period 
(Na — Ar). By changing the overall charge, n, from 1— to 
2— to 3— we get three different polyatomic ions. For each of 
these ions (a) identify the central atom, X; (b) determine the 
formal charge of the central atom, X; (c) draw a Lewis struc- 
ture that makes the formal charge on the central atom equal 
to zero. [Sections 8.5, 8.6, and 8.7] 


n— 


Lewis Symbols (Section 8.1) 


8.51 (a) True or false: The hydrogen atom is most stable when it 


has a full octet of electrons. (b) How many electrons must 
a sulfur atom gain to achieve an octet in its valence shell? 
(c) If an atom has the electron configuration 15s?2s?2p°, 
how many electrons must it gain to achieve an octet? 


8.52 


8.53 


(a) Write the electron configuration for the element tita- 
nium, Ti. How many valence electrons does this atom pos- 
sess? (b) Hafnium, Hf, is also found in Group 4. Write 
the electron configuration for Hf. (c) Ti and Hf behave 
as though they possess the same number of valence elec- 
trons. Which of the subshells in the electron configura- 
tion of Hf behave as valence orbitals? Which behave as 
core orbitals? 


What is the Lewis symbol for each of the following atoms or 
ions? (a) Be, (b) Rb, (c) I, (d) Se?~. 


Ionic Bonding (Section 8.2) 


8.54 


8.55 


8.56 


8.57 


8.58 


8.59 


8.60 


8.61 


8.62 


(a) Use Lewis symbols to represent the reaction that occurs 
between Li and O atoms. (b) What is the chemical formula 
of the most likely product? (c) How many electrons are trans- 
ferred? (d) Which atom loses electrons in the reaction? 


Which ionic compound is expected to form from combining 
the following pairs of elements? (a) calcium and nitrogen, 
(b) cesium and bromine, (c) strontium and sulfur, (d) alumi- 
num and selenium. 


Write the electron configurations for the following ions, and 
determine which have noble-gas configurations: (a) Fe*, 
(b) V**, (c) Ni2*, (d) Pt”, (e) Ge, (£) Ba”. 


NaCl and KF have the same crystal structure. The only differ- 
ence between the two is the distance that separates cations 
and anions. (a) The lattice energies of NaCl and KF are given 
in Table 8.1. Based on the lattice energies, would you expect 
the Na—Cl or the K—F distance to be longer? (b) Use the 
ionic radii given in Figure 7.8 to estimate the Na— Cl and 
K—F distances. 


(a) Does the lattice energy of an ionic solid increase or de- 
crease (i) as the charges of the ions increase, (ii) as the sizes 
of the ions increase? (b) Arrange the following substances 
not listed in Table 8.1 according to their expected lattice en- 
ergies, listing them from lowest lattice energy to the highest: 
Mgs, KI, GaN, LiBr. 

Which of the following trends in lattice energy is due to dif- 


ferences in ionic radii? (a) LIF > NaF > CsF, (b) CaO > KCl, 
(c) PbS > Li,O. 


List the individual steps used in constructing a Born-Haber 
cycle for the formation of Bal, from the elements. Which of 
the steps would you expect to be exothermic? 


Use data from Appendix C, Figure 7.10, and Figure 7.12 to cal- 
culate the lattice energy of RbCl. 


(a) Based on the lattice energies of MgCl, and SrCl, given in 
Table 8.1, what is the range of values that you would expect 
for the lattice energy of CaCl? (b) Using data from Appen- 
dix C, Figure 7.10, Figure 7.12, and the value of the second 
ionization energy for Ca, 1145 kJ/mol, calculate the lattice 
energy of CaCly. 


Covalent Bonding, Electronegativity, and Bond 
Polarity (Sections 8.3 and 8.4) 


8.63 


Using Lewis symbols and Lewis structures, diagram the for- 
mation of BF; from B and F atoms, showing valence-shell 
electrons. (a) How many valence electrons does B have ini- 
tially? (b) How many bonds F has to make in order to achieve 
an octet? (c) How many valence electrons surround the B in 
the BF; molecule? (d) How many valence electrons surround 
each Fin the BF; molecule? (e) Does BF; obey the octet rule? 
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(a) Construct a Lewis structure for hydrogen peroxide, H203, 
in which each atom achieves an octet of electrons. (b) How 
many bonding electrons are between the two oxygen atoms? 
(c) Do you expect the O—O bond in H20; to be longer or 
shorter than the O— O bond in O? Explain. 


(a) What is the trend in electronegativity going from 
left to right in a row of the periodic table? (b) How do 
electronegativity values generally vary going down a col- 
umn in the periodic table? (c) True or false: The most easily 
ionizable elements are the most electronegative. 


By referring only to the periodic table, select (a) the most elec- 
tronegative element in Group 13; (b) the least electronegative 
element in the group As, Se, and Br; (c) the most electronega- 
tive element in the group K, Mg, Al, and In; (d) the element 
in the group Na, Be, Si, Ar, that is most likely to form an ionic 
compound with Br. 


Arrange the bonds in each of the following sets in or- 
der of increasing polarity: (a) C—F,O—F, Be—F; 
(b) O— Cl, S—Br, C—P; (c) C—S, B—F, N—O. 

The iodine monobromide molecule, IBr, has a bond length 
of 249 pm and a dipole moment of 1.21 D. (a) Which atom 
of the molecule is expected to have a negative charge? 
(b) Calculate the effective charges on the I and Br atoms in 
IBr in units of the electronic charge, e. 


In the following pairs of binary compounds, determine 
which one is a molecular substance and which one is an 
ionic substance. Use the appropriate naming convention 
(for ionic or molecular substances) to assign a name to each 
compound: (a) TiCl, and CaF, (b) CIF; and VF, (c) SbCl; 
and AlF3. 


Lewis Structures; Resonance Structures 
(Sections 8.5 and 8.6) 
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Write Lewis structures for the following: (a) HCO (both 
H atoms are bonded to C), (b) H203, (c) CF (contains 
a C—C bond), (d) AsO#7, (e) H2SO3 (H is bonded to O), 
(£) NH;CIl. 


(a) Draw the dominant Lewis structure for the phosphorus 
trifluoride molecule, PF;. (b) Determine the oxidation num- 
bers of the P and F atoms. (c) Determine the formal charges 
of the P and F atoms. 


For each of the following molecules or ions of sulfur and 
oxygen, write a single Lewis structure that obeys the oc- 
tet rule, and calculate the oxidation numbers and for- 
mal charges on all the atoms: (a) SO2, (b) SOs, (c) SO? >. 
(d) Arrange these molecules/ions in order of increasing 
S—O bond length. 


Consider the formate ion, HCO, , which is the anion 
formed when formic acid loses an H* ion. The H and the two 
O atoms are bonded to the central C atom. (a) Draw the best 
Lewis structure(s) for this ion. (b) Are resonance structures 
needed to describe the structure? (c) Would you predict that 
the C—O bond lengths in the formate ion would be longer 
or shorter relative to those in CO,? 


Compare the O—O bond length in O, versus H,O,. Which 
bond is shorter? Why? 


Exceptions to the Octet Rule (Section 8.7) 
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(a) Which of these compounds is an exception to the oc- 
tet rule: carbon dioxide, water, ammonia, phosphorus 
trifluoride, or arsenic pentafluoride? (b) Which of these 
compounds or ions is an exception to the octet rule: 
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borohydride (BH, _), borazine (B3N3H¢, which is analogous 
to benzene with alternating B and N in the ring), or boron 
trichloride? 


For Group 13-17 elements in the third row of the periodic ta- 
ble and beyond, the octet rule is often not obeyed. A friend 
of yours says this is because these heavier elements are more 
likely to make double or triple bonds. Another friend of 
yours says that this is because the heavier elements are larger 
and can make bonds to more than four atoms at a time. 
Which friend is more correct? 


Draw the Lewis structures for each of the following mole- 
cules or ions. Identify instances where the octet rule is not 
obeyed; state which atom in each compound does not follow 
the octet rule; and state how many electrons surround these 
atoms: (a) PF, , (b) BeCl;, (c) NH3, (d) XeF,O (the Xe is the 
central atom), (e) SO,?~. 


(a) Describe the molecule xenon trioxide, XeO3, using 
four possible Lewis structures, one each with zero, one, 
two, or three Xe—O double bonds. (b) Do any of these 
resonance structures satisfy the octet rule for every atom 
in the molecule? (c) Do any of the four Lewis structures 
have multiple resonance structures? If so, how many res- 
onance structures do you find? (d) Which of the Lewis 
structures in part (a) yields the most favorable formal 
charges for the molecule? 


Some chemists believe that satisfaction of the octet rule 
should be the top criterion for choosing the dominant Lewis 
structure of a molecule or ion. Other chemists believe that 
achieving the best formal charges should be the top crite- 
rion. Consider the dihydrogen phosphate ion, H,PO,, in 
which the H atoms are bonded to O atoms. (a) What is the 
predicted dominant Lewis structure if satisfying the octet 
rule is the top criterion? (b) What is the predicted dominant 
Lewis structure if achieving the best formal charges is the top 
criterion? 


Strengths and Lengths of Covalent Bonds 
(Section 8.8) 
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Using Table 8.3, estimate AH for the following gas-phase 
reactions: 
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(a) i Pr 

B + Cl—Cl —> ae ie + Hq 
Br Br 

(b) H H 


| | 
H—s—C—C—S—H+2H—Br 


> 


=, 
H 
(c) H H H 


| | 
H—N—N—H + CI—Cl — 2 H—N— C! 


State whether each of these statements is true or false. 
(a) Anoxygen-oxygen doublebondisshorterthananoxygen- 
oxygen single bond. (b) There are three lone pair electrons 
in the NH, molecule. (c) The C—C bond in ethene is longer 
than the C—C bond in polyethene. (d) The C—Cl bond is 
shorter than the C—Br bond. (e) The greater the difference 
in the electronegativity of atoms in a bond, the stronger the 
bond. 


We can define average bond enthalpies and bond lengths 
for ionic bonds, just like we have for covalent bonds. Which 
ionic bond is predicted to have the smaller bond enthalpy, 
Li—F or Cs—F? 


A carbene is a compound that has a carbon bonded to 
two atoms and a lone pair remaining on the carbon. 
Many carbenes are very reactive. (a) Draw the Lewis struc- 
ture for the simplest carbene, HC. (b) Predict the length 
of the carbon-carbon bond you would expect if two Hz 
C molecules reacted with each other by a combination 
reaction. 


Additional Exercises 


8.84 


8.85 


8.86 


A new compound is made that has a C—O bond length of 
120 pm. Is this bond likely to be a single, double, or triple 
C—O bond? 


A new compound is made that has a C—N bond length of 
118 pm. Is this bond likely to be a single, double, or triple 
C—N bond? 


Consider the lattice energies of the following Group 2 com- 
pounds: BeH;, 3205 kJ/mol; MgHo, 2791 kJ/mol; CaH3, 
2410 kJ/mol; StH2, 2250 kJ/mol; BaH2, 2121 kJ/mol. 
(a) What is the oxidation number of H in these compounds? 
(b) Assuming that all of these compounds have the same 
three-dimensional arrangement of ions in the solid, which 
of these compounds has the shortest cation-anion distance? 
(c) Consider BeH>. Does it require 3205 kJ of energy to break 
one mole of the solid into its ions, or does breaking up one 
mole of solid into its ions release 3205 kJ of energy? (d) The 
lattice energy of ZnH; is 2870 kJ/mol. Considering the trend 
in lattice enthalpies in the Group 2 compounds, predict 
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which Group 2 element is most similar in ionic radius to the 
Zn?" ion. 


Based on data in Table 8.1, estimate (within 30 kJ/mol) the 
lattice energy for (a) LiBr, (b) CsBr, (c) CaCl. 


A metal oxide has a lattice energy in the range of 3300 kJ/ 
mol. Is the charge on the metal ion M likely to be 1*, 2*, or 
3*? Explain. 

The ionic compound CaO crystallizes with the same struc- 
ture as sodium chloride (Figure 8.3). (a) In this structure, 
how many O” are in contact with each Ca” ion (Hint: Re- 
member the pattern of ions shown in Figure 8.3 repeats over 
and over again in all three directions.) (b) Would energy be 
consumed or released if a crystal of CaO was converted to a 
collection of widely separated Ca—O ion pairs? (c) From 
the ionic radii given in Figure 7.8, calculate the poten- 
tial energy of a single Ca—O ion pair that is just touching 
(the magnitude of electronic charge is given on the inside 
back cover). (d) Calculate the energy of a mole of such pairs. 
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How does this compare to the lattice energy of CaO? (e) 
What factor do you think accounts for most of the discrep- 
ancy between the energies in part (d)—the bonding in CaO 
is more covalent than ionic, or the electrostatic interactions 
in a crystal lattice are more complicated than those in a single 
ion pair? 

Construct a Born-Haber cycle for the formation of the hy- 
pothetical compound NaCl), where the sodium ion has a 2+ 
charge (the second ionization energy for sodium is given in 
Table 7.2). (a) How large would the lattice energy need to be 
for the formation of NaCl, to be exothermic? (b) If we were 
to estimate the lattice energy of NaCl, to be roughly equal 
to that of MgCl, (2326 kJ/mol from Table 8.1), what value 
would you obtain for the standard enthalpy of formation, 
AHf, of NaCl? 


A classmate of yours is convinced that he knows everything 
about electronegativity. (a) In the case of atoms X and Y hav- 
ing different electronegativities, he says, the diatomic molecule 
X—Y must be polar. Is your classmate correct? (b) Your class- 
mate says that the farther the two atoms are apart in a bond, 
the larger the dipole moment will be. Is your classmate correct? 


Consider the collection of nonmetallic elements: B, As, O, 
and I. (a) Which two would form the most polar single 
bond? (b) Which two would form the longest single bond? 
(c) Which one would be likely to form a compound of for- 
mula XY,?(d) Which element would likely to participate in 
two covalent bonds? 


The substance chlorine monoxide, ClO(g), is important 
in atmospheric processes that lead to depletion of the 
ozone layer. The ClO molecule has an experimental dipole 
moment of 4.1 x 10° C-m, and the Cl—O bond length is 
160 pm. (a) Determine the magnitude of the charges on the 
Cland O atoms in units of the electronic charge, e. (b) Based 
on the electronegativities of the elements, which atom 
would you expect to have a partial negative charge in the 
ClO molecule? (c) Using formal charges as a guide, propose 
the dominant Lewis structure for the molecule. (d) The an- 
ion ClO” exists. What is the formal charge on the Cl for the 
best Lewis structure for ClO? 


(a) Using the electronegativities of Br and Cl, estimate 
the partial charges on the atoms in the Br—Cl molecule. 
(b) Using these partial charges and the atomic radii given 
in Figure 7.8, estimate the dipole moment of the molecule. 
(c) The measured dipole moment of BrCl is 0.57 D. If you as- 
sume the bond length in BrCl is the sum of the atomic radii, 
what are the partial charges on the atoms in BrCl using the 
experimental dipole moment? 


A major challenge in implementing the “hydrogen econ- 
omy” is finding a safe, lightweight, and compact way of 
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storing hydrogen for use as a fuel. The hydrides of light 
metals are attractive for hydrogen storage because they can 
store a high weight percentage of hydrogen in a small vol- 
ume. For example, NaAlH, can release 5.6% of its mass as 
Hz upon decomposing to NaH(s), Al(s), and H2(g). NaAlHy 
possesses both covalent bonds, which hold polyatomic an- 
ions together, and ionic bonds. (a) Write a balanced equa- 
tion for the decomposition of NaAlH4. (b) Which element in 
NaAIHy, is the most electronegative? Which one is the least 
electronegative? (c) Based on electronegativity differences, 
predict the identity of the polyatomic anion. Draw a Lewis 
structure for this ion. (d) What is the formal charge on hy- 
drogen in the polyatomic ion? 


Although I; is a known ion, F3 is not. (a) Draw the Lewis 
structure for I; (it is linear, not a triangle). (b) One of your 
classmates says that F} does not exist because F is too elec- 
tronegative to make bonds with another atom. Give an 
example that proves your classmate is wrong. (c) Another 
classmate says F; does not exist because it would violate the 
octet rule. Is this classmate possibly correct? (d) Yet another 
classmate says F3 does not exist because F is too small to 
make bonds to more than one atom. Is this classmate possi- 
bly correct? 


Calculate the formal charge on the indicated atom in each 
of the following molecules or ions: (a) the central oxygen 
atom in O}, (b) phosphorus in PF, , (c) nitrogen in NO, 
(d) iodine in ICl;, (e) chlorine in HClO, (hydrogen is bonded 
to O). 


The hypochlorite ion, ClO’, is the active ingredient in 
bleach. The perchlorate ion, ClO, , is a main component 
of rocket propellants. Draw Lewis structures for both ions. 
(a) What is the formal charge of Cl in the hypochlorite ion? 
(b) What is the formal charge of Clin the perchlorate ion, as- 
suming the Cl—O bonds are all single bonds? (c) What is the 
oxidation number of Cl in the hypochlorite ion? (d) What 
is the oxidation number of Cl in the perchlorate ion, assum- 
ing the ClI—O bonds are all single bonds? (e) In a redox reac- 
tion, which ion would you expect to be more easily reduced? 


The following three Lewis structures can be drawn for N20: 


:N=N—O: <> :N—N=0: + :N=N=0: 


(a) Using formal charges, which of these three resonance 
forms is likely to be the most important? (b) The N—N bond 
length in N20 is 112 pm, slightly longer than a typical N=N 
bond; and the N—O bond length is 119 pm, slightly shorter 
than a typical N=O bond (see Table 8.4). Based on these 
data, which resonance structure best represents N20? 


et 
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8.100 Consider the hypothetical molecule A—A=A with a bent 
shape. Are the following statements true or false? (a) This 
molecule cannot exist. (b) If this molecule exists, it must 
possess an odd electron. 


In practice, this reaction is carried out in the presence of oxygen, 
which converts the hydrogen produced into water. 


2 CHa(g) + 302(8) —> CoHo(8) + H20(s) 
8.101 An important reaction for the conversion of natural gas to 
other useful hydrocarbons is the conversion of methane to 
ethane. Use Table 8.3 to estimate AH for these two reactions. Why is 
the conversion of methane to ethane more favorable when 


oxygen is used? 
2 CHi(g) —> CoHo(s) + H2(3) a 
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Two compounds are isomers if they have the same chemical 
formula but different arrangements of atoms. Use Table 8.3 
to estimate AH for each of the following gas-phase isomer- 
ization reactions and indicate which isomer has the lower 
enthalpy. 


H H 


AGTE a 
H H 


Ethanol Dimethyl ether 


H O 


v) HC + H—G=C=H 


H H H 
Ethylene oxide Acetaldehyde 
ii S „H 
Nal NA H H H H 
Oe H | | | 
<= = ` 
© HA ZH —  `c=C—C=C—C—H 
JESS Hl | 
H H H 
Cyclopentene Pentadiene 
ji i 
(d) H—C—N=cC > H j C=N 
H H 
Methyl isocyanide Acetonitrile 


The Ti2* ion is isoelectronic with the Ca atom. (a) Write the 
electron configurations of Ti?* and Ca. (b) Calculate the 
number of unpaired electrons for Ca and for Ti?*. (c) What 
charge would Ti have to be isoelectronic with Ca?*? 


(a) Draw the Lewis structure for hydrogen peroxide, H202. 
(b) What is the weakest bond in hydrogen peroxide? (c) Hydro- 
gen peroxide is sold commercially as an aqueous solution in 
brown bottles to protect it from light. Calculate the longest 
wavelength of light that has sufficient energy to break the 
weakest bond in hydrogen peroxide. 


The electron affinity of oxygen is —141 kJ/mol, corresponding 
to the reaction 


Olg) +E —> O(38) 


The lattice energy of K,O(s) is 2238 kJ/mol. Use these data 
along with data in Appendix C and Figure 7.10 to calculate 
the “second electron affinity” of oxygen, corresponding to 
the reaction 


O(g) + & —> 078) 


You and a partner are asked to complete a lab entitled “Car- 
bonates of Group 2 metal” that is scheduled to extend over 
two lab periods. The first lab, which is to be completed by 
your partner, is devoted to carrying out compositional anal- 
ysis and determine the identity of the Group 2 metal (M). In 
the second lab, you are to determine the melting point of 
this compound. Upon going to lab you find two unlabeled 
vials containing white powder. You also find the following 
notes in your partner’s notebook—Compound 1: 40.04% M 
and 12.00% C, 47.96% O (by mass), Compound 2: 69.59% M, 
6.09% C, and 24.32% O (by mass). (a) What is the empirical 
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formula for Compound 1 and the identity of M? (b) What 
is the empirical formula for Compound 2 and the identity 
of M? Upon determining the melting points of these two 
compounds, you find that both compounds do not melt up 
to the maximum temperature of your apparatus, instead, the 
compounds decompose and liberate colorless gas. (c) What 
is the identity of the colorless gas? (d) Write the chemical 
equation for the decomposition reactions of Compound 1 
and Compound 2. (e) Are Compound 1 and Compound 2 
ionic or molecular? 


One scale for electronegativity is based on the concept that 
the electronegativity of any atom is proportional to the 
ionization energy of the atom minus its electron affinity: 
electronegativity = k(I — EA), where k is a proportionality 
constant. (a) How does this definition explain why the elec- 
tronegativity of F is greater than that of Cl, even though Cl 
has the greater electron affinity? (b) Why are both ioniza- 
tion energy and electron affinity relevant to the notion of 
electronegativity? (c) By using data in Chapter 7, determine 
the value of k that would lead to an electronegativity of 4.0 for 
F under this definition. (d) Use your result from part (c) to de- 
termine the electronegativities of Cl and O using this scale. (e) 
Another scale for electronegativity defines electronegativity as 
the average of an atom’s first ionization energy and its electron 
affinity. Using this scale, calculate the electronegativities for 
the halogens, and scale them so that fluorine has an electro- 
negativity of 4.0. On this scale, what is Br’s electronegativity? 


The compound chloral hydrate, known in detective sto- 
ries as knockout drops, is composed of 14.52% C, 1.83% H, 
64.30% Cl, and 13.35% O by mass, and has a molar mass of 
165.4 g/mol. (a) What is the empirical formula of this sub- 
stance? (b) What is the molecular formula of this substance? 
(c) Draw the Lewis structure of the molecule, assuming that 
the Cl atoms bond to a single C atom and that there are a 
C—C bond and two C—O bonds in the compound. 


Potassium peroxide is composed of 70.96% K and 29.04% O. 
Each peroxide ion has a net charge of 2”. (a) Given the molec- 
ular weight of the compound is 110.19, determine the chemi- 
cal formula of potassium peroxide. (b) What is the number of 
valance electron pairs in the peroxide ion? (c) Draw the Lewis 
structure of the peroxide ion. (d) Compare the O—O bond 
distance in oxygen molecule and potassium peroxide. 


Acetylene (C2H2) and nitrogen (N2) both contain a triple 
bond, but they differ greatly in their chemical properties. 
(a) Write the Lewis structures for the two substances. (b) By 
referring to Appendix C, look up the enthalpies of formation 
of acetylene and nitrogen. Which compound is more sta- 
ble? (c) Write balanced chemical equations for the complete 
oxidation of N, to form N,O;(g) and of acetylene to form 
CO2(g) and H20(g). (d) Calculate the enthalpy of oxidation 
per mole for N; and for C,H, (the enthalpy of formation 
of N,O;(g) is 11.30 kJ/mol). (e) Both N; and CH, possess 
triple bonds with quite high bond enthalpies (Table 8.3). 
Calculate the enthalpy of hydrogenation per mole for both 
compounds: acetylene plus H; to make methane, CHy; 
nitrogen plus Hz to make ammonia, NH3. 


Under special conditions, sulfur reacts with anhydrous liquid am- 
monia to form a binary compound of sulfur and nitrogen. The 
compound is found to consist of 69.6% S and 30.4% N. Mea- 
surements of its molecular mass yield a value of 184.3 g/mol. 
The compound occasionally detonates on being struck or 
when heated rapidly. The sulfur and nitrogen atoms of the 
molecule are joined in a ring. All the bonds in the ring are 
of the same length. (a) Calculate the empirical and molecu- 
lar formulas for the substance. (b) Write Lewis structures for 
the molecule, based on the information you are given. (Hint: 
You should find a relatively small number of dominant Lewis 
structures.) (c) Predict the bond distances between the atoms 


in the ring. (Note: The S—S distance in the Sg ring is 205 pm.) 
(d) The enthalpy of formation of the compound is estimated 
to be 480 kJ/mol 1. AHP of S(g) is 222.8 kJ/mol. Estimate the 
average bond enthalpy in the compound. 


8.112 A common form of elemental phosphorus is the white 
phosphorus, where four P atoms are arranged in a tetrahe- 
dron. All four phosphorus atoms are equivalent. 


White phosphorus reacts spontaneously with the oxygen in 
air to form P,O,. (a) How many valance electron pairs are 
in the P,O, molecule? (b) When P,O, is dissolved in water, 
it produces a H,PO, molecule. H,PO, has two forms, P forms 
three covalent bonds in the first form and P forms five cova- 
lent bonds in the second form. Draw two possible Lewis struc- 
tures of H,PO,. (c) Which structure obeys the octet rule? 


8.113 Trifluoroacetic acid has the chemical formula CF,CO,H. 
It is a colorless liquid that has a density of 1.489 g/mL. 
(a) Trifluoroacetic acid contains one CF, unit and is 
connected to the other C atom which bonds with both 
O’s. Draw the Lewis structure for trifluoroacetic acid. 
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(b) Trifluoroacetic acid can react with NaOH in aqueous 
solution to produce the trifluoroacetate ion, CF,COO-. 
Write the balanced chemical equation for this reaction. 
(c) Draw the Lewis structure of the trifluoroacetate ion, 
showing resonance if present. (d) How many milliliters of 
a 0.500 M solution of NaOH would it take to neutralize 
10.5 mL of trifluoroacetic acid? 


8.114 Ammonia reacts with boron trifluoride to form a stable 
compound, as we saw in Section 8.7. (a) Draw the Lewis 
structure of the ammonia-boron trifluoride reaction prod- 
uct. (b) The B—N bond is obviously more polar than the 
C—C bond. Draw the charge distribution you expect on the 
B—N bond within the molecule (using the delta plus and 
delta minus symbols mentioned in Section 8.4). (c) Boron 
trichloride also reacts with ammonia in a similar way to 
the trifluoride. Predict whether the B—N bond in the tri- 
chloride reaction product would be more or less polar than 
the B—N bond in the trifluoride product, and justify your 
reasoning. 


8.115 Ammonium chloride, NH,4Cl, is a very soluble salt in water. 
(a) Draw the Lewis structures of the ammonium and chloride 
ions. (b) Is there an N—C] bond in solid ammonium chloride? 
(c) If you dissolve 14 g of ammonium chloride in 500.0 mL 
of water, what is the molar concentration of the solution? 
(d) How many grams of silver nitrate do you need to add to the 
solution in part (c) to precipitate all of the chloride as silver 
chloride? 


Design an Experiment 


You have learned that the resonance of benzene, C6H6, gives the 
compound special stability. 


(a) By using data in Appendix C, compare the heat of combustion 
of 1.0 mol CgH¢(g) to the heat of combustion of 3.0 mol acetylene, 
C2H2(8). Which has the greater fuel value, 1.0 mol CsH¢(g) or 3.0 mol 
C,H2(g)? Are your calculations consistent with benzene being espe- 
cially stable? (b) Repeat part (a), with the appropriate molecules, for 
toluene (Cg;H;CH3), a derivative of benzene that has a —CH3; group 
in place of one H. (c) Another reaction you can use to compare mol- 
ecules is hydrogenation, the reaction of a carbon-carbon double bond 


with H, to make a C—C single bond and two C—H single bonds. The 
experimental heat of hydrogenation of benzene to make cyclohexane 
(C6H12, a six-membered ring with 6 C—C single bonds and 12 C—H 
bonds) is 208 kJ/mol. The experimental heat of hydrogenation of 
cyclohexene (C6H0, a six-membered ring with one C=C double 
bond, 5 C—C single bonds, and 10 C—H bonds) to make cyclohexane 
is 120 kJ/mol. Show how these data can provide you with an estimate 
of the resonance stabilization energy of benzene. (d) Are the bond lengths 
or angles in benzene, compared to other hydrocarbons, sufficient to 
decide if benzene exhibits resonance and is especially stable? Discuss. 
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Orchid flowers demonstrate the intimate connection between shape and function. The 
bee orchid (ophrys apifera), for example, has a central labellum that mimics the abdomen 
of a bee, and is even slightly hairy. The scent of the orchid is similar to that of a female 
bee. Pollen gets transferred when a male bee attempts to mate with the orchid, to be car- 
ried by the unwitting insect to another bee orchid. 
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In this chapter, our first goal is to understand the relationship between two- 
dimensional Lewis structures and three-dimensional molecular shapes. We will see the 
intimate relationship between the number of electrons in a molecule and the overall 
shape it adopts. Armed with this knowledge, we can examine more closely the nature 
of covalent bonds. The lines used to depict bonds in Lewis structures provide important 
clues about the orbitals that molecules use in bonding. By examining these orbitals, we 
can gain a greater understanding of the behavior of molecules. 

By the end of this section, you should be able to 


e Recognize the five basic shapes from which geometries of AB,, molecules are derived 


In Chapter 8, we used Lewis structures to account for the formulas of covalent com- 
pounds. Lewis structures, however, do not indicate the shapes of molecules; they simply 
show the number and types of bonds. For example, the Lewis structure of CCl, tells us 
only that four Cl atoms are bonded to a central C atom: 


aed 
:Cl: 

The Lewis structure is drawn with the atoms all in the same plane. As shown in 
Figure 9.1, however, the actual three-dimensional arrangement has the Cl atoms at the 
corners of a tetrahedron, a geometric object with four corners and four faces, each an equi- 
lateral triangle. 

The shape of a molecule is determined by its bond angles, the angles made by the 
lines joining the nuclei of the atoms in the molecule. The bond angles of a molecule, 
together with the bond lengths, define the shape and size of the molecule. In Figure 9.1, 
you should be able to see that there are six Cl— C— Cl bond angles in CCljy, all of which 
have the same value. That bond angle, 109.5°, is characteristic of a tetrahedron. In addi- 
tion, all four C— Cl bonds are of the same length (178 pm). Thus, the shape and size 
of CCl, are completely described by stating that the molecule is tetrahedral with C— Cl 
bonds of length 178 pm. To draw the three-dimensional structure of a molecule on paper, 
chemists use a convention shown in Figure 9.1: Regular lines imply the bond is the plane 
of the paper, a heavy wedge is used to show that the bond is coming out of the paper 
toward you, and the dashed line is used to show that the bond is pointing away from 
you, through the back of the paper. 


V Go Figure In the space-filling model, what determines the relative sizes of the 


spheres? 
Four equivalent All C —CI bond 
faces lengths 178 pm 


ech, 


Cl 


Ke 
ci” \ya 
CI 


All CI —C —CI 
angles 109.5° 


Tetrahedron Ball and stick model Space-filling model Three-dimensional 
atomic model 


A Figure 9.1 Tetrahedral shape of CCI4. 
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W Go Figure Which of these structures is not planar? 


enh T 


CO, S CIF; 
AB, linear AB, bent AB; trigonal planar AB; trigonal AB; T-shaped 
pyramidal 


A Figure 9.2 Shapes of AB; and AB} molecules. 


We begin our discussion of molecular shapes with molecules (and ions) that, like 
CCly, have a single central atom bonded to two or more atoms of the same type. Such 
molecules have the general formula AB, in which the central atom A is bonded to n B 
atoms. Both CO, and H20 are AB, molecules, for example, whereas SO} and NH; are AB; 
molecules, and so on. 

The number of shapes possible for AB,, molecules depends on the value of n. Those 
commonly found for AB, and AB; molecules are shown in Figure 9.2. An AB, molecule 
must be either linear (bond angle = 180°) or bent (bond angle # 180°). For AB; mole- 
cules, the two most common shapes place the B atoms at the corners of an equilateral 
triangle. If the A atom lies in the same plane as the B atoms, the shape is called trigonal 
planar. If the A atom lies above the plane of the B atoms, the shape is called trigonal pyra- 
midal (a pyramid with an equilateral triangle as its base). Some AB} molecules, such as 
CIF3, are T-shaped, a relatively unusual shape shown in Figure 9.2. The atoms lie in one 
plane with two B— A— B angles of about 90°, and a third angle close to 180°. 

Quite remarkably, the shapes of most AB, molecules can be derived from just five 
basic geometric arrangements, shown in Figure 9.3. All of these are highly symmetric 
arrangements of the n B atoms around the central A atom. We have already seen the first 
three shapes: linear, trigonal planar, and tetrahedral. The trigonal bipyramid shape for 


V C which of these molecular shapes do you expect for the SFs 


molecule? 
~~ 1209 
AB; linear AB; trigonal planar AB, tetrahedral 


AB; trigonal bipyramidal ABg octahedral 
A Figure 9.3 Shapes allowing maximum distances between B atoms in AB, molecules. 


Go Figure 


In going from the tetrahedral shape to the bent shape, does it 
matter which two of the atoms we choose to remove? 


A4 
Removal of one Removal of a 


corner atom second 
A corner atom 


=> = 


Tetrahedral Trigonal pyramidal Bent 


A Figure 9.4 Derivatives of the tetrahedral molecular shape. 


AB, can be thought of as a trigonal planar AB; arrangement with two additional atoms, 
one above and one below the equilateral triangle. The octahedral shape for ABg has all six 
B atoms at the same distance from atom A with 90° B— A—B angles between all neigh- 
boring B atoms. Its symmetric shape (and its name) is derived from the octahedron, with 
eight faces, all of which are equilateral triangles. 

You may have noticed that some of the shapes we have already discussed are not 
among the five shapes in Figure 9.3. For example, in Figure 9.2, neither the bent shape 
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of the SO, molecule nor the trigonal pyramidal shape of the NF; molecule is among Octahedron 
the shapes in Figure 9.3. However, as we soon will see, we can derive additional shapes, 
such as bent and trigonal pyramidal, by starting with one of our five basic arrangements. 
Starting with a tetrahedron, for example, we can remove atoms successively from the ver- 
tices, as shown in Figure 9.4. When an atom is removed from one vertex of a tetrahedron, 
the remaining AB; fragment has a trigonal-pyramidal geometry. When a second atom is 
removed, the remaining AB, fragment has a bent geometry. 
Why do most AB,, molecules have shapes related to those shown in Figure 9.3? Can 
we predict these shapes? When A is a representative element (one from the s block or p 
block of the periodic table), we can answer these questions by using the valence-shell 
electron-pair repulsion (VSEPR) model. Although the name is rather imposing, the 
model is quite simple. It has useful predictive capabilities, as we will see in Section 9.2. 
Self-Assessment Exercise 
9.1 In addition to tetrahedral, another common shape for AB, (a) Tetrahedral 
molecules is square planar. All five atoms lie in the same (b) Trigonal bipyramidal 
plane, with the B atoms at the corners of a square and the 
A atom at the center of the square. Which shape in Figure 9.3 (9) Octanedral 
could lead to a square-planar shape upon removal of one or 
more atoms? 
Exercises 
9.2 How many nonbonding electron pairs are there in each shape in (ii): Li, B, N, Al, P, Cl? (d) Name an element A that is 
of the following molecules: (a) N(CH3)3, (b) CO, (c) BFs, expected to lead to the AF; structure shown in (iii). 
(d) SO,? 


9.3 The figure that follows shows ball-and-stick drawings of 
three possible shapes of an AF; molecule. (a) For each shape, 
give the electron-domain geometry on which the molecular 
geometry is based. (b) For each shape, how many nonbond- 
ing electron domains are there on atom A? (c) Which of the 
following elements will lead to an AF; molecule with the 


G) 


Po o 


(ii) (iii) 
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9.4 Give the approximate values for the indicated bond angles in H 5 H 
the following molecules: | l 
se © C=C , 
1 i T 3 eo il 
H CN: 
(a) H AN C=C L H 
Lar TAT. | 
z a) H—C—97C7Q—C—H 
Ch ‘ci; | aes | 
l H 8 H 
H H 


ƏS1919X7 }UIUSSƏSSY-}ƏŞ 0} SIƏMSUY 


y 


One of the most iconic shapes of a large molecules is the double helix structure of DNA. 
We instantly recognize it as a three-dimensional object. Less obvious is the association 
between a formula written on a page and the shape of the substance, yet every com- 
pound has a unique size and shape. 

Lewis structures help us understand the compositions of molecules and their cova- 
lent bonds. However, Lewis structures do not show one of the most important aspects of 
molecules—their overall shapes. The shape and size of molecules—sometimes referred to 
as molecular architecture—are defined by the angles and distances between the nuclei of 
the component atoms. 

By the end of this section, you should be able to 


e Draw and name the predicted three-dimensional shapes of molecules using the VSEPR 
model. 


Imagine tying two identical balloons together at their ends. As shown in Figure 9.5, 
the two balloons naturally orient themselves to point away from each other; that is, they 
try to “get out of each other’s way” as much as possible. If we add a third balloon, the 


balloons orient themselves toward the vertices of an equilateral triangle, and if we add a 
fourth balloon, they adopt a tetrahedral shape. We see that an optimum geometry exists 
for each number of balloons. 

In some ways, the electrons in molecules behave like these balloons. We have seen 
that a single covalent bond is formed between two atoms when a pair of electrons occu- 
pies the space between the atoms. A bonding pair of electrons thus defines a region in 
which the electrons are most likely to be found. We will refer to such a region as an 
electron domain. Likewise, a nonbonding pair (or lone pair) of electrons, which was 
also discussed in Section 8.3, defines an electron domain that is located principally on 
one atom. For example, the Lewis structure of NH3 has four electron domains around 
the central nitrogen atom (three bonding pairs, represented as usual by short lines, and 
one nonbonding pair, represented by dots): 


Nonbonding pair 


aN 


vs | 
Bonding pairs pn H 


Each multiple bond in a molecule also constitutes a single electron domain. Thus, 
the following resonance structure for O3 has three electron domains around the central 
oxygen atom (a single bond, a double bond, and a nonbonding pair of electrons): 


ğ—ö=ğ 


In general, each nonbonding pair, single bond, or multiple bond produces a single electron 
domain around the central atom in a molecule. 

The VSEPR model is based on the idea that electron domains are negatively charged 
and therefore repel one another. Like the balloons in Figure 9.5, electron domains try to 
stay out of one another’s way. 


The best arrangement of a given number of electron domains is the one that 
minimizes the repulsions among them. 


In fact, the analogy between electron domains and balloons is so close that the same 
preferred geometries are found in both cases. Like the balloons in Figure 9.5, two electron 
domains orient linearly, three domains orient in a trigonal-planar fashion, and four orient 
tetrahedrally. These arrangements, together with those for five- and six-electron domains, 
are summarized in Table 9.1. If you compare the geometries in Table 9.1 with those in 
Figure 9.3, you will see that they are the same. 


The shapes of different AB, molecules or ions depend on the number 
of electron domains surrounding the central atom. 


The arrangement of electron domains about the central atom of an AB,, molecule or 
ion is called its electron-domain geometry. In contrast, the molecular geometry 
is the arrangement of only the atoms in a molecule or ion—any nonbonding pairs in the 
molecule are not part of the description of the molecular geometry. 


Applying the VSEPR Model to Determine Molecular Shapes 


In determining the shape of any molecule, we first use the VSEPR model to predict the 
electron-domain geometry. From knowing how many of the domains are due to non- 
bonding pairs, we can then predict the molecular geometry. When all the electron 
domains in a molecule arise from bonds, the molecular geometry is identical to the 
electron-domain geometry. When, however, one or more domains involve nonbonding 
pairs of electrons, we must remember that the molecular geometry involves only electron do- 
mains due to bonds even though the nonbonding pairs contribute to the electron-domain 
geometry. 
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Two balloons 
linear orientation 


Three balloons 
trigonal-planar orientation 


Four balloons 
tetrahedral orientation 


A Figure 9.5 A balloon analogy for electron 
domains. 
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TABLE 9.1 Electron-Domain Geometries as a Function of Number 
of Electron Domains 


Number of Arrangement of Electron Domain Predicted 
Electron Domains* Electron Domains Geometry Bond Angles 
180° 

2 Linear 180° 
Tri 1 

3 rigona 120° 
planar 

4 Tetrahedral 109.5° 

5 Trigonal 120° 
bipyramidal 90° 

6 Octahedral 90° 


*The number of electron domains is sometimes called the coordination number of the atom. 


How to Predict the Shapes of Molecules and lons Using the VSEPR Model 
1. Draw the Lewis structure of the molecule or ion, and count the number of electron 
domains around the central atom. Each nonbonding electron pair, each single 
bond, each double bond, and each triple bond counts as one electron domain. 
2. Determine the electron-domain geometry by arranging the electron domains about the 
central atom so that the repulsions among them are minimized, as shown in Table 9.1. 


3. Use the arrangement of the bonded atoms to determine the molecular geometry. 


Table 9.2 summarizes the possible molecular geometries when an AB,, molecule has 
four or fewer electron domains about A. These geometries are important because they 
include all the shapes usually seen in molecules or ions that obey the octet rule. 

Figure 9.6 shows how to use the three steps in the VSEPR model to predict the 
geometry of the NH; molecule. The three bonds and one nonbonding pair in the Lewis 
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TABLE 9.2 Electron-Domain and Molecular Geometries for Two, Three, and Four Electron 
Domains around a Central Atom 


Number of Electron-Domain Bonding Nonbonding Molecular 

Electron Domains Geometry Domains Domains Geometry Example 

2 gez 2 0 -@= 2 o=C=6 
Linear Linear 


i 
3 3 0 B 
TA SE 


Trigonal planar 
Trigonal planar 


Bent 
i 
& 
4 4 0 > T) a V i N 
3 = 
Tetrahedral Tetrahedral 
3 1 3 Ñ 
K 
3 o H ġġ H 
Trigonal 
pyramidal 
2 2 
Z 
e) H H 
Bent 
ss < Figure 9.6 Determining 
Jf ba the molecular geometry 
7 7 Sa of NH3. 


NH, => Ba 


H 
19 Draw Lewis 7) Determine electron-domain Determine molecular 
structure. geometry by counting all electron geometry by counting only 


domains; then use Table 9.1 to bonding electron domains to 
determine the appropriate see the arrangement of 


electron domain geometry. bonded atoms (trigonal 
pyramidal). 
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structure tell us we have four electron domains. Thus, from Table 9.1, the electron-domain 
geometry of NH; is tetrahedral. We know from the Lewis structure that one electron 
domain is due to a nonbonding pair, which occupies one of the four vertices of the tetra- 
hedron. In determining the molecular geometry, we consider only the three N— H bond 
domains, which leads to a trigonal pyramidal geometry. The situation is just like the 
middle drawing in Figure 9.4 in which removing one atom from a tetrahedral molecule 
results in a trigonal pyramidal molecule. Notice that the tetrahedral arrangement of the 
four electron domains leads us to predict the trigonal-pyramidal molecular geometry. 

Because the trigonal-pyramidal molecular geometry is based on a tetrahedral 
electron-domain geometry, the ideal bond angles are 109.5°. As we will soon see, bond 
angles deviate from ideal values when the surrounding atoms and electron domains are 
not identical. 

As one more example, let’s determine the shape of the CO, molecule. Its Lewis 
structure reveals two electron domains (each one a double bond) around the central carbon: 
O=C=9 

Two electron domains orient in a linear electron-domain geometry (Table 9.1). 
Because neither domain is a nonbonding pair of electrons, the molecular geometry is 
also linear, and the O— C—O bond angle is 180°. 


be Sample Exercise 9.1 (>) 


F” Using the VSEPR Model 


Use the VSEPR model to predict the molecular geometry of (a) O3, (b) SnCl3. 


SOLUTION 

Analyze We are given the molecular formulas of a molecule and a Plan To predict the molecular geometries, we draw their Lewis struc- 
polyatomic ion, both conforming to the general formula AB, and tures and count electron domains around the central atom to get the 
both having a central atom from the p block of the periodic table. electron-domain geometry. We then obtain the molecular geometry 
(Notice that for O3, the A and B atoms are all oxygen atoms.) from the arrangement of the domains that are due to bonds. 

Solve 

(a) We can draw two resonance structures for O3: :0O—0=0 —> O=0—O: 


Because of resonance, the bonds between the central O atom and the outer O 


atoms are of equal length. In both resonance structures, the central O atom is 
bonded to the two outer O atoms and has one nonbonding pair. Thus, there oœ 
are three electron domains about the central O atoms. (Remember that a pox 

x 


double bond counts as a single electron domain.) The arrangement of three O O 
electron domains is trigonal planar (Table 9.1). Two of the domains are from 

bonds, and one is due to a nonbonding pair. So, the molecular geometry is 

bent with an ideal bond angle of 120° (Table 9.2). 

Comment As this example illustrates, when a molecule exhibits resonance, any 

one of the resonance structures can be used to predict the molecular geometry. 


(b) The Lewis structure for SnCl; is: = 


Cl] BE 
:Cl: 
The central Sn atom is bonded to the three Cl atoms and has one nonbonding 
pair; thus, we have four electron domains, meaning a tetrahedral electron- 9 


domain geometry (Table 9.1) with one vertex occupied by a nonbonding pair 
of electrons. A tetrahedral electron-domain geometry with three bonding and w Sn —Cl = 
one nonbonding domains leads to a trigonal-pyramidal molecular geometry Cr" N 
(Table 9.2). Cl 


» Practice Exercise 


Predict the electron-domain and molecular geometries for 
(a) SeClp, (b) CO3. 


Effect of Nonbonding Electrons and 
Multiple Bonds on Bond Angles 
We can refine the VSEPR model to explain slight distortions from the ideal geometries 


summarized in Table 9.2. For example, consider methane (CH,), ammonia (NH3), and 
water (H20). All three have a tetrahedral electron-domain geometry, but their bond 


angles differ slightly: 
l Vo 
H S/H H S/H AH 
H 109.5 H 107 H 104.5° 


Notice that the bond angles decrease as the number of nonbonding electron pairs 
increases. A bonding pair of electrons is attracted by both nuclei of the bonded atoms, but 
a nonbonding pair is attracted primarily by only one nucleus. Because a nonbonding pair 
experiences less nuclear attraction, its electron domain is spread out more in space than is 
the electron domain for a bonding pair (Figure 9.7). Nonbonding electron pairs therefore 
take up more space than bonding pairs; in essence, they act as larger and fatter balloons 
in our analogy of Figure 9.5. As a result, electron domains for nonbonding electron pairs exert 
greater repulsive forces on adjacent electron domains and tend to compress bond angles. 

Because multiple bonds contain a higher electronic-charge density than single 
bonds, multiple bonds also represent enlarged electron domains. Consider the Lewis 
structure of phosgene, Cl}CO: 


:Cl 


Because three electron domains surround the central atom, we might expect a 
trigonal-planar geometry with 120° bond angles. The double bond, however, seems to act 
much like anonbonding pair of electrons, reducing the Cl— C— Cl bond angle to 111.4°: 
Cl, 124.3? 
m4cXO 


124.3° 


In general, electron domains for multiple bonds exert a greater repulsive force on adjacent 
electron domains than do electron domains for single bonds. 


Molecules with Expanded Valence Shells 


Atoms from Period 3 and beyond may be surrounded by more than four electron pairs. 
Molecules with five or six electron domains around the central atom have molecu- 
lar geometries based on either a trigonal-bipyramidal (five domains) or octahedral (six 
domains) electron-domain geometry (Table 9.3). 

The most stable electron-domain geometry for five electron domains is the trigonal 
bipyramid (two trigonal pyramids sharing a base). Unlike the other arrangements we 
have seen, the electron domains in a trigonal bipyramid can point toward two geomet- 
rically distinct types of positions. Two domains point toward axial positions, and three 
point toward equatorial positions (Figure 9.8). Each axial domain makes a 90° angle with 
any equatorial domain. Each equatorial domain makes a 120° angle with either of the 
other two equatorial domains and a 90° angle with either axial domain. 

Suppose a molecule has five electron domains, and there are one or more non- 
bonding pairs. Will the domains from the nonbonding pairs occupy axial or equato- 
rial positions? To answer this question, we must determine which location minimizes 
repulsion between domains. Repulsion between two domains is much greater when they 
are situated 90° from each other than when they are at 120°. An equatorial domain is 
90° from only two other domains (the axial domains), but an axial domain is 90° from 
three other domains (the equatorial domains). Hence, an equatorial domain experiences 
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Bonding electron pair 


Nuclei 


Nonbonding pair 


Nucleus 


421 


A Figure 9.7 Relative volumes occupied by 
bonding and nonbonding electron domains. 


W Go Figure 


equatorial atom? 


Axial position 


Three 
equatorial 

positions form 
an equilateral 
triangle. 


Axial position 


for the outer atoms. 


What is the bond angle formed by an 
axial atom, the central atom, and any 


A Figure 9.8 In a trigonal-bipyramidal 
geometry, there are two types of positions 
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TABLE 9.3 Electron-Domain and Molecular Geometries for Five and Six Electron 
Domains around a Central Atom 


Number of Electron-Domain Bonding Nonbonding Molecular 
Electron Domains Geometry Domains Domains Geometry Example 
5 5 0 | PCl; 
Trigonal Trigonal 
bipyramidal bipyramidal 
4 1 SF4 
3 2 CIF; 
2 3 XeF, 
Linear 
6 6 0 SF, 
Octahedral Octahedral 
5 1 ‘ws Br 
Square pyramidal 
4 2 ə XeFy 


Square planar 
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less repulsion than an axial domain. Because the domains from nonbonding pairs exert 
larger repulsions than those from bonding pairs, nonbonding domains always occupy 
the equatorial positions in a trigonal bipyramid. 

The most stable electron-domain geometry for six electron domains is the octahedron. 
An octahedron is a polyhedron with six vertices and eight faces, each an equilateral trian- 
gle. An atom with six electron domains around it can be visualized as being at the center 
of the octahedron with the electron domains pointing toward the six vertices, as shown 
in Table 9.3. All the bond angles are 90°, and all six vertices are equivalent. Therefore, if an 
atom has five bonding electron domains and one nonbonding domain, we can put the 
nonbonding domain at any of the six vertices of the octahedron. The result is always a 
square-pyramidal molecular geometry. When there are two nonbonding electron domains, 
however, their repulsions are minimized by pointing them toward opposite sides of the 
octahedron, producing a square-planar molecular geometry, as shown in Table 9.3. 


SA Sample Exercise 9.2 


D Molecular Geometries of Molecules with Expanded Valence Shells 


Use the VSEPR model to predict the molecular geometry of (a) SF4, (b) IFs. 


SOLUTION 
Analyze The molecules are of the AB, type with a central Plan We first draw Lewis structures and then use the VSEPR 
p-block atom. model to determine the electron-domain geometry and 
molecular geometry. 
Solve 
(a) The Lewis structure for SF; is: Eo CE 
P gi 
S 
i, 
The sulfur has five electron domains around it: four 
from the S—F bonds and one from the nonbonding F 


pair. Each domain points toward a vertex of a trigonal 
bipyramid. The domain from the nonbonding pair 

will point toward an equatorial position. The four aN > 
bonds point toward the remaining four positions, | 

resulting in a molecular geometry that is described as 
seesaw-shaped: 


Comment The experimentally observed structure is shown on the 

right. We can infer that the nonbonding electron domain occu- 

pies an equatorial position, as predicted. The axial and equatorial o 

S— F bonds are slightly bent away from the nonbonding domain, 186 hi 116° 
suggesting that the bonding domains are “pushed” by the non- 

bonding domain, which exerts a greater repulsion (Figure 9.7). 


Solve 


“E: 
(b) The Lewis structure of IF; is: i af as 
'E— IZE: 
A NG 
E: «F 
The iodine has six electron domains around it, one of which 
is nonbonding. The electron-domain geometry is therefore 
octahedral, with one position occupied by the nonbonding F 
pair, and the molecular geometry is square pyramidal F m. | a F 
Table 9.3): T° = `| 
Comment Because the nonbonding domain is larger than the atom. Experimentally, we find that the angle between the base 
bonding domains, we predict that the four F atoms in the atoms and the top F atom is 82°, smaller than the ideal 90° an- 
base of the pyramid will be tipped up slightly toward the top F gle of an octahedron. 


Continued 
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> Practice Exercise 
A certain AB, molecule has a square-planar molecular geom- 
etry. Which of the following statements about the molecule 
is or are true? 


(a) Only one of the statements is true. 
(b) Statements (i) and (ii) are true. 

(c) Statements (i) and (iii) are true. 

(d) Statements (ii) and (iii) are true. 


(e) All three statements are true. 


(i) The molecule has four electron domains about the central 


atom A. 

(ii) The B—A—B angles between neighboring B atoms 
are 90°. 

(iii) The molecule has two nonbonding pairs of electrons on 
atom A. 


Shapes of Larger Molecules 


Although the molecules and ions we have considered contain only a single central atom, 
the VSEPR model can be extended to more complex molecules. Consider the acetic acid 
molecule: 


H i 
A E 
H 


We can use the VSEPR model to predict the geometry about each carbon atom and 
the oxygen atom: 


T T 
H i C O—H 
H 
Number of electron domains 4 3 4 
Electron-domain geometry Tetrahedral Trigonal Tetrahedral 
planar 
Predicted bond angles 109.5° 120° 109.5° 


The C on the left has four electron domains (all bonding), so the electron-domain 
and molecular geometries around that atom are both tetrahedral. The central C has 
three electron domains (counting the double bond as one domain), making both the 
electron-domain and the molecular geometries trigonal planar. The O on the right has 
four electron domains (two bonding, two nonbonding), so its electron-domain geome- 
try is tetrahedral and its molecular geometry is bent. The bond angles about the central 
C atom and the O atom are expected to deviate slightly from the ideal values of 120° and 
109.5° because of the spatial demands of multiple bonds and nonbonding electron pairs. 

Our analysis of the acetic acid molecule is shown in Figure 9.9. 


> Sample Exercise 9.3 


la Predicting Bond Angles 


Eyedrops for dry eyes usually contain a water-soluble polymer called poly(vinyl alcohol), which is based on the unstable organic 


molecule vinyl alcohol: 


H H 


H—Ö—C=C—H 


Predict the approximate values for the H— O — C and O—C—C bond angles in vinyl alcohol. 
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SOLUTION 


Analyze We are given a Lewis structure and asked to determine two 
bond angles. 


electron domains about it. The predicted electron-domain geom- 
etry is trigonal planar, resulting in an ideal bond angle of 120°. 
Because of the larger size of the C=C domain, the bond angle 


Plan To predict a bond angle, we determine the number of elec- should be slightly greater than 120°. 


tron domains surrounding the middle atom in the angle. The 
ideal angle corresponds to the electron-domain geometry around 
the atom. The angle will be compressed somewhat by nonbond- 
ing electrons or multiple bonds. 


> Practice Exercise H 
The atoms of the compound methylhydra- | 
zine, CH6N3, which is used as a rocket pro- gC 
pellant, are connected as follows (note that 
lone pairs are not shown): 


Solve In H—O—C, the O atom has four electron domains (two 
bonding, two nonbonding). The electron-domain geometry around 


O is therefore tetrahedral, which gives an ideal angle of 109.5°. E ; N—N—H 
The H— O— C angle is compressed somewhat by the nonbonding ce do tie at S TE a | | 
pairs, so we expect this angle to be slightly less than 109.5°. aiie C and ans Ss) Jal lel 


respectively? 


(a) 109.5° and 109.5° (b) 109.5° and 120° (ec) 120° and 
109.5° (d) 120°and 120° (e) None of these 


To predict the O— C—C bond angle, we examine the middle 
atom in the angle. In the molecule, there are three atoms bonded 
to this C atom and no nonbonding pairs, and so it has three 


In the actual structure of acetic acid, which bond angle is 
expected to be the smallest? 


W Go Figure 


a. 


Electron-domain geometry tetrahedral, 
molecular geometry bent 


molecular geometry tetrahedral 


molecular geometry trigonal planar 


Electron-domain geometry tetrahedral, l Electron-domain geometry trigonal a 


A Figure 9.9 The electron-domain and molecular geometries around the three central atoms of 
acetic acid, CH,;COOH. 


Self-Assessment Exercise 


9.5 What is the O—S—O bond angle in sulfur trioxide, SO3? (c) 120° 
(a) 90° (d) 180° 
(b) 109.5° 
Exercises 


9.6 (a) An AB, molecule is linear. How many nonbonding elec- 9.8 In which of these molecules or ions does the presence of 


tron pairs are around the A atom from this information? 
(b) How many nonbonding electrons surround the Xe in 
XeF,? (c) Is XeF, linear? 

9.7 (a) An AB, molecule has no lone pairs of electrons on the A 
atom. What is its molecular geometry? (b) An AB, molecule 
has two lone pairs of electrons on the A atom (in addition 
to the four B atoms). What is the electron-domain geometry 
around the A atom? (c) For the AB, molecule in part (b), pre- 
dict the molecular geometry. 


nonbonding electron pairs produce an effect on molecular 
shape? (a) COs, (b) CH2Brp, (c) OF), (d) BCls, (e) SFs. 


9.9 Give the electron-domain and molecular geometries of 
a molecule that has the following electron domains on 
its central atom: (a) four bonding domains and no non- 
bonding domains, (b) three bonding domains and two 
nonbonding domains, (c) five bonding domains and 
one nonbonding domain, (d) four bonding domains and 
two nonbonding domains. 
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9.10 Give the electron-domain and molecular geometries for the H—N—H bond angle? (b) Which species has the smallest 
following molecules and ions: (a) Bef), (b) AsCls, (c) NOz , H—N-—H bond angle? 
(d) CS2, (e) SE, (f) BrFs. 9.12 (a) Explain why BrF, is square planar, whereas BF, is tetra- 
9.11 Ammonia, NH}, reacts with incredibly strong bases to pro- hedral. (b) How would you expect the H— X— H bond angle 
duce the amide ion, NH7 . Ammonia can also react with ac- to vary in the series H2O, H2S, H,Se? Explain. (Hint: The size 
ids to produce the ammonium ion, NH,". (a) Which species of an electron pair domain depends in part on the electro- 
(amide ion, ammonia, or ammonium ion) has the largest negativity of the central atom.) 
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A4 
9.3 | Molecular Shape and 
Molecular Polarity 


(R)-naproxen 


The shape and size of a molecule of a substance, together with the strength and polarity of 
its bonds, largely determine the properties of that substance. Some of the most dramatic 
examples of the important roles of molecular architecture are seen in biochemical reac- 
tions. Drugs are examples of molecules in which small changes in the three-dimensional 
arrangement of atoms have huge consequences. In the image, we see two different mole- 
cules: their trade names are (S)-naproxen and (R)-naproxen. They have the same chemical 
formula and even the same number of the same kind of chemical bonds; but if you look 
closely, the positions of an H and a CH; group are reversed in one compared to the other. 
The (S) compound is prescribed to treat patients who experience the pain of arthritis; the 
(R) compound has no beneficial effects in humans and, in fact, causes liver poisoning. 
These compounds belong to a special class of structural isomers called enantiomers that we 
will learn more about later in the book. Much effort in the pharmaceutical industry goes 
into making, separating, and purifying one isomer of a compound from other isomers. 
By the end of this section, you should be able to 


e Determine whether a molecule is polar or nonpolar based on its geometry and the 
individual bond dipole moments. 


SECTION 9.3 Molecular Shape and Molecular Polarity 


Now that we have a sense of the shapes that molecules adopt and why they do so, we 
will return to some topics that we first discussed in Section 8.4, namely, bond polarity and 
dipole moments. Recall that bond polarity is a measure of how equally the electrons in a 
bond are shared between the two atoms of the bond. As the difference in electronegativity 
between the two atoms increases, so does the bond polarity. We saw that the dipole moment 
of a diatomic molecule is a measure of the amount of charge separation in the molecule. 

For a molecule consisting of more than two atoms, the dipole moment depends on both 
the polarities of the individual bonds and the geometry of the molecule. For each bond in the 
molecule, we consider the bond dipole, which is the dipole moment due only to the 
two atoms in that bond. Consider the linear CO, molecule, for example. As shown in 
Figure 9.10(a), each C=O bond is polar, and because the C=O bonds are identical, the 
bond dipoles are equal in magnitude. A plot of the molecule’s electron density clearly 
shows that the individual bonds are polar, but what can we say about the overall dipole 
moment of the molecule? 

Bond dipoles and dipole moments are vector quantities; that is, they have both a mag- 
nitude and a direction. The dipole moment of a polyatomic molecule is the vector sum 
of its bond dipoles. Both the magnitudes and the directions of the bond dipoles must 
be considered when summing vectors. The two bond dipoles in CO,, although equal 
in magnitude, are opposite in direction. Adding them is the same as adding two num- 
bers that are equal in magnitude but opposite in sign, such as 100 + (—100). The bond 
dipoles, like the numbers, “cancel” each other. Therefore, the dipole moment of CO; is 
zero, even though the individual bonds are polar. The geometry of the molecule dictates 
that the overall dipole moment be zero, making CO, a nonpolar molecule. 

Now let’s consider H2O, a bent molecule with two polar bonds (Figure 9.10(b)). 
Again, the two bonds are identical, and the bond dipoles are equal in magnitude. Because 
the molecule is bent, however, the bond dipoles do not directly oppose each other and 
therefore do not cancel. Hence, the H2O molecule has an overall nonzero dipole moment 
(measured dipole moment, u = 1.85 D) and is therefore a polar molecule. The oxygen 
atom carries a partial negative charge, and the hydrogen atoms each have a partial posi- 
tive charge, as shown in Figure 9.10(b). 


CO, nonpolar 


Equal and oppositely directed bond dipoles 


YW CN TTT what is the sum of the two red vectors at the top of the left figure? 


AN 


3.5 2.5 3.5 
Overall dipole moment = 0 


(a) 


A Figure 9.10 CO, a nonpolar molecule, and H20, a polar molecule. The numbers are 
electronegativity values for these two atoms. 


Low electron density High electron density 


a= 


A 21 


ll dipole moment 
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3.0 
< ~~ 2.1 il — ) 
2.5 Polar = 21 
BE; 4.0 P 
Nonpolar CH;CI 
Polar CCl, 


Nonpolar 


A Figure 9.11 Polar and nonpolar molecules containing polar bonds. The numbers are 
electronegativity values. 


Figure 9.11 shows some examples of polar and nonpolar molecules, all with polar 
bonds. The molecules in which the central atom is symmetrically surrounded by 
identical atoms (BF; and CCl,) are nonpolar. For AB,, molecules in which all the B atoms 
are the same, certain symmetrical shapes—linear (ABz), trigonal planar (AB3), tetrahe- 
dral and square planar (AB,), trigonal bipyramidal (AB;), and octahedral (AB,)—must 
lead to nonpolar molecules even though the individual bonds might be polar. 


i> Sample Exercise 9.4 
D Polarity of Molecules 


Predict whether these molecules are polar or nonpolar: (a) BrCl, (b) SO», (c) SFe. 


SOLUTION 


g 
Analyze We are given three molecular formulas and asked to a Sa 

A O O 
predict whether the molecules are polar. 
Plan A molecule containing only two atoms is polar if the atoms Experimentally the dipole moment mof SO2151:63 D. 


differ in electronegativity. The polarity of a molecule containing 


three or more atoms depends on both the molecular geometry 
and the individual bond polarities. Thus, we must draw a Lewis 
structure for each molecule containing three or more atoms and 


(c) Fluorine is more electronegative than sulfur, so the bond 


dipoles point toward fluorine. For clarity, only one S—F 
dipole is shown. The six S— F bonds are arranged octahedrally 
around the central sulfur: 


determine its molecular geometry. We then use electronegativity 


values to determine the direction of the bond dipoles. Finally, we F 
see whether the bond dipoles cancel to give a nonpolar molecule | fi 
or reinforce each other to give a polar one. F—SSF 
4 
Solve 
p F 


(a) Chlorine is more electronegative than bromine. All diatomic 
molecules with polar bonds are polar molecules. Conse- 
quently, BrCl is polar, with chlorine carrying the partial nega- 
tive charge: 


Because the octahedral molecular geometry is symmetrical, the 
bond dipoles cancel, and the molecule is nonpolar, meaning 
that u = 0. 

+— 


Br—Cl 
The measured dipole moment u of BrCl is 0.57 D. 


(b) Because oxygen is more electronegative than sulfur, SO, has z r 
polar bonds. Three resonance forms can be written: > Practice Exercise 

Consider an AB; molecule in which A and B differ in elec- 
tronegativity. You are told that the molecule has an over- 
all dipole moment of zero. Which of the following could 
be the molecular geometry of the molecule? 
(a) Trigonal pyramidal (b) Trigonal planar 
(c) T-shaped (d) Tetrahedral 
(e) More than one of these options 


:0—S=0: ——> !0=S—O: ——> 0=S=0: 


For each of these, the VSEPR model predicts a bent molecular 
geometry. Because the molecule is bent, the bond dipoles do 
not cancel, and the molecule is polar: 
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Self-Assessment Exercise 


9.13 Is phosphorus pentachloride, PCl;, polar or nonpolar? 
(a) Polar 
(b) Nonpolar 


Exercises 

9.14 Consider a molecule with formula AX2. Supposing the A— X 9.17 Predict whether each of the following molecules is polar or 
bond is polar, how would you expect the dipole moment of nonpolar: (a) IF, (b) CS3, (c) SO3, (d) PCls, (e) SFe, (£) IFs. 
the AX, moleca to change as the X— A— X bond angle de- 9.18 Dichloroethylene (C2H,Cl,) has three forms (isomers), each 
creases from 180° to 100°? of which is a different substance. (a) Draw Lewis structures of 

9.15 (a) Does CS, have a dipole moment? If so, in which direction the three isomers, all of which have a carbon-carbon double 
does the net dipole point? (b) Does SO; have a dipole moment? bond. (b) Which of these isomers has a zero dipole moment? 
If so, in which direction does the net dipole point? (c) How many isomeric forms can chloroethylene, C,H3Cl, 


have? Would they be expected to have dipole moments? 


9.16 (a) Is the molecule BF; polar or nonpolar? (b) If you react BF; 
to make the ion BF” , is this ion planar? (c) Does the mole- 
cule BF,Cl have a dipole moment? 
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9.4 | Covalent Bonding and 
Orbital Overlap 


Electron orbitals overlap to form a chemical bond much as the two parts of a zipper come 
together to form a secure fastening. A compatible size and shape of the two components 
is necessary in both cases! By the end of this section, you should be able to 


e Appreciate the role of orbital overlap in a chemical bond 


The VSEPR model provides a simple means for predicting molecular geometries 
but does not explain why bonds exist between atoms. In developing theories of cova- 
lent bonding, chemists have approached the problem from another direction, using 
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Orbitals overlap to 


form covalent bond. 


H—H 
1s 3p 
H— Ğİ: 

; 3p r 3p 
Å: 


( > ) A Figure 9.12 Covalent bonds in 
H2, HCI, and Cl, result from overlap 


of atomic orbitals. 


quantum mechanics. How can we use atomic orbitals to explain bonding and to account 
for molecular geometries? The marriage of Lewis’s notion of electron-pair bonds and 
the idea of atomic orbitals leads to a model of chemical bonding, called valence-bond 
theory, in which bonding electron pairs are concentrated in the regions between 
atoms, and nonbonding electron pairs lie in directed regions of space. By extending this 
approach to include the ways in which atomic orbitals can mix with one another, we 
obtain an explanatory picture that corresponds to the VSEPR model. 

In Lewis theory, covalent bonding occurs when atoms share electrons because the 
sharing concentrates electron density between the nuclei. In valence-bond theory, we 
visualize the buildup of electron density between two nuclei as occurring when a valence 
atomic orbital of one atom shares space, or overlaps, with a valence atomic orbital of 
another atom. The overlap of orbitals allows two electrons of opposite spin to share the 
space between the nuclei, forming a covalent bond. 

Figure 9.12 shows three examples of how valence-bond theory describes the coming 
together of two atoms to form a molecule. In the example of the formation of Hz, each 
hydrogen atom has a single electron in a 1s orbital. As the orbitals overlap, electron density 
is concentrated between the nuclei. Because the electrons in the overlap region are simul- 
taneously attracted to both nuclei, they hold the atoms together, forming a covalent bond. 

The idea of orbital overlap producing a covalent bond applies equally well to other 
molecules. In HCI, for example, chlorine has the electron configuration [Ne]3s?3p°. All 
the valence orbitals of chlorine are full except one 3p orbital, which contains a single elec- 
tron. This 3p electron pairs with the single 1s electron of H to form the covalent bond that 
holds HCI together (Figure 9.12). Because the other two chlorine 3p orbitals are already 
each filled with a pair of electrons, they do not participate in the bonding to hydrogen. 
Likewise, we can explain the covalent bond in Cl, in terms of the overlap of the singly 
occupied 3p orbital of one Cl atom with the singly occupied 3p orbital of another. 

There is always an optimum distance between the two nuclei in any covalent bond. 
Figure 9.13 shows how the potential energy of a system consisting of two H atoms changes 
as the atoms come together to form an H, molecule. When the atoms are infinitely far 
apart, they do not “feel” each other and so the energy approaches zero. As the distance 
between the atoms decreases, the overlap between their 1s orbitals increases. Because of 
the resulting increase in electron density between the nuclei, the potential energy of the 
system decreases. That is, the strength of the bond increases, as shown by the decrease in 


D4 Go Figure From this graph, what are the bond length and bond strength 
in the Hə molecule? 


Potential energy decreases 
with increasing orbital overlap. 


Energy (kJ/mol) ——~ 


Nucleus—nucleus 
repulsion increasingly 
important 


H—H distance ——~>- 
Balance between attractive 
and repulsive forces 


( > ) A Figure 9.13 Formation of the Hz molecule as atomic orbitals overlap. 
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the potential energy of the two-atom system. However, Figure 9.13 also shows that the 
energy increases sharply when the distance between the two hydrogen nuclei is less than 
74 pm. The increase in potential energy of the system, which becomes significant at short 
internuclear distances, is due mainly to the electrostatic repulsion between the nuclei. The 
internuclear distance at the minimum of the potential-energy curve (in this example, at 
74 pm) corresponds to the bond length of the molecule. The potential energy at this mini- 
mum corresponds to the bond strength. Thus, the observed bond length is the distance at 
which the attractive forces between unlike charges (electrons and nuclei) are balanced by 
the repulsive forces between like charges (electron-electron and nucleus-nucleus). 


Self-Assessment Exercise 


9.19 What atomic orbitals are expected to overlap in the bonding (c) F 2p and Cl 2p 


of F and Cl in FCI? (d) F 2p and Cl 3p 
(a) F 2s and Cl 2s 


(b) F 2s and Cl 3s 


Exercises 
9.20 Draw sketches illustrating the overlap between the follow- the z-axis), (c) the 2s orbital on one atom and the 2p, orbital 
ing orbitals on two atoms: (a) the 2s orbital on each atom, on the other atom. 


(b) the 2p, orbital on each atom (assume both atoms are on 
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9.5 | Hybrid Orbitals 


A hybrid car is one that has two different energy sources for its propulsion— electric- 


ity and petrol. These energy sources remain separable and distinct from one another. 
In biology, however, a hybrid is a blend of characteristics from two different species. For 
example, a mule is a cross between a donkey and a horse, having more strength than the 
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former and being smaller than the latter. In chemistry, when we talk of hybrid orbitals, 
we mean a blend that displays some of the shape and size characteristics of the contrib- 
uting orbitals. 

By the end of this section, you should be able to 


e Determine the hybridization of atoms in molecules based on observed molecular 
structures. 


The VSEPR model, simple as it is, does a surprisingly good job at predicting molecu- 
lar shape, despite the fact that it has no obvious relationship to the filling and shapes of 
atomic orbitals. For example, we would like to understand how to account for the tetra- 
hedral arrangement of C—H bonds in methane in terms of the 2s and 2p orbitals of the 
central carbon atom, which are not directed toward the apices of a tetrahedron. How can 
we reconcile the notion that covalent bonds are formed from overlap of atomic orbitals 
with the molecular geometries that come from the VSEPR model? 

To begin with, we recall that atomic orbitals are mathematical functions that come 
from the quantum-mechanical model for atomic structure. To explain molecular geome- 
tries, we often assume that the atomic orbitals on an atom (usually the central atom) mix 
to form new orbitals called hybrid orbitals. The shape of any hybrid orbital is different 
from the shapes of the original atomic orbitals. The process of mixing atomic orbitals is a 
mathematical operation called hybridization. The total number of atomic orbitals on 
an atom remains constant, so the number of hybrid orbitals on an atom equals the num- 
ber of atomic orbitals that are mixed. 

As we examine the common types of hybridization, notice the connection between 
the type of hybridization and some of the molecular geometries predicted by the VSEPR 
model: linear, bent, trigonal planar, and tetrahedral. 


sp Hybrid Orbitals 


To illustrate the process of hybridization, consider the BeF, molecule, which has the 
Lewis structure 


:F—Be—F: 


The VSEPR model predicts that BeF; is linear with two identical Be —F bonds, in accord 
with experiment. How can we use valence-bond theory to describe the bonding? The 
electron configuration of F (1s72s?2p°) indicates an unpaired electron in a 2p orbital. 
This electron can be paired with an unpaired Be electron to form a polar covalent bond. 
Which orbitals on the Be atom, however, overlap with those on the F atoms to form the 
Be— F bonds? 

The orbital diagram for a ground-state Be atom is 


1] [a] 


1s 2s 2p 


Because it has no unpaired electrons, the Be atom in its ground state cannot bond with 
the fluorine atoms. The Be atom could form two bonds, however, by envisioning that we 
“promote” one of the 2s electrons to a 2p orbital: 


WL 


1s 2s 2p 


The Be atom now has two unpaired electrons and can therefore form two polar covalent 
bonds with F atoms. The two bonds would not be identical, however, because a Be 2s 
orbital would be used to form one of the bonds and a 2p orbital would be used to form 
the other. Therefore, although the promotion of an electron allows two Be—F bonds to 
form, we still have not explained the structure of BeFp. 


Hybridize 
+ ———_—_—_—> 


One s atomic orbital One p atomic orbital 


Two sp hybrid orbitals 
( => ) A Figure 9.14 Formation of sp hybrid orbitals. 


We can solve this dilemma by “mixing” the 2s orbital with one 2p orbital to generate 
two new orbitals, as shown in Figure 9.14. Like p orbitals, each new orbital has two lobes. 
Unlike p orbitals, however, one lobe is much larger than the other. The two new orbitals 
are identical in shape, but their large lobes point in opposite directions. These two new 
orbitals, which are shown in purple in Figure 9.14, are hybrid orbitals. Because we have 
hybridized one s and one p orbital, we call each hybrid an sp hybrid orbital. According to 
the valence-bond model, a linear arrangement of electron domains implies sp hybridization. 

For the Be atom of BeF,, we write the orbital diagram for the formation of two sp 
hybrid orbitals as 


th) [1 [4] 


1s sp 2p 


The electrons in the sp hybrid orbitals can form bonds with the two fluorine atoms 
(Figure 9.15). Because the sp hybrid orbitals are equivalent but point in opposite direc- 
tions, BeF, has two identical bonds and a linear geometry. We have used one of the 2p 
orbitals in making the hybrids; the remaining two 2p atomic orbitals of Be remain unhy- 
bridized and are vacant. Remember also that each fluorine atom has two other valence 
p atomic orbitals, each containing one nonbonding electron pair. Those atomic orbitals 
are omitted from Figure 9.15 to keep the illustration simpler. 


sp? and sp? Hybrid Orbitals 


Whenever we mix a certain number of atomic orbitals, we get the same number of hybrid 
orbitals. Each hybrid orbital is equivalent to the others but points in a different direction. 
Thus, mixing one 2s and one 2p atomic orbital yields two equivalent sp hybrid orbitals 
that point in opposite directions (Figure 9.14). Other combinations of atomic orbitals 
can be hybridized to obtain different geometries, such as sp” and spè. 

In BF3, for example, mixing the 2s and two of the 2p atomic orbitals yields three 
equivalent sp” (pronounced “s-p-two”) hybrid orbitals (Figure 9.16). The three sp? hybrid 
orbitals lie in the same plane, 120° apart from one another. They are used to make three 
equivalent bonds with the three fluorine atoms, leading to the trigonal-planar molecular 
geometry of BF;. Notice that an unfilled 2p atomic orbital remains unhybridized; it is ori- 
ented perpendicular to the plane defined by the three sp” hybrid orbitals, with one lobe 
above and one below the plane. This unhybridized orbital will be important when we 
discuss double bonds in Section 9.6. 


Large lobes “H two Be a hybrid orbitals 


>D D> 


F 2p atomic orbital \ overlap ET F 2p atomic orbital 
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sp hybrid orbitals superimposed 
(large lobes only) 


< Figure 9.15 Formation of two equivalent 
Be—F bonds in BeFp. 
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YW Go Figure What is the angle formed between the large lobes of the 
three sp? hybrid orbitals? 


sp? hybrid orbitals 
shown together 


One s orbital (large lobes only) 


/ 
ooo} = 


Two p orbitals 


Three sp* 
hybrid orbitals 


( > ) A Figure 9.16 Formation of sp? hybrid orbitals. 


An s atomic orbital can mix with all three p atomic orbitals in the same subshell. For 
example, the carbon atom in CH, forms four equivalent bonds with the four hydrogen 
atoms. We envision this process as resulting from the mixing of the 2s and all three 2p 
atomic orbitals of carbon to create four equivalent sp* (pronounced “s-p-three”) hybrid 
orbitals. Each sp? hybrid orbital has a large lobe that points toward one vertex of a tet- 
rahedron (Figure 9.17). These hybrid orbitals can be used to form two-electron bonds by 
overlap with the atomic orbitals of another atom, such as H. Using valence-bond theory, 
we can describe the bonding in CH, as the overlap of four equivalent sp? hybrid orbitals 
on C with the 1s orbitals of the four H atoms to form four equivalent bonds. 

The idea of hybridization is also used to describe the bonding in molecules containing 
nonbonding pairs of electrons. In H2O, for example, the electron-domain geometry around 
the central O atom is approximately tetrahedral (Figure 9.18). Thus, the four electron pairs 
can be envisioned as occupying sp? hybrid orbitals. Two of the hybrid orbitals contain non- 
bonding pairs of electrons, and the other two form bonds with the hydrogen atoms. 


Hypervalent Molecules 


So far our discussion of hybridization has extended only to Period 2 elements, spe- 
cifically carbon, nitrogen, and oxygen. The elements of Period 3 and beyond intro- 
duce a new consideration because in many of their compounds these elements are 
hypervalent—they have more than an octet of electrons around the central atom. 
We saw in Section 9.2 that the VSEPR model works well to predict the geometries of 
hypervalent molecules such as PCl;, SFs, or BrF;. But can we extend the use of hybrid 
orbitals to describe the bonding in these molecules? In short, the answer is no; hybrid 
orbitals should not be used for hypervalent molecules. Let’s examine the reasons. 

The valence-bond model we developed for Period 2 elements works well for com- 
pounds of Period 3 elements so long as we have no more than an octet of electrons in 
the valence-shell orbitals. Thus, for example, it is appropriate to discuss the bonding in 
PF; or H2Se in terms of hybridized s and p orbitals on the central atom. 

For compounds with more than an octet, we could imagine increasing the number 
of hybrid orbitals formed by including valence-shell d orbitals. For example, for SF; we 


VY CAA which of the p orbitals do you think contributes the most in 
the mixing that leads to the right-most sp? hybrid orbital in the 
second row of the figure? 


z z z Z 
+ 
x x x x 
s Px Py Pz 
One s orbital Three p orbitals 


Hybridize to form four sp? hybrid orbitals 


Shown together (large lobes only) 


W AA Does it matter which of the two sp? hybrid orbitals are used to 
hold the two nonbonding electron pairs? 


Tetrahedral arrangement 
of four sp? hybrid orbitals Coe ee O sp orbitals contain 
about oxygen 


O—H single bonds 


A Figure 9.18 Hybrid orbital description of H20. 
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could envision mixing in two sulfur 3d orbitals in addition to the 3s and three 3p orbit- 
als to make a total of six hybrid orbitals. However, the sulfur 3d orbitals are substantially 
higher in energy than the 3s and 3p orbitals, so the amount of energy needed to form 
the six hybrid orbitals is greater than the amount returned by forming bonds with the 
six fluorine atoms. Theoretical calculations suggest that the sulfur 3d orbitals do not par- 
ticipate to a significant degree in the bonding between sulfur and the six fluorine atoms, 
and that it would not be valid to describe the bonding in SF, in terms of six hybrid orbit- 
als. The more detailed bonding model needed to discuss the bonding in SF; and other 
hypervalent molecules requires a treatment beyond the scope of a general chemistry text. 
Fortunately, the VSEPR model, which explains the geometrical properties of such mole- 
cules in terms of electrostatic repulsions, does a good job of predicting their geometries. 
This discussion reminds us that models in science are not reality but rather are our 
attempts to describe aspects of reality that we have been able to measure, such as bond 
distances, bond energies, molecular geometries, and so on. A model may work well 
up to a certain point but not beyond it, as is the case for hybrid orbitals. The hybrid 
orbital model for Period 2 elements has proven very useful and is an essential part of any 
modern discussion of bonding and molecular geometry in organic chemistry. When it 
comes to molecules such as SFę, however, we encounter the limitations of the model. 


Hybrid Orbital Summary 


Overall, hybrid orbitals provide a convenient model for using valence-bond theory 
to describe covalent bonds in molecules that have an octet or less of electrons around 
the central atom and in which the molecular geometry conforms to the electron- 
domain geometry predicted by the VSEPR model. While the concept of hybrid orbitals has 
limited predictive value, when we know the electron-domain geometry, we can employ 
hybridization to describe the atomic orbitals used by the central atom in bonding. 


( How to Describe the Hybrid Orbitals Used by an Atom in Bonding 
1. Draw the Lewis structure for the molecule or ion. 


2. Use the VSEPR model to determine the electron-domain geometry around the 
central atom. 


3. Specify the hybrid orbitals needed to accommodate the electron pairs based on their 
| geometric arrangement (Table 9.4). 


TABLE 9.4 Geometric Arrangements Characteristic of Hybrid Orbital Sets 


S,P,P 


Atomic Orbital Set Hybrid Orbital Set Geometry Examples 

180° 

Two sp BeF, HgCl, 
Linear 
Three sp? BF3, SO3 
120° 
Trigonal 
planar 

Four sp? CH,, NH3, H,O, NHf 


S,P;P,P 


Tetrahedral 
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How would we modify the figure if we were looking at PH3 rather than NH3? 


W Go Figure 


“iy 
ra { \ 
yt \ 
x & N 
yt N 
Hau N . 
NH3 ™ H—N—H i | E es 
H H` 


sp? hybrid orbitals on N overlap 
with 1s orbitals on three hydrogens 
to make three N—H bonds 


€B Using Table 9.4, select 
sp? hybrid orbital set. 


19 Draw Lewis 29 Determine electron-domain 
structure. geometry about central atom from 
VSEPR model and Table 9.1. 
A Figure 9.19 Hybrid orbital description of bonding in NH3. Note the comparison with Figure 9.6. 
Here we focus on the hybrid orbitals used to make bonds and to hold nonbonding electron pairs. 


These steps are illustrated in Figure 9.19, which shows how the hybridization at N in 
NH; is determined. 


‘a Sample Exercise 9.5 
D Describing the Hybridization of a Central Atom 


Describe the orbital hybridization around the central atom in NH7. 


SOLUTION 


Analyze We are given the chemical formula for a polyatomic anion > Practice Exercise 
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For which of the following molecules or ions does the follow- 


and asked to describe the type of hybrid orbitals surrounding the 
central atom. 


Plan To determine the central atom hybrid orbitals, we must know 
the electron-domain geometry around the atom. Thus, we draw 
the Lewis structure to determine the number of electron domains 
around the central atom. The hybridization conforms to the num- 
ber and geometry of electron domains around the central atom as 
predicted by the VSEPR model. 


Solve The Lewis structure is 
[H:N:H TS 


Because there are four electron domains around N, the electron- 
domain geometry is tetrahedral. The hybridization that gives a tet- 
rahedral electron-domain geometry is sp? (Table 9.4). Two of the 
sp’ hybrid orbitals contain nonbonding pairs of electrons, and the 
other two are used to make bonds with the hydrogen atoms. 


Self-Assessment Exercise 


9.21 What is the orbital hybridization around boron in BH, ? 
(a) sp 
(b) sp’ 
(©) sp’ 


Exercises 


9.22 For each statement, indicate whether it is true or false. (a) The 
greater the orbital overlap in a bond, the weaker the bond. (b) 
The greater the orbital overlap in a bond, the shorter the bond. 


ing description apply? “The bonding can be explained using 
a set of sp” hybrid orbitals on the central atom, with one of 
the hybrid orbitals holding a nonbonding pair of electrons.” 
(a) CO, 

(b) HS 

(c) O; 

(d) CO? 

(e) More than one of these 


(c) To create a hybrid orbital, you could use the s orbital on 
one atom with a p orbital on another atom. (d) Nonbonding 
electron pairs cannot occupy a hybrid orbital. 
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9.23 


9.24 


9.25 
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Consider the molecule BF. (a) What is the electron config- hybridization, if any, that could lead to hybrid orbitals at the 
uration of an isolated B atom? (b) What is the electron con- specified angle. 
figuration of an isolated F atom? (c) What hybrid orbitals 


should be constructed on the B atom to make the B-F bonds 7 -N ~~ 

in BF? (d) What valence orbitals, if any, remain unhybrid- 90 109.5° 7 
ized on the B atom in BF;? \ 120 
Indicate the hybridization of the central atom in (a) H,S, A 


(b) SeFs, (c) P(OH);, (d) All. 
Shown here are three pairs of hybrid orbitals, with each set 
at a characteristic angle. For each pair, determine the type of 
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9.6 | Multiple Bonds 


Si ache 


Vision begins when light is focused by the lens of the eye onto the retina, the layer of 
cells lining the interior of the eyeball. The retina contains photoreceptor cells called rods 
and cones. The rods are sensitive to dim light and are used in night vision. The cones are 
sensitive to colors. The tops of the rods and cones contain a molecule called rhodopsin, 
which consists of a protein, opsin, bonded to a reddish purple pigment called retinal. 

Our vision depends on the rigidity of double bonds in retinal. In its normal form, 
retinal is held rigid by its double bonds. Light entering the eye is absorbed by rhodop- 
sin, and it is the energy of that light that is used to break the n-bond portion of the dou- 
ble bond. Breaking the double bond allows rotation around the bond axis, changing the 
geometry of the retinal molecule. The retinal then separates from the opsin, triggering 
the reactions that produce a nerve impulse that the brain interprets as the sensation of 
vision. It takes as few as five closely spaced molecules reacting in this fashion to produce 
the sensation of vision. Thus, only five photons of light are necessary to stimulate the eye. 

At the end of this section, you should be able to 


e Recognize orbital arrangements in single, double, and triple bonds. 


e Identify where delocalization of n-electrons occurs. 


In the covalent bonds we have considered thus far, the electron density is concen- 
trated along the line connecting the nuclei (the internuclear axis). The line joining the 


a bond 


o bond 


axis 


Internuclear 
axis 


A Figure 9.20 Comparison of o and z bonds. Note that the two regions of overlap in the m bond, 
above and below the internuclear axis, constitute a single m bond. 


two nuclei passes through the middle of the overlap region, forming a type of covalent 
bond called a sigma (a) bond. Examples of sigma bond formation include: 


e the overlap of two s orbitals; one from each H in H; (Figure 9.12), 

e the overlap of an H s orbital and a Cl p orbital in HCI (Figure 9.12), 

e the overlap of two p orbitals; one from each Cl in Cl, (Figure 9.12), 

e the overlap of an F p orbital and a Be sp hybrid orbital in Bef, (Figure 9.15). 


To describe multiple bonding, we must consider a second kind of bond, this one 
the result of overlap between two p orbitals oriented perpendicularly to the internu- 
clear axis (Figure 9.20). The sideways overlap of p orbitals produces what is called a 
pi (7) bond. A z bond is one in which the overlap regions lie above and below the 
internuclear axis. Unlike a ø bond, in a m bond the electron density is not concentrated 
on the internuclear axis. Although it is not evident in Figure 9.20, the sideways orien- 
tation of p orbitals in a 7 bond makes for weaker overlap. As a result, 7 bonds are gener- 
ally weaker than o bonds. 

In almost all cases, single bonds are ø bonds. A double bond consists of one ø bond 
and one r bond, and a triple bond consists of one ø bond and two z bonds: 


H H 


Ye = 
H—H } | \ :N=N: 
H H \ 


One o bond One ø bond plus One ø bond plus 
one a bond two m bonds 


Consider ethene (C2H4), which has a C=C double bond. As illustrated by the ball- 
and-stick model of Figure 9.21, the three bond angles about each carbon are all approx- 
imately 120°, suggesting that each carbon atom uses sp” hybrid orbitals (Figure 9.16) to 
form ø bonds with the other carbon and with two hydrogens. Because carbon has four 
valence electrons, after sp? hybridization one electron in each carbon remains in the 
unhybridized 2p orbital. Note that this unhybridized 2p orbital is directed perpendicular 
to the plane that contains the three sp” hybrid orbitals. 

Let’s go through the steps of building the bonds in the ethene molecule. Each sp” 
hybrid orbital on a carbon atom contains one electron. Figure 9.22 shows how we can 
first envision forming the C—C ø bond by the overlap of two sp” hybrid orbitals, one 
on each carbon atom. Two electrons are used in forming the C—C ø bond. Next, the 
C—H ø bonds are formed by overlap of the remaining sp” hybrid orbitals on the C atoms 
with the 1s orbitals on each H atom. We use eight more electrons to form these four 
C—H bonds. Thus, 10 of the 12 valence electrons in the C2H4 molecule are used to form 
five ø bonds. 

The remaining two valence electrons reside in the unhybridized 2p orbitals, one 
electron on each carbon. These two orbitals can overlap sideways with each other, as 
shown in Figure 9.22. The resulting electron density is concentrated above and below the 
C—C bond axis: It is a m bond (Figure 9.20). Thus, the C=C double bond in ethene con- 
sists of one ø bond and one r bond. 

Although we cannot experimentally observe a m bond directly (all we can observe 
are the positions of the atoms), the structure of ethene provides strong support for 
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A Figure 9.21 Trigonal-planar molecular 
geometry of ethene. The double bond is 


made up of one C—C ø bond and one 
C—C vr bond. 
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VY CT why is it important that the sp? hybrid orbitals of the two 
carbon atoms lie in the same plane? 


sp? hybrid orbitals 


Unhybridized 2p orbitals 


eS 


C— Ha bond C— Coa bond 


Remember that p orbitals 
have two lobes, so the 7 
bond also has two lobes, one 
above and the other below 

the molecular plane. 


4 form C — C m bond 


>C — C r bond 


©) A Figure 9.22 Hybrid orbital bonding in ethene. 
"4 


its presence. First, the C—C bond length in ethene (134 pm) is much shorter than 
in compounds with C—C single bonds (154 pm), consistent with the presence of a 
stronger C=C double bond. Second, all six atoms in CH; lie in the same plane. The 
p orbitals on each C atom that make up the m bond can achieve a good overlap only 
when the two CH; fragments lie in the same plane. Because 7 bonds require that por- 
tions of a molecule be planar, they can introduce rigidity into molecules. 

Triple bonds can also be explained using hybrid orbitals. Ethyne (C2H3), for exam- 
ple, is a linear molecule containing a triple bond: H— C=C—H. The linear geometry 
suggests that each carbon atom uses sp hybrid orbitals to form ø bonds with the other 
carbon and one hydrogen. Each carbon atom thus has two unhybridized 2p orbitals at 
right angles to each other and to the axis of the sp hybrid set (Figure 9.23). Thus, there 
are two p orbitals remaining on an sp-hybridized carbon atom. These p orbitals overlap to 
form a pair of m bonds. The triple bond in ethyne therefore consists of one øo bond and 
two m bonds. 

Although it is possible to make 7 bonds from d orbitals, the only 7 bonds we will 
consider are those formed by the overlap of p orbitals. These 7 bonds can form only if 


W Go Figure 


bond strength? 
sp hybrid orbitals 


Unhybridized 2p orbitals 


C— H ø bond C— Ca bond 


¥ form C — C m bonds 
C— C m bonds 


© A Figure 9.23 Formation of two m bonds in ethyne, C2H3. 
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Based on the models of bonding in ethene and ethyne, which 
molecule should have the greater carbon—carbon 


4 form C — C and C — Ha bonds 


unhybridized p orbitals are present on the bonded atoms. Therefore, only atoms having 
sp or sp? hybridization can form 7 bonds. Further, double and triple bonds (and hence z 
bonds) are more common in molecules made up of Period 2 atoms, especially C, N, and 


O. Larger atoms, such as S, P, and Si, form m bonds less readily. 


Sample Exercise 9.6 


Describing o and 7 Bonds in a Molecule 


Methanal has the Lewis structure 


Describe how the bonds in methanal are formed in terms of overlaps of hybrid and unhybridized orbitals. 


SOLUTION 


Analyze We are asked to describe the bonding in methanal in 
terms of hybrid orbitals. 


Plan Single bonds are ø bonds, and double bonds consist of one o 
bond and one r bond. The ways in which these bonds form can 
be deduced from the molecular geometry, which we predict using 
the VSEPR model. 


Solve The C atom has three electron domains around it, which 
suggests a trigonal-planar geometry with bond angles of about 


120°. This geometry implies sp” hybrid orbitals on C (Table 9.4). 
These hybrids are used to make the two C—H and one C—O ø 
bonds to C. There remains an unhybridized 2p orbital on carbon, 
perpendicular to the plane of the three sp” hybrids. 


The O atom also has three electron domains around it, and so we assume 
it has sp” hybridization as well. One of these hybrid orbitals participates 
in the C—O ø bond, while the other two hold the two nonbonding 
electron pairs of the O atom. Like the C atom, therefore, the O atom has 
a p orbital that is perpendicular to the plane of the molecule. The two 

p orbitals overlap to form a C—O r bond (Figure 9.24). 


Continued 
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Orbitals containing 
nonbonding electron 
pairs 


C— Hoa bonds 
N 


One C — O r bond C— Oc bond 


A Figure 9.24 Formation of ø and m bonds in methanal, HCO. 


> Practice Exercise 
We have just arrived at a bonding description for the 
methanal molecule. Which of the following statements about 
the molecule is or are true? 


(i) Two of the electrons in the molecule are used to make the 7 
bond in the molecule. 


(ii) Six of the electrons in the molecule are used to make the 

o bonds in the molecule. 

(iii) The C—O bond length in methanal should be shorter 
than that in methanol, H;COH. 

(a) Only one of the statements is true. 

(b) Statements (i) and (ii) are true. 

(c) Statements (i) and (iii) are true. 

(d) Statements (ii) and (iii) are true. 

(e) All three statements are true. 


Resonance Structures, Delocalization, and m Bonding 


In the molecules we have discussed thus far in this section, the bonding electrons are 
localized. By this we mean that the ø and r electrons are associated totally with the two 
atoms that form the bond. In many molecules, however, we cannot adequately describe 
the bonding as being entirely localized. This situation arises particularly in molecules 
that have two or more resonance structures involving m bonds. 

One molecule that cannot be described with localized m bonds is benzene (C6H6), 
which has two resonance structures: 


O-O 


Benzene has a total of 30 valence electrons. To describe the bonding in benzene 
using hybrid orbitals, we first choose a hybridization scheme consistent with the geom- 
etry of the molecule. Because each carbon is surrounded by three atoms at 120° angles, 
the appropriate hybrid set is sp”. Six localized C—C o bonds and six localized C—Ho 
bonds are formed from the sp” hybrid orbitals, as shown in Figure 9.25(a). Thus, 24 of 
the valence electrons are used to form the ø bonds in the molecule. 


W Go Figure 


What are the two kinds of o bonds found in benzene? 


(a) o bonds 


(b) p orbitals 


A Figure 9.25 ø and z bond networks in benzene, CgHg. (a) The o bond framework. (b) The 7 
bonds are formed from overlap of the unhybridized 2p orbitals on the six carbon atoms. 
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< Figure 9.26 Delocalized 7 bonds in 
benzene. 


Localized 7 bond Delocalized 7 bond 


Resonance 
— 


Because the hybridization at each C atom is sp?, there is one p orbital on each C atom, 
each oriented perpendicular to the plane of the molecule. The situation is very much 
like that in ethene except we now have six p orbitals arranged in a ring [Figure 9.25(b)]. 
The remaining six valence electrons occupy these six p orbitals, one per orbital. 

We could envision using the p orbitals to form three localized m bonds. As shown 
in Figure 9.26, there are two equivalent ways to make these localized bonds, each corre- 
sponding to one resonance structure. However, a representation that reflects both reso- 
nance structures has the six 7 electrons “smeared out” among all six carbon atoms, as 
shown on the right in Figure 9.26. 

This model leads us to predict that all the carbon-carbon bond lengths will be iden- 
tical, with a bond length between that of a C—C single bond (154 pm) and that of a 
C=C double bond (134 pm). This prediction is consistent with the observed carbon- 
carbon bond length in benzene (140 pm). 

Because we cannot describe the 7 bonds in benzene as individual bonds between 
neighboring atoms, we say that benzene has a six-electron 7 system delocalized among 
the six carbon atoms. Delocalization of the electrons in its 7 bonds gives benzene a spe- 
cial stability. Electron delocalization in 7 bonds is also responsible for the color of many 
organic molecules. A final important point to remember about delocalized m bonds is the 
constraint they place on the geometry of a molecule. For optimal overlap of the p orbit- 
als, all the atoms involved in a delocalized 7 bonding network should lie in the same 
plane. This restriction imparts a certain rigidity to the molecule that is absent in mole- 
cules containing only o bonds (see the “Chemistry and Life” box on vision). 


\a Sample Exercise 9.7 


D Delocalized Bonding 


Describe the bonding in the nitrate ion, NO3 . Does this ion have delocalized m bonds? 


SOLUTION ion. Each of the four atoms has an unhybridized p orbital oriented 


i l f the ion. 
Analyze Given the chemical formula for a polyatomic anion, we popen a O E pE nE 19 


are asked to describe the bonding and determine whether the ion The NO3 ion has 24 valence electrons. We can first use the sp? 

has delocalized m bonds. hybrid orbitals on the four atoms to construct the three N— O ø 
bonds. That uses all of the sp” hybrids on the N atom and one sp? 
hybrid on each O atom. Each of the two remaining sp” hybrids on 
each O atom is used to hold a nonbonding pair of electrons. Thus, 
for any of the resonance structures, we have the following arrange- 
ment in the plane of the ion: 


Plan Our first step is to draw Lewis structures. Multiple resonance 
structures involving the placement of the double bonds in differ- 
ent locations would suggest that the 7 component of the double 
bonds is delocalized. 


Solve In Section 8.6 we saw that NO3;_ has three resonance structures: 


:0: 7 7 7 
l, 
~g: o cg 07 S 


07 


In each structure, the electron-domain geometry at nitrogen is 
trigonal planar, which implies sp” hybridization of the N atom. 

It is helpful when considering delocalized 7 bonding to consider 
atoms with lone pairs that are bonded to the central atom to be 
sp” hybridized as well. Thus, we can envision that each of the O 
atoms in the anion has three sp” hybrid orbitals in the plane of the 
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Notice that we have accounted for a total of 18 electrons—6 in the 
three N— O ø bonds, and 12 as nonbonding pairs on the O atoms. 
The remaining six electrons will reside in the 7 system of the ion. 


The four p orbitals — one on each of the four atoms — are used 

to build the r system. For any one of the three resonance struc- 
tures shown, we might imagine a single localized N— O 7 bond 
formed by the overlap of the p orbital on N and a p orbital on one 


One of three Localized 


resonance 
N— O r bond 


Delocalized 
N— O 7 bonds 


structures 9 
i A _— 
ses Resonance — 


A Figure 9.27 Localized and delocalized representations of the 
six-electron z system in NO3 . 


of the O atoms. The remaining two O atoms have nonbonding 
pairs in their p orbitals. Thus, for each of the resonance struc- 
tures, we have the situation shown in Figure 9.27. Because each 
resonance structure contributes equally to the observed struc- 
ture of NO3 , however, we represent the 7 bonding as delocalized 
over the three N—O bonds, as shown in the figure. We see that 
the NO; ion has a six-electron 7 system delocalized among the 
four atoms in the ion. 

> Practice Exercise 


How many electrons are in the 7 system of the ozone mole- 
cule, O3? 
(a)2 (b)4 (c)6 (d)14 (e)18 


General Conclusions about o and 7 Bonding 


On the basis of the examples we have seen, we can draw a few helpful conclusions for 
using hybrid orbitals to describe molecular structures: 


e Every pair of bonded atoms shares one or more pairs of electrons. Each bond line 
we draw in a Lewis structures represents two shared electrons. In every o bond one 
pair of electrons is localized in the space between the atoms. The appropriate set of 
hybrid orbitals used to form the o bonds between an atom and its neighbors is deter- 
mined by the observed geometry of the molecule. The correlation between the set of 
hybrid orbitals and the geometry about an atom is given in Table 9.4. 


e Because the electrons in ø bonds are localized in the region between two bonded 
atoms, they do not make a significant contribution to the bonding between any 
other two atoms. 


e When atoms share more than one pair of electrons, one pair is used to form a ø 
bond; the additional pairs form 7 bonds. The centers of charge density in a m bond 
lie above and below the internuclear axis. 


e Molecules can have m systems that extend over more than two bonded atoms. 
Electrons in extended r systems are said to be “delocalized.” We can determine the 
number of electrons in the z system of a molecule using the procedures we discussed 
in this section. 


Self-Assessment Exercises 


9.26 Draw one resonance structure of the carbonate ion, CO,” . 9.27 Is the z-bond in the HCO; ion shown here localized or 


How many ø- and 7-bonds are present in CO,” ? delocalized? 

(a) 30 bonds Z i — 
:O: :O: 

(b) 30 bonds and 17 bond | | 

(c) 30 bonds and 27 bonds H—C—0: H—C=0 


(d) 4c bonds 
(a) Localized 


(b) Delocalized 
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a 


Exercises 


9.28 (a) Draw a picture showing how two p orbitals on two differ- (a) What are the approximate values of the bond angles 
ent atoms can be combined to make a o bond. (b) Sketch a 7 labelled 1, 2, and 3? (b) What hybrid orbitals are used about 
bond that is constructed from p orbitals. (c) Which is gener- the central atom of each of these angles? (c) How many 
ally stronger, a ø bond or a m bond? Explain. (d) Can two s o bonds are in the molecule? 
orbitals combine to form a 7 bond? Explain. 9.31 (a) What is the difference between a localized m bond anda 

9.29 Vinyl chloride, C,H3Cl, is a gas that is used to form the im- delocalized one? (b) How can you determine whether a mol- 
portant polymer called polyvinyl chloride (PVC). Its Lewis ecule or ion will exhibit delocalized m bonding? (c) Is the 7 
structure is bond in NO, localized or delocalized? 

H Cl 9.32 In the sulfate ion, SO,” , the sulfur atom is the central atom 
with the other 4 oxygen atoms attached to it. (a) Draw a 
C=C Lewis structure for the sulfate ion. (b) What hybridization 
| | is exhibited by the S atom? (c) Are there multiple equivalent 
H H resonance structures for the ion? (d) How many electrons are 
(a) What is the total number of valence electrons in the vinyl in the ~ system of the ion? 
chloride molecule? (b) How many valence electrons are used 9.33 Predict the molecular geometry of each of the following 
to make ø bonds in the molecule? (c) How many valence molecules: 
electrons are used to make m bonds in the molecule? (d) How 
many valence electrons remain in nonbonding pairs in the (a) H—C=C—C=C—C=N 
molecule? (e) What is the hybridization at each carbon atom 
in the molecule? (b) H—O—C—C—O—H 
9.30 Acetaminophen, better known as paracetamol, has the fol- | | 
lowing Lewis structure: Q 

H ‘i A | (c) H—N=N—H 

H, oy -NT C—C—H 

C C lo 
ı l | “2 O H 
(© C Z cs 
H—oO ae H 

H 


(a) 92°6 


NZ 


(a) £e°6 
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At the very northern tip of Denmark lies the city of Skagen and Grenen beach, a long 
sandbar that reaches into the sea. What is remarkable is that it lies at the meeting of 
two seas—the Skagerrak (part of the North Sea) and the Kattegat (part of the Baltic sea). 
Where these two seas meet, the water is ‘confused’, the waves of one sea meeting those of 
the other, sometimes to reinforce one another, sometimes to cancel one another. 

In this section, we look at a model of bonding in which the electrons are treated as 
waves that can interact, reinforce, or cancel one another. 

By the end of this section, you should be able to 


e Understand the molecular orbitals formed from two 1s atomic orbitals. 


While valence-bond theory helps explain some of the relationships among Lewis 
structures, atomic orbitals, and molecular geometries, it does not explain all aspects of 
bonding. It is not successful, for example, in describing the excited states of molecules, 
which we must understand to explain how molecules absorb light, giving them color. 

Some aspects of bonding are better explained by a more sophisticated model called 
molecular orbital theory. In Chapter 6, we saw that electrons in atoms can be 
described by wave functions, which we call atomic orbitals. In a similar way, molecular 
orbital theory describes the electrons in molecules by using specific wave functions, each 
of which is called a molecular orbital (MO). 

Molecular orbitals have many of the same characteristics as atomic orbitals. For 
example, an MO can hold a maximum of two electrons (with opposite spins), it has a 
definite energy, and we can visualize its electron-density distribution by using a contour 
representation, as we did with atomic orbitals. Unlike atomic orbitals, however, MOs are 
associated with an entire molecule, not with a single atom. 


Molecular Orbitals of the Hydrogen Molecule 


We begin our study of MO theory with the hydrogen molecule, Hz. We will use the two 
1s atomic orbitals (one on each H atom) to construct molecular orbitals for H}. Whenever 
two atomic orbitals overlap, two molecular orbitals form. Thus, the overlap of the 1s orbitals 
of two hydrogen atoms to form H; produces two MOs. The first MO, which is shown at 
the bottom right of Figure 9.28, is formed by adding the wave functions for the two 1s or- 
bitals. We refer to this as constructive combination. The energy of the resulting MO is lower 


W CA What is the probability of finding an electron at the nodal 
plane in the antibonding orbital? 


Destructive Nodal plane 
combination leads to between nuclei 


antibonding Hə 
molecular orbital. 


l 

A I 
l * 
l Tis 
l 
l 
l 


Energy 


O-O 


1s 1s 


H atomic orbitals Tis 


Hp molecular orbitals Electron density 
concentrated 
between nuclei 


Constructive 
combination leads to 

bonding Hə molecular 
orbital. 


A Figure 9.28 The two molecular orbitals of H2, one a bonding MO and one an antibonding MO. 


in energy than the two atomic orbitals from which it was made. It is called the bonding 
molecular orbital. 

The second MO is formed by what is called destructive combination: combining the 
two atomic orbitals in a way that causes the electron density to be canceled in the central 
region where the two overlap. The process is discussed more fully in the “Closer Look” 
box later in the chapter. The energy of the resulting MO, referred to as the antibonding 
molecular orbital, is higher than the energy of the atomic orbitals. The antibonding 
MO of H3 is shown at the top right in Figure 9.28. 

As illustrated in Figure 9.28, in the bonding MO electron density is concentrated 
in the region between the two nuclei. This sausage-shaped MO results from summing 
the two atomic orbitals so that the atomic orbital wave functions combine in the region 
between the two nuclei. Because an electron in this MO is attracted to both nuclei, the 
electron is more stable (it has lower energy) than it is in the 1s atomic orbital of an iso- 
lated hydrogen atom. Further, because this bonding MO concentrates electron density 
between the nuclei, it holds the atoms together in a covalent bond. 

By contrast, the antibonding MO has very little electron density between the nuclei. 
Instead of combining in the region between the nuclei, the atomic orbital wave func- 
tions cancel each other in this region, leaving the greatest electron density on oppo- 
site sides of the two nuclei. Thus, an antibonding MO excludes electrons from the very 
region in which a bond must be formed. Antibonding orbitals invariably have a plane 
in the region between the nuclei where the electron density is zero. This plane is called 
a nodal plane of the MO. (The nodal plane is shown as a dashed line in Figure 9.28 
and subsequent figures.) An electron in an antibonding MO is repelled from the bonding 
region and is therefore less stable (it has higher energy) than it is in the 1s atomic orbital 
of a hydrogen atom. 

Notice from Figure 9.28 that the electron density in both the bonding MO and the 
antibonding MO of H3 is centered about the internuclear axis. MOs of this type are called 
sigma (o) molecular orbitals (by analogy to o bonds). The bonding sigma MO of 
Hz is labeled o;,; the subscript indicates that the MO is formed from two 1s orbitals. The 
antibonding sigma MO of H; is labeled oj, (read “sigma-star-one-s”); the asterisk denotes 
that the MO is antibonding. 

The relative energies of two 1s atomic orbitals and the molecular orbitals formed 
from them are represented by an energy-level diagram (also called a molecular 
orbital diagram). Such diagrams show the interacting atomic orbitals on the left and 
right and the MOs in the middle, as shown in Figure 9.29. Like atomic orbitals, each MO 
can accommodate two electrons with their spins paired (Pauli exclusion principle). 


W TN aI What would happen to the energy of the cys MO if the 
H atoms in H2 were pulled apart to a distance twice as long 
as its normal bond length? 


Antibonding MO vacant 


Energy 
m 
wn 
= 
wn 


H, molecule 
2 
Tis 


A Figure 9.29 Energy-level diagram and electron configuration for Ho. 
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> Figure 9.30 Energy-level diagram and 
electron configuration for Hep. 


As the MO diagram for H in Figure 9.29 shows, each H atom has one electron, so 
there are two electrons in H3. These two electrons occupy the lower-energy bonding 
(cis) MO, and their spins are paired. Electrons occupying a bonding molecular orbital 
are called bonding electrons. Because the os MO is lower in energy than the H 1s atomic 
orbitals, the Hz molecule is more stable than the two separate H atoms. 

By analogy with atomic electron configurations, the electron configurations for 
molecules can be written with superscripts to indicate electron occupancy. The electron 
configuration for H3, then, is o2. 


Bond Order 


In molecular orbital theory, the stability of a covalent bond is related to its bond order, 
defined as half the difference between the number of bonding electrons and the number 
of antibonding electrons: 


Bond _ 


ore: $ (number of bonding electrons — number of antibonding electrons) [9.1] 


We take half the difference because we are used to thinking of bonds as pairs of elec- 
trons. A bond order of 1 represents a single bond, a bond order of 2 represents a double bond, and 
a bond order of 3 represents a triple bond. Because MO theory also treats molecules contain- 
ing an odd number of electrons, bond orders of 1/2, 3/2, or 5/2 are possible. 

Let’s now consider the bond order in H; and Hep, referring to Figures 9.29 and 
9.30. Hz has two bonding electrons and zero antibonding electrons, so it has a bond 
order of 1. 

Figure 9.30 shows the energy-level diagram for the hypothetical He, molecule, 
which requires four electrons to fill its molecular orbitals. Because only two electrons can 
go in the cs MO, the other two electrons must go in the oœ MO. The electron configura- 
tion of He, is thus 012072. The energy decrease realized in going from He atomic orbitals 
to the He bonding MO is offset by the energy increase realized in going from the atomic 
orbitals to the He antibonding MO.* Because He, has two bonding electrons and two 
antibonding electrons, it has a bond order of 0. A bond order of 0 means that no bond 
exists. Molecular orbital theory correctly predicts that hydrogen forms diatomic mole- 
cules but helium does not. 


Antibonding MO occupied 
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He, molecule 
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*Antibonding MOs are slightly more energetically unfavorable than bonding MOs are energeti- 
cally favorable. Thus, whenever there is an equal number of electrons in bonding and antibond- 
ing orbitals, the energy of the molecule is slightly higher than that for the separated atoms. As a 
result, no bond is formed. 


i> Sample Exercise 9.8 
D Bond Order 
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What is the bond order of the He>' ion? Would you expect this ion to be stable relative to the separated He atom and He’ ion? 


SOLUTION 


Analyze We will determine the bond order for the He," ion and use 
it to predict whether the ion is stable. 


Plan To determine the bond order, we must determine the number 
of electrons in the molecule and how these electrons populate the 
available MOs. The valence electrons of He are in the 1s orbital, 
and the 1s orbitals combine to give an MO diagram like that for H3 
or He (Figure 9.30). If the bond order is greater than 0, we expect 
a bond to exist, and the ion is stable. 


Solve The energy-level diagram for the He," ion is shown in 
Figure 9.31. This ion has three electrons. Two are placed in the 
bonding orbital and the third in the antibonding orbital. Thus, 
the bond order is 


Bond order = 4 (2 — 1) = 4 


W Go Figure 
What is the electron configuration of the He,* ion? 


A 


Energy 
zl 
a 


A Figure 9.31 Energy-level diagram for the He,* ion. 


Because the bond order is greater than 0, we predict the Hez” 
ion to be stable relative to the separated He and He’. Formation 
of He,* in the gas phase has been demonstrated in laboratory 
experiments. 


> Practice Exercise 
How many of the following molecules and ions have a bond 
order of : Hz, Hy", Hy , and He,’*? 


(a)O (b)1 (c)2 (d)3 (e)4 


Self-Assessment Exercise 


9.34 What is the bond order of H,?*? 
(a) 0 
(b) % 
(c) 1 


Exercises 


9.35 (a) What is the difference between hybrid orbitals and mo- 
lecular orbitals? (b) How many electrons can be placed into 
each MO of a molecule? (c) Can antibonding molecular 
orbitals have electrons in them? 


9.36 Consider the H;* ion. (a) Sketch the molecular orbitals of 
the ion and draw its energy-level diagram. (b) How many 
electrons are there in the H ion? (c) Write the electron 
configuration of the ion in terms of its MOs. (d) What is 
the bond order in H’? (e) Suppose that the ion is excited 


by light so that an electron moves from a lower-energy to 
a higher-energy MO. Would you expect the excited-state 
H," ion to be stable or to fall apart? (f) Which of the follow- 
ing statements about part (e) is correct: (i) The light excites 
an electron from a bonding orbital to an antibonding orbital, 
(ii) The light excites an electron from an antibonding orbital 
to a bonding orbital, or (iii) In the excited state there are 
more bonding electrons than antibonding electrons? 


9S1918Xq JUBWSSASSy-}|9S 0} SIƏMSUY 
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9.8 | Bonding in Period 2 Diatomic 
Molecules 


Some diatomic molecules are harmless to us, for example N,, others are harmful, for ex- 
ample CO and CN-, yet others are essential for life—O, and NO. Even simple molecules 
may play a central role in our physiology! 

Take the NO molecule. It controls several important human physiological functions. 
Our bodies use it to relax muscles, kill foreign cells, and reinforce memory. The 1998 
Nobel Prize in Physiology or Medicine was awarded to three scientists for their research 
that uncovered the importance of NO asa “signaling” molecule in the cardiovascular sys- 
tem. NO also functions as a neurotransmitter and is implicated in many other biological 
pathways. That NO plays such an important role in human metabolism was unsuspected 
before 1987, because NO has an odd number of electrons and is highly reactive. In 1992, 
it was named ‘Molecule of the Year’. Leafy greens and beetroot are rich in nitrates which 
can be metabolized to NO in the body. 

In this section, we will focus on a molecular orbital approach to bonding in diatomic 
molecules. By the end, you should be able to 


e Use MO diagrams to describe the bonding in Period 2 diatomic molecules. 


In considering the MO description of diatomic molecules other than H3, we will ini- 
tially restrict our discussion to homonuclear diatomic molecules (those composed of two 
identical atoms) of Period 2 elements. 

Period 2 atoms have valence 2s and 2p orbitals, and we need to consider how they 
interact to form MOs. The following rules summarize some of the guiding principles for 
the formation of MOs and for how they are populated by electrons: 


1. The number of MOs formed equals the number of atomic orbitals combined. 


2. Atomic orbitals combine most effectively with other atomic orbitals of similar 
energy. 

3. The effectiveness with which two atomic orbitals combine is proportional to their 
overlap. That is, as the overlap increases, the energy of the bonding MO is lowered 
and the energy of the antibonding MO is raised. 

4. Each MO can accommodate, at most, two electrons, with their spins paired (Pauli 
exclusion principle). 


5. When MOs of the same energy are populated, one electron enters each orbital (with 
the same spin) before spin pairing occurs (Hund’s rule). 
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Molecular Orbitals for Li, and Be, 


Lithium has the electron configuration 1s?2s!. When lithium metal is heated above 
its boiling point (1342 °C), Li, molecules are found in the vapor phase. The Lewis 
structure for Li, indicates a Li—Li single bond. We will now use MOs to describe the 
bonding in Liz. 

Figure 9.32 shows that the Li 1s and 2s atomic orbitals have substantially different 
energy levels. From this, we can assume that the 1s orbital on one Li atom interacts only 
with the 1s orbital on the other atom (rule 2). Likewise, the 2s orbitals interact only with 
each other. Notice that combining four atomic orbitals produces four MOs (rule 1). 

The Li 1s orbitals combine to form o4, and oj, bonding and antibonding MOs, as 
they did for Hz. The 2s orbitals interact with one another in exactly the same way, pro- 
ducing bonding (0 ,) and antibonding (03) MOs. In general, the separation between 
bonding and antibonding MOs depends on the extent to which the constituent atomic 
orbitals overlap. Because the Li 2s orbitals extend farther from the nucleus than the 1s 
orbitals do, the 2s orbitals overlap more effectively. As a result, the energy difference 
between the op, and oz, orbitals is greater than the energy difference between the oj, 
and oj, orbitals. The 1s orbitals of Li are much lower in energy than the 2s orbitals; 
therefore, the energy of the oj, antibonding MO is much lower than the energy of the 
oz; bonding MO. 

Each Li atom has three electrons, so six electrons must be placed in Lip MOs. As 
shown in Figure 9.32, these electrons occupy the cis ois, and oz, MOs, each with two 
electrons. The electron configuration of Li2 is therefore 01,204,” 02,2. There are four 
electrons in bonding orbitals and two in antibonding orbitals, so the bond order is 
5(4 — 2) = 1. The molecule has a single bond, in agreement with its Lewis structure. 

Because both the o,, and oj, MOs of Li, are completely filled, the 1s orbitals con- 
tribute almost nothing to the bonding. The single bond in Li, is due essentially to the 
interaction of the valence 2s orbitals on the Li atoms. This example illustrates the general 
rule that core electrons usually do not contribute significantly to bonding in molecules. The rule 
is equivalent to using only the valence electrons when drawing Lewis structures. Thus, 
we need not consider further the 1s orbitals while discussing the other Period 2 diatomic 
molecules. 

The MO description of Be, follows readily from the energy-level diagram for Lip. 
Each Be atom has four electrons (1s72s”), so we must place eight electrons in molecular 
orbitals. Therefore, we completely fill the cis 7%, ozs, and 73, MOs. With equal numbers 
of bonding and antibonding electrons, the bond order is zero; thus, Bez does not exist. 


W. Go Figure Which of the MOs in the diagram will have nodal planes? 


Energy 
> 
of p 


A Figure 9.32 Energy-level diagram for the Li, molecule. 
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Molecular Orbitals from 2p Atomic Orbitals 


Before we can consider the remaining Period 2 diatomic molecules, we must look at the 
MOs that result from combining 2p atomic orbitals. The interactions between p orbitals 
are shown in Figure 9.33, where we have arbitrarily chosen the internuclear axis to be 
the z-axis. The 2p, orbitals face each other head to head. Just as with s orbitals, we can 
combine 2p, orbitals in two ways. One combination concentrates electron density be- 
tween the nuclei and is, therefore, a bonding molecular orbital. The other combination 
excludes electron density from the bonding region and so is an antibonding molecular 
orbital. In both MOs, the electron density lies along the internuclear axis, so they are o 
molecular orbitals: op, and 03). 

The other 2p orbitals overlap sideways and thus concentrate electron density above 
and below the internuclear axis. MOs of this type are called pi (7) molecular orbitals 
by analogy to 7 bonds. We get one 7 bonding MO by combining the 2p, atomic orbit- 
als and another from the 2p, atomic orbitals. These two 7, molecular orbitals have the 
same energy; in other words, they are degenerate. Likewise, we get two degenerate 73, 
antibonding MOs that are perpendicular to each other like the 2p orbitals from which 


Go Figure 
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A Figure 9.33 Contour representations of the molecular orbitals formed by 2p orbitals. 
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they were made. These 773, orbitals have four lobes, pointing away from the two nuclei, as 


shown in Figure 9.33. 


The 2p, orbitals on two atoms point directly at each other. Hence, overlap of two 
2p, orbitals is greater than that of two 2p, or 2p, orbitals. We therefore expect the 02, MO 
to be lower in energy (more stable) than the mp MOs. Similarly, the op MO should be 


higher in energy (less stable) than the 73, MOs. 


A CLOSER LOOK WAEN OA ened ES 


Our discussion of atomic orbitals in Chapter 6 and molecular orbitals 
in this chapter highlights some of the most important applications 
of quantum mechanics in chemistry. In the quaantum-mechanical 
treatment of electrons in atoms and molecules, we are mainly inter- 
ested in determining two characteristics of the electrons—their ener- 
gies and their distribution in space. Recall that solving Schrodinger’s 
wave equation yields the electron’s energy, E, and wave function, W, 
but that y does not have a direct physical meaning. The contour rep- 
resentations of atomic and molecular orbitals we have presented thus 
far are based on y? (the probability density), which gives the probabil- 
ity of finding the electron at a given point in space. 

Because probability densities are squares of functions, their val- 
ues must be nonnegative (zero or positive) at all points in space. How- 
ever, the functions themselves can have negative values. The situation 
is like that of the sine function plotted in Figure 9.34. In the top 
graph, the sine function is negative for x between 0 and —z and pos- 
itive for x between 0 and +7. We say that the phase of the sine func- 
tion is negative between 0 and —7z and positive between 0 and +7. If 
we square the sine function (bottom graph), we get two peaks that are 
symmetrical about the origin. Both peaks are positive because squar- 
ing a negative number produces a positive number. In other words, we 
lose the phase information of the function upon squaring it. 

Like the sine function, the more complicated wave functions 
for atomic orbitals can also have phases. Consider, for example, the 
representations of the 1s orbital in Figure 9.35. Note that here we 
plot this orbital a bit differently from what is shown in Section 6.6. 
The origin is the point where the nucleus resides, and the wave 
function for the 1s orbital extends from the origin out into space. 
The plot shows the value of y for a slice taken along the z-axis. 
A contour representation of the 1s orbital is shown after the plot. 
Notice that the value of the 1s wave function is always a positive 
number (we show positive values in red in Figure 9.35). Thus, it has 
only one phase. Notice also that the wave function approaches zero 
only at a long distance from the nucleus. It therefore has no nodes, 
as we saw in Figure 6.21. 

In the graph for the 2p, orbital in Figure 9.35, the wave func- 
tion changes sign when it passes through z = 0. Notice that the two 
halves of the wave have the same shape except that one has positive 
(red) values and the other negative (blue) values. Analogously to 
the sine function, the wave function changes phase when it passes 
through the origin. Mathematically, the 2p, wave function is equal to 
zero whenever z = 0. This corresponds to any point on the xy plane, 
so we say that the xy plane is a nodal plane of the 2p, orbital. The wave 
function for a p orbital is much like a sine function because it has two 
equal parts that have opposite phases. Figure 9.35 gives a typical rep- 
resentation used by chemists of the wave function for a p, orbital.* 
The red and blue lobes indicate the different phases of the orbital. 


*The mathematical development of this three-dimensional func- 
tion (and its square) is beyond the scope of this book, and, as is 
typically done by chemists, we have used lobes that are the same 
shape as in Figure 9.35. 


Full cycle of a sine wave 
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A Figure 9.34 Graphs for a sine function and the same function 
squared. 


(Note: The colors do not represent charge, as they did in the 
plots in Figures 9.10 and 9.11.) As with the sine function, the 
origin is a node. 

The third graph in Figure 9.35 shows that when we square 
the wave function of the 2p, orbital, we get two peaks that 
are symmetrical about the origin. Both peaks are positive because 
squaring a negative number produces a positive number. Thus, 
we lose the phase information of the function upon squaring it just as we 
did for the sine function. When we square the wave function for 
the p, orbital, we get the probability density for the orbital, which 
is given as a contour representation in Figure 9.35. This is what we 
saw in the earlier presentation of p orbitals. For this squared wave 
function, both lobes have the same phase and therefore the same 
sign. We use this representation throughout most of this book 
because it has a simple physical interpretation: The square of the 
wave function at any point in space represents the electron density 
at that point. 

The lobes of the wave functions for the d orbitals also have 
different phases. For example, the wave function for a d,, orbital 
has four lobes, with the phase of each lobe opposite the phase 
of its nearest neighbors (Figure 9.36). The wave functions for the 
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A Figure 9.35 Phases in wave functions of s and p atomic orbitals. Red shading means a positive value for the wave function, and blue shading 


means a negative value. 


other d orbitals likewise have lobes in which the phase in one lobe is 
opposite that in an adjacent lobe. 

Why do we need to consider the complexity introduced by 
considering the phase of the wave function? While it is true that 
the phase is not necessary to visualize the shape of an atomic or- 
bital in an isolated atom, it does become important when we con- 
sider overlap of orbitals in molecular orbital theory. Let’s use the 
sine function as an example again. If you add two sine functions 
having the same phase, they add constructively, resulting in in- 
creased amplitude: 


y Y 
Constructive Destructive 
combination combination 


Lobes have 
alternating 
signs 


dy orbital 


A Figure 9.36 Phases in d orbitals. 


but if you add two sine functions having opposite phases, they 
add destructively and cancel each other. 

The idea of constructive and destructive interactions of 
wave functions is key to understanding the origin of bonding 
and antibonding molecular orbitals. For example, the wave 
function of the øs MO of H; is generated by adding the wave 
function for the 1s orbital on one atom to the wave function for 
the 1s orbital on the other atom, with both orbitals having the 
same phase. The atomic wave functions overlap constructively in 
this case to increase the electron density between the two atoms 
(Figure 9.37). The wave function of the of, MO of H3 is generated 
by subtracting the wave function for a 1s orbital on one atom 
from the wave function for a 1s orbital on the other atom. The 
result is that the atomic orbital wave functions overlap destruc- 
tively to create a region of zero electron density between the 
two atoms—a node. Notice the similarity between this figure 
and Figure 9.29. In Figure 9.37, we use red and blue shading to 
denote positive and negative phases in the H atomic orbitals. 


A Figure 9.37 Molecular orbitals from atomic orbital wave functions. 


Electron Configurations for B, through Ne, 
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However, chemists may alternatively draw contour represen- 
tations in different colors, or with one phase shaded and one 
unshaded, to denote the two phases. 

When we square the wave function of the oj, MO, we get 
the electron density representation which we saw earlier, in 
Figure 9.29. Notice once again that we lose the phase informa- 
tion when we look at the electron density. 

The wave functions of atomic and molecular orbitals are used 
by chemists to understand many aspects of chemical bonding, 
spectroscopy, and reactivity. 

Related Exercises: 9.116, 9.127, 9.129 


We can combine our analyses of MOs formed from s orbitals (Figure 9.29) and from p 
orbitals (Figure 9.33) to construct an energy-level diagram (Figure 9.38) for homonuclear 
diatomic molecules of the elements boron through neon, all of which have valence 2s 
and 2p atomic orbitals. The following features of the diagram are notable: 


The 2s atomic orbitals are substantially lower in energy than the 2p atomic orbitals. 
Consequently, both MOs formed from the 2s orbitals are lower in energy than the 


lowest-energy MO derived from the 2p atomic orbitals. 


The overlap of the two 2p, orbitals is greater than that of the two 2p, or 2p, orbitals. 
As a result, the bonding ozp MO is lower in energy than the 7, MOs, and the antibo- 


nding o3, MO is higher in energy than the 73, MOs. 


Both the m and T3p MOs are doubly degenerate; that is, there are two degenerate 


MOs of each type. 
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<4 Figure 9.38 Energy-level diagram for 
MOs of Period 2 homonuclear diatomic 
molecules. The diagram assumes no 
interaction between the 2s atomic orbital on 
one atom and the 2p atomic orbitals on the 
other atom, and experiment shows that it 


Atomic fits only for O2, F2, and Neo. 
orbitals 
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YW. Go Figure Which molecular orbitals have switched relative energy in the group on the 
right as compared with the group on the left? 


Increasing 2s—2p interaction 


T25 — O2p interaction causes 
energy splitting. 7, goes 
to higher energy, 0, goes 
to lower energy. 
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A Figure 9.39 The effect of interactions between 2s and 2p atomic orbitals. 


Before we can add electrons to Figure 9.38, we must consider one more effect. We 
have constructed the diagram assuming no interaction between the 2s orbital on one 
atom and the 2p orbitals on the other. In fact, such interactions can and do take place. 
Figure 9.39 shows the overlap of a 2s orbital on one of the atoms with a 2p orbital on the 
other. These interactions increase the energy difference between the oz; and ozp MOs, 
with the op, energy decreasing and the oy, energy increasing (Figure 9.39). These 2s-2p 
interactions can be strong enough that the energetic ordering of the MOs can be altered: 
For Bz, C2, and Ng, the og, MO is above the 7, MOs in energy. For Og, Fz, and Ney, the op, 
MO is below the 772, MOs. 

Given the energy ordering of the molecular orbitals, it is a simple matter to deter- 
mine the electron configurations for the diatomic molecules Bz through Nez. For exam- 
ple, a boron atom has three valence electrons. (Remember that we are ignoring the core 
1s electrons.) Thus, for B) we must place six electrons in MOs. Four of them fill the op, 
and o}, MOs, leading to no net bonding. The fifth electron goes in one mp MO, and the 
sixth goes in the other 7, MO, with the two electrons having the same spin. Therefore, 
Bz has a bond order of 1. 

Each time we move one element to the right in Period 2, two more electrons must 
be placed in the energy-level diagram. For example, on moving to C2, we have two more 
electrons than in Bp, and these electrons are placed in the 7, MOs, completely filling 
them. The electron configurations and bond orders for Bz through Ne; are given in 
Figure 9.40. 


Electron Configurations and Molecular Properties 


The way a substance behaves in a magnetic field can in some cases provide insight into 
the arrangements of its electrons. Molecules with one or more unpaired electrons are at- 
tracted to a magnetic field. The more unpaired electrons in a species, the stronger the 
attractive force. This type of magnetic behavior is called paramagnetism. 

Substances with no unpaired electrons are weakly repelled by a magnetic field. This 
property is called diamagnetism. The distinction between paramagnetism and dia- 
magnetism is nicely illustrated in an older method for measuring magnetic properties 
(Figure 9.41). It involves weighing the substance in the presence and absence of a mag- 
netic field. A paramagnetic substance appears to weigh more in the magnetic field; a 
diamagnetic substance appears to weigh less. The magnetic behaviors observed for the 
Period 2 diatomic molecules agree with the electron configurations shown in Figure 9.40. 
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V Go Figure Which stable molecules have their highest-energy electrons in antibonding 


orbitals? 
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A Figure 9.40 Molecular orbital electron configurations and some experimental data for Period 2 
diatomic molecules. 
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Electron configurations in molecules can also be related to bond distances and 
bond enthalpies. As bond order increases, bond distances decrease and bond enthalpies 
increase. N3, for example, whose bond order is 3, has a short bond distance and a large 
bond enthalpy. The Nz molecule does not react readily with other substances to form 
nitrogen compounds. The high bond order of the molecule helps explain its exceptional 
stability. We should also note, however, that molecules with the same bond orders do 
not have the same bond distances and bond enthalpies. Bond order is only one factor 
influencing these properties. Other factors include nuclear charge and extent of orbital 
overlap. 

Bonding in O; provides an interesting test case for molecular orbital theory. The 
Lewis structure for this molecule shows a double bond and complete pairing of electrons: 
O=Q 
The short O— O bond distance (121 pm) and relatively high bond enthalpy (495 kJ/mol) 
are in agreement with the presence of a double bond. However, Figure 9.40 tells us that 


A paramagnetic sample 
appears to weigh more 
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< Figure 9.41 Determining the 
magnetic properties of a sample. 


458 CHAPTER 9 Molecular Geometry and Bonding Theories 


V CE what would you expect to see if liquid nitrogen were poured 
between the poles of the magnet? 


Because O, molecules are 
paramagnetic ... 


... they are attracted into 
the magnetic field. 


A Figure 9.42 Paramagnetism of 05. When liquid oxygen is poured through a magnet, it 
“sticks” to the poles. 


the molecule contains two unpaired electrons and should therefore be paramagnetic, a 
detail not discernible in the Lewis structure. The paramagnetism of Oz is demonstrated 
in Figure 9.42, which confirms the prediction from MO theory. The MO description also 
correctly predicts a bond order of 2 as did the Lewis structure. 

Going from O; to fy, we add two electrons, completely filling the Tp MOs. Thus, 
Fz is expected to be diamagnetic and have an F—F single bond, in accord with its Lewis 
structure. Finally, the addition of two more electrons to make Ne; fills all the bonding 
and antibonding MOs. Therefore, the bond order of Ne; is zero, and the molecule is not 
expected to exist. 


z Sample Exercise 9.9 
D Molecular Orbitals of a Period 2 Diatomic lon 


For the O> ion predict (a) number of unpaired electrons, (b) bond order, (c) bond enthalpy and bond length. 


SOLUTION (c) The bond order of O,* is between that for O, (bond order 2) 
and N; (bond order 3). Thus, the bond enthalpy and bond 
length should be about midway between those for O, and N, 
Plan We will use the MO description of O,* to determine the de- approximately 700 kJ/mol and 115 pm. (The experimentally 
sired properties. We must first determine the number of electrons measured values are 625 kJ/mol and 112.3 pm.) 

in O2" and then draw its MO energy diagram. The unpaired elec- 

trons are those without a partner of opposite spin. The bond order 

is one-half the difference between the number of bonding and an- 

tibonding electrons. After calculating the bond order, we can use 

Figure 9.40 to estimate the bond enthalpy and bond length. 


Analyze Our task is to predict several properties of the cation O,*. 


Solve 

(a) The O,* ion has 11 valence electrons, one fewer than O3. The 
electron removed from O; to form O,* is one of the two un- 
paired 73, electrons (see Figure 9.40). Therefore, O,* has one 
unpaired electron. 


> Practice Exercise 
Place the following molecular ions in order from smallest to 
largest bond order: C,?*, Nz, Oy, and Fy. 
(a) Cet < Ny <O, <Fy 


() ts < O; < NE < Ge 
(b) The molecule has eight bonding electrons (the same as O2) OO = C2" i = Ne 
and three antibonding electrons (one fewer than O3). Thus, its 2 ae bs a A 
bond order is (d) Ce" < F; < Oz <N, 
3(8 = 3) a 24 (e) Fz = Ca = Oz; =< Ny 
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Heteronuclear Diatomic Molecules 


The principles we have used in developing an MO description of homonuclear diatomic 
molecules can be extended to heteronuclear diatomic molecules—those in which the two 
atoms in the molecule are not the same. We conclude this section with a fascinating het- 
eronuclear diatomic molecule—nitric oxide, NO. 

The NO molecule has 11 valence electrons, and two possible Lewis structures can be 
drawn. The Lewis structure with the lower formal charges places the odd electron on the 
Natom: 

0 0 -1 + 

N=0 e N=0 
Both structures indicate the presence of a double bond, but when compared with the 
molecules in Figure 9.40, the experimental bond length of NO (115 pm) suggests a bond 
order greater than 2. How do we treat NO using the MO model? 

If the atoms in a heteronuclear diatomic molecule do not differ too greatly in elec- 
tronegativities, their MOs resemble those in homonuclear diatomics, with one import- 
ant modification: The energy of the atomic orbitals of the more electronegative atom is 
lower than that of the atomic orbitals of the less electronegative element. In Figure 9.43, 
you see that the 2s and 2p atomic orbitals of oxygen are slightly lower than those of nitro- 
gen because oxygen is more electronegative than nitrogen. The MO energy-level diagram 
for NO is much like that of a homonuclear diatomic molecule—because the 2s and 2p 
orbitals on the two atoms interact, the same types of MOs are produced. 

There is one other important difference in the MOs of heteronuclear molecules. The 
MOs are still a mix of atomic orbitals from both atoms, but in general an MO in a hetero- 
nuclear diatomic molecule has a greater contribution from the atomic orbital to which it is closer 
in energy. In the case of NO, for example, the oz, bonding MO is closer in energy to the 


YW Go Figure How many valence-shell electrons are there in NO? 
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A Figure 9.43 The energy-level diagram for atomic and molecular orbitals in NO. 
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O 2s atomic orbital than to the N 2s atomic orbital. As a result, the o2, MO has a slightly 
greater contribution from O than from N—the orbital is no longer an equal mixture of 
the two atoms, as was the case for the homonuclear diatomic molecules. Similarly, the 
03; antibonding MO is weighted more heavily toward the N atom because that MO is 
closest in energy to the N 2s atomic orbital. 

We complete the MO diagram for NO by filling the MOs in Figure 9.43 with the 
11 valence electrons. Eight bonding and three antibonding electrons give a bond order 
of 5(8 —3)= 23, which agrees better with experiment than the Lewis structures do. 
The unpaired electron resides in one of the 73, MOs, which have a greater contribution 
from the N atom. (We could have placed this electron in either the left or right 73, MO.) 
Thus, the Lewis structure that places the unpaired electron on nitrogen (the one pre- 
ferred on the basis of formal charge) is the more accurate description of the true electron 


distribution in the molecule. 


CHEMISTRY PUT TO WORK [ulelsenunaicirsy Í 


Asked to identify the major technological challenge for the twenty- 
first century, you might say “energy,” reasoning that development of 
sustainable energy sources is crucial to meet the needs of future gen- 
erations of people on our planet. One of the most remarkable sources 
of clean energy is the Sun, which sends enough energy to power the 
world for millions of years. Our challenge is to capture enough of this 
energy in a form that allows us to use it as needed. Photovoltaic solar 
cells convert the light from the Sun into usable electricity, and the de- 
velopment of more efficient solar cells is one way to address Earth’s 
future energy needs. 

How does solar energy conversion work? Fundamentally, we 
need to be able to use photons from the Sun, especially from the 
visible portion of the spectrum, to excite electrons in molecules 
and materials to different energy levels. The brilliant colors around 
you—those of your clothes, the photographs in this book, the 
foods you eat—are due to the selective absorption of visible light 
by chemicals. It is helpful to think of this process in the context of 
molecular orbital theory: Light excites an electron from a filled mo- 
lecular orbital to an empty one at higher energy. Because MOs have 
definite energies, only light of the proper wavelengths can excite 
electrons. 

In discussing light absorption by molecules, we can focus on 
the two MOs shown in Figure 9.44. The highest occupied molecu- 
lar orbital (HOMO) is the MO of highest energy that has electrons 
in it. The lowest unoccupied molecular orbital (LUMO) is the MO 
of lowest energy that does not have electrons in it. In Np, for ex- 
ample, the HOMO is the oz, MO and the LUMO is the 73, MO 
(Figure 9.40). 

The energy difference between the HOMO and the LUMO— 
known as the HOMO-LUMO gap—is related to the minimum 
energy needed to excite an electron in the molecule. Colorless or 
white substances usually have such a large HOMO-LUMO gap that 
visible light is not energetic enough to excite an electron to the 
higher level. The minimum energy needed to excite an electron from 
the HOMO to the LUMO in N, corresponds to light with a wave- 
length of less than 200 nm, which is far into the ultraviolet part of 
the spectrum. As a result, N, cannot absorb visible light and is there- 
fore colorless. 

The magnitude of the energy gap between filled and empty elec- 
tronic states is critical for solar energy conversion. Ideally, we want a 
substance that absorbs as many solar photons as possible and then 
converts the energy of those photons into a useful form of energy. 
Titanium dioxide is a readily available material that can be reason- 
ably efficient at converting light directly into electricity. However, 


TiO, is white and absorbs only a small amount of the Sun’s 
radiant energy. Scientists are working to make solar cells in 
which TiO, is mixed with highly colored molecules, whose 
HOMO-LUMO gaps correspond to visible and near-infrared 
light to absorb more of the solar spectrum. If the HOMO of 
these molecules is higher in energy than the HOMO of TiO, 
the excited electrons will flow from the molecules into the 
TiO, thereby generating electricity when the device is illumi- 
nated with light and connected to an external circuit. 

Efficient solar energy conversion promises to be one of 
the most interesting and important areas of both scientific and 
technological development in our future. Many of you may ul- 
timately end up working in fields that have an impact on the 
world’s energy portfolio. 

Related Exercises: 9.113, 9.118, 9.128 

Design an Experiment 
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A Figure 9.44 Definitions of the highest occupied and lowest 
unoccupied molecular orbitals. The energy difference between 
these is the HOMO-LUMO gap. 


je Sample Integrative Exercise 
s Putting Concepts Together 


SOLUTION 


(a) Sulfur is a Group 16 element with an [Ne]3s73p' electron con- 
figuration. It is expected to be most similar electronically to 
oxygen (electron configuration, [He]2s?2p*), which is imme- 
diately above it in the periodic table. 


(b) The Lewis structure of Sg is 


There is a single bond between each pair of S atoms and two 
nonbonding electron pairs on each S atom. Thus, we see four 
electron domains around each S atom and expect a tetrahedral 
electron-domain geometry corresponding to sp? hybridiza- 
tion. Because of the nonbonding pairs, we expect the S—S— S 
angles to be somewhat less than 109.5°, the tetrahedral angle. 
Experimentally, the S—S—S angle in Sg is 108°, in good agree- 
ment with this prediction. Interestingly, if Sg were a planar 
ring, it would have S—S—S angles of 135°. Instead, the Sg ring 
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Elemental sulfur is a yellow solid that consists of Sg molecules. The structure of the Sg molecule is a puckered, eight- 
membered ring (see Figure 7.26). Heating elemental sulfur to high temperatures produces gaseous Sp molecules: 


Sa(s) —> 4 S2(8) 
(a) The electron configuration of which Period 2 element is most similar to that of sulfur? (b) Use the VSEPR model to pre- 
dict the S— S— S bond angles in Sg and the hybridization at S in Sg. (c) Use MO theory to predict the sulfur-sulfur bond 


order in S». Do you expect this molecule to be diamagnetic or paramagnetic? (d) Use average bond enthalpies (Table 8.3) to 
estimate the enthalpy change for this reaction. Is the reaction exothermic or endothermic? 


puckers to accommodate the smaller angles dictated by sp* 
hybridization. 


(c) The MOs of S; are analogous to those of O2, although the MOs 
for S, are constructed from the 3s and 3p atomic orbitals of 
sulfur. Further, Sz has the same number of valence electrons 
as O2. Thus, by analogy with Oz, we expect S; to have a bond 
order of 2 (a double bond) and to be paramagnetic with two 
unpaired electrons in the T3p molecular orbitals of Sp. 


(d 


YS 


We are considering the reaction in which an Sg molecule falls 
apart into four Sọ molecules. From parts (b) and (c), we see 
that Sg has S—S single bonds and S, has S=S double bonds. 
During the reaction, therefore, we are breaking eight S—S 
single bonds and forming four S=S double bonds. We can 
estimate the enthalpy of the reaction by using Equation 5.33 
and the average bond enthalpies in Table 8.3: 


AH,xn = 8 D(S—S) — 4D(S=S) 

= 8(266kJ) — 4(418 kJ) = +456 kJ 
Recall that D(X—Y) represents the X— Y bond enthalpy. 
Because AH,,, > 0, the reaction is endothermic (Section 5.3). 


The very positive value of AH, xn suggests that high tempera- 
tures are required to cause the reaction to occur. 


Self-Assessment Exercise 


9.37 What is the bond order of CO? 
(a) 1 
(b) 2 
(c) 3 


Exercises 


9.38 Draw a picture that shows all three 2p orbitals on one atom 
and all three 2p orbitals on another atom. (a) Imagine the at- 
oms coming close together to bond. How many o bonds can 
the two sets of 2p orbitals make with each other? (b) How 
many r bonds can the two sets of 2p orbitals make with each 
other? (c) How many antibonding orbitals, and of what type, 
can be made from the two sets of 2p orbitals? 


9.39 (a) What are the relationships among bond order, bond 
length, and bond energy? (b) According to molecular orbital 
theory, would either Be, or Be" be expected to exist? Explain. 


9.40 How would we describe a substance that contains only 
paired electrons and is weakly repelled by a magnetic field? 


Which of the following ions would you expect to possess 
similar characteristics: Hy , Ney", Fp, O2 *? 

9.41 Using Figures 9.32 and 9.40 as guides, draw the molecular or- 
bital electron configuration for (a) Bs , (b) Li; , (©) No’ , (d) 
Ney’. In each case indicate whether the addition of an elec- 
tron to the ion would increase or decrease the bond order of 
the species. 


9.42 Determine the electron configurations for CN*, CN, and 
CN’. (a) Which species has the strongest C—N bond? 
(b) Which species, if any, has unpaired electrons? 


9.43 Consider the molecular orbitals of the P, molecule. Assume 
that the MOs of diatomics from the third row of the periodic 
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table are analogous to those from the second row. (a) Which 
valence atomic orbitals of P are used to construct the MOs of 
P2? (b) The figure that follows shows a sketch of one of the 
MOs for P). What is the label for this MO? (c) For the P, mole- 
cule, how many electrons occupy the MO in the figure? (d) Is 
P, expected to be diamagnetic or paramagnetic? 


Chapter Summary and Key Terms 


MOLECULAR SHAPES (INTRODUCTION AND SECTION 9.1) The 
three-dimensional shapes and sizes of molecules are determined by 
their bond angles and bond lengths. Molecules with a central atom A 
surrounded by n atoms B, denoted AB,,, adopt a number of different 
geometric shapes, depending on the value of n and on the particular 
atoms involved. In the overwhelming majority of cases, these geom- 
etries are related to five basic shapes (linear, trigonal pyramidal, tetra- 
hedral, trigonal bipyramidal, and octahedral). 


THE VSEPR MODEL (SECTION 9.2) The valence-shell electron-pair 
repulsion (VSEPR) model rationalizes molecular geometries based on 
the repulsions between electron domains, which are regions about a 
central atom in which electrons are likely to be found. Bonding pairs 
of electrons, which are those involved in making bonds, and non- 
bonding pairs of electrons, also called lone pairs, both create electron 
domains around an atom. According to the VSEPR model, electron 
domains orient themselves to minimize electrostatic repulsions; that 
is, they remain as far apart as possible. 

Electron domains from nonbonding pairs exert slightly greater 
repulsions than those from bonding pairs, which leads to certain pre- 
ferred positions for nonbonding pairs and to the departure of bond 
angles from idealized values. Electron domains from multiple bonds 
exert slightly greater repulsions than those from single bonds. The 
arrangement of electron domains around a central atom is called 
the electron-domain geometry; the arrangement of atoms is called the 
molecular geometry. 


MOLECULAR POLARITY (SECTION 9.3) The dipole moment of 
a polyatomic molecule depends on the vector sum of the dipole 
moments associated with the individual bonds, called the bond 
dipoles. Certain molecular shapes, such as linear AB, and trigonal pla- 
nar AB;, lead to cancellation of the bond dipoles, producing a non- 
polar molecule, which is one whose overall dipole moment is zero. In 
other shapes, such as bent AB; and trigonal pyramidal AB3, the bond 
dipoles do not cancel and the molecule will be polar (that is, it will 
have a nonzero dipole moment). 


COVALENT BONDING AND ORBITAL OVERLAP (SECTION 9.4) 
Valence-bond theory is an extension of Lewis’s notion of electron-pair 
bonds. In valence-bond theory, covalent bonds are formed when 
atomic orbitals on neighboring atoms overlap one another. The 
overlap region is one of greater stability for the two electrons 
because of their simultaneous attraction to two nuclei. The greater 
the overlap between two orbitals, the stronger the bond that is 
formed. 


HYBRID ORBITALS (SECTION 9.5) To extend the ideas of valence- 
bond theory to polyatomic molecules, we must envision mix- 
ing s and p orbitals to form hybrid orbitals. The process of 
hybridization leads to hybrid atomic orbitals that have a large 
lobe directed to overlap with orbitals on another atom to make 
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a bond. Hybrid orbitals can also accommodate nonbond- 
ing pairs. A particular mode of hybridization can be associ- 
ated with each of three common electron-domain geometries 
(linear = sp; trigonal planar = sp; tetrahedral = sp*). The bond- 
ing in hypervalent molecules—those with more than an octet of 
electrons—is not as readily discussed in terms of hybrid orbitals. 


MULTIPLE BONDS (SECTION 9.6) Covalent bonds in which the 
electron density lies along the line connecting the atoms (the inter- 
nuclear axis) are called sigma (ø) bonds. Bonds can also be formed 
from the sideways overlap of p orbitals. Such a bond is called a pi 
(7) bond. A double bond, such as that in C2H,, consists of one o 
bond and one z bond; each carbon atom has an unhybridized p or- 
bital, and these are the orbitals that overlap to form z bonds. A tri- 
ple bond, such as that in C,H), consists of one ø and two m bonds. 
The formation of a m bond requires that molecules adopt a specific 
orientation; the two CH; groups in C2H,, for example, must lie in 
the same plane. As a result, the presence of 7 bonds introduces ri- 
gidity into molecules. In molecules that have multiple bonds and 
more than one resonance structure, such as CsH¢, the m bonds are 
delocalized; that is, the 7 bonds are spread among several atoms. 


MOLECULAR ORBITALS (SECTION 9.7) Molecular orbital theory is 
another model used to describe the bonding in molecules. In this 
model, the electrons exist in allowed energy states called molecular 
orbitals (MOs). An MO can extend over all the atoms of a molecule. 
Like an atomic orbital, a molecular orbital has a definite energy 
and can hold two electrons of opposite spin. We can build mo- 
lecular orbitals by combining atomic orbitals on different atomic 
centers. In the simplest case, the combination of two atomic or- 
bitals leads to the formation of two MOs, one at lower energy and 
one at higher energy relative to the energy of the atomic orbitals. 
The lower-energy MO concentrates charge density in the re- 
gion between the nuclei and is called a bonding molecular or- 
bital. The higher-energy MO excludes electrons from the region 
between the nuclei and is called an antibonding molecular orbital. 
Antibonding MOs exclude electron density from the region between 
the nuclei and have a nodal plane—a place at which the electron den- 
sity is zero—between the nuclei. Occupation of bonding MOs favors 
bond formation, whereas occupation of antibonding MOs is unfa- 
vorable. The bonding and antibonding MOs formed by the combi- 
nation of s orbitals are sigma (ø) molecular orbitals; they lie on the 
internuclear axis. 

The combination of atomic orbitals and the relative energies of 
the molecular orbitals are shown by an energy-level (or molecular or- 
bital) diagram. When the appropriate number of electrons is put into 
the MOs, we can calculate the bond order of a bond, which is half 
the difference between the number of electrons in bonding MOs 
and the number of electrons in antibonding MOs. A bond order of 1 
corresponds to a single bond, and so forth. Bond orders can be frac- 
tional numbers. 


BONDING IN PERIOD 2 DIATOMIC MOLECULES (SECTION 9.8) 
Electrons in core orbitals do not contribute to the bonding between 
atoms, so a molecular orbital description usually needs to consider 
only electrons in the outermost electron subshells. To describe the 
MOs of Period 2 homonuclear diatomic molecules, we need to con- 
sider the MOs that can form by the combination of p orbitals. The p 
orbitals that point directly at one another can form ø bonding and 
o* antibonding MOs. The p orbitals that are oriented perpendicu- 
lar to the internuclear axis combine to form pi (7) molecular orbitals. 
In diatomic molecules, the 7 molecular orbitals occur as a pair of 
degenerate (same energy) bonding MOs and a pair of degenerate 
antibonding MOs. The op bonding MO is expected to be lower in 
energy than the m, bonding MOs because of larger orbital overlap of 
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the p orbitals directed along the internuclear axis. However, this order- 
ing is reversed in Bz, C2, and N; because of interaction between the 2s 
and 2p atomic orbitals of different atoms. 

The molecular orbital description of Period 2 diatomic mole- 
cules leads to bond orders in accord with the Lewis structures of these 
molecules. Further, the model predicts correctly that Oz should ex- 
hibit paramagnetism, which leads to attraction of a molecule into a 
magnetic field due to the influence of unpaired electrons. Molecules 
in which all the electrons are paired exhibit diamagnetism, which 
leads to weak repulsion from a magnetic field. The molecular orbit- 
als of heteronuclear diatomic molecules are often closely related to 
those of homonuclear diatomic molecules. 


e e ee 
Learning Outcomes After studying this chapter, you should be able to: 


e Draw and name the predicted three-dimensional shapes of 
molecules using the VSEPR model. (Section 9.2) 
Related Exercises: 9.10, 9.63 


e Determine whether a molecule is polar or nonpolar based on 
its geometry and the individual bond dipole moments. 
(Section 9.3) Related Exercises: 9.17, 9.71 


e Explain the role of orbital overlap in the formation of covalent 
bonds. (Section 9.4) Related Exercises: 9.22, 9.74 


e Determine the hybridization of atoms in molecules based on ob- 
served molecular structures. (Section 9.5) Related Exercises: 9.24, 9.76 


e Sketch how orbitals overlap to form sigma (ø) and pi (7) bonds. 
(Section 9.6) Related Exercises: 9.28, 9.78 


e Explain the existence of delocalized m bonds in molecules such 
as benzene. (Section 9.6) Related Exercises: 9.31, 9.83 


e Count the number of electrons in a delocalized m system. 
(Section 9.6) Related Exercises: 9.32, 9.84 


e Explain the concept of bonding and antibonding molecu- 
lar orbitals and draw examples of ø and m MOs. (Section 9.7) 
Related Exercises: 9.35, 9.86 


e Draw molecular orbital energy-level diagrams and place elec- 
trons into them to obtain the bond orders and electron config- 
urations of diatomic molecules using molecular orbital theory. 
(Sections 9.7 and 9.8) Related Exercises: 9.36, 9.87 


e Correlate bond order, bond strength (bond enthalpy), bond 
length, and magnetic properties with molecular orbital descrip- 
tions of molecules. (Section 9.8) Related Exercises: 9.41, 9.91 


). AAA 


Key Equations 


° Bond order = $ (number of bonding electrons — number of antibonding electrons) [9.1] 


Exercises 


Visualizing Concepts 


9.44 Acertain AB, molecule has a “seesaw” shape 


From which of the fundamental geometries shown in Figure 
9.3 could you remove one or more atoms to create a molecule 
having this seesaw shape? [Section 9.1] 


9.45 (a) If these three balloons are all the same size, what angle 
is formed between the red one and the green one? (b) If ad- 
ditional air is added to the blue balloon so that it gets larger, 
will the angle between the red and green balloons increase, 
decrease, or stay the same? (c) Which of the following as- 
pects of the VSEPR model is illustrated by part (b): (i) The 


electron-domain geometry for four electron domains is tet- 
rahedral. (ii) The electron domains for nonbonding pairs are 
larger than those for bonding pairs. (iii) The hybridization 
that corresponds to a trigonal planar electron-domain geom- 
etry is sp’. [Section 9.2] 


9.46 For each molecule (a)-(f), indicate how many different 
electron-domain geometries are consistent with the molecu- 
lar geometry shown. [Section 9.2] 


(a) (b) 
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(c) (d) 
(e) (f) 


9.47 The molecule shown here is difluoromethane (CH2F,), 
which is used as a refrigerant called R-32. (a) Based on 
the structure, how many electron domains surround the 
C atom in this molecule? (b) Would the molecule have 
a nonzero dipole moment? (c) If the molecule is polar, 
which of the following describes the direction of the over- 
all dipole moment vector in the molecule: (i) from the 
carbon atom toward a fluorine atom, (ii) from the car- 
bon atom to a point midway between the fluorine atoms, 
(iii) from the carbon atom to a point midway between the 
hydrogen atoms, or (iv) from the carbon atom toward a hy- 
drogen atom? [Sections 9.2 and 9.3] 


@ @ 
(24 


9.48 The following plot shows the potential energy of two Cl at- 
oms as a function of the distance between them. (a) If the 
two atoms are very far away from each other, what is their 
potential energy of interaction? (b) We know that the Cl, 
molecule exists. What is the approximate bond length and 
bond strength for the Cl-Cl bond in Cl, from this graph? 
(c) If the Cl, molecule is compressed under higher and 
higher pressure, does the Cl-Cl bond become stronger or 


weaker? 
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9.49 The orbital diagram that follows presents the final step in the 
formation of hybrid orbitals by a silicon atom. (a) Which of 
the following best describes what took place before the step 
pictured in the diagram: (i) Two 3p electrons became un- 
paired, (ii) An electron was promoted from the 2p orbital to 


the 3s orbital, or (iii) An electron was promoted from the 3s 
orbital to the 3p orbital? (b) What type of hybrid orbital is 
produced in this hybridization? [Section 9.5] 


EST ee | 
3s 3p 


9.50 Inthe hydrocarbon 
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(a) What is the hybridization at each carbon atom in the 
molecule? (b) How many o bonds are there in the molecule? 
(c) How many z bonds? (d) Identify all the 120° bond angles 
in the molecule. [Section 9.6] 


9.51 This drawing shows the overlap of two hybrid orbitals to 
form a bond in a hydrocarbon. (a) Which of the following 
types of bonds is being formed: (i) C—Ca, (ii) C—Cz, 
or (iii) C—H o? (b) Which of the following could be the 
identity of the hydrocarbon: (i) CHy, (ii) C2H6, (iii) C2H4, or 
(iv) C2H2? [Section 9.6] 


9.52 This molecule is called furan. It is represented in typical 
shorthand way for organic molecules, with hydrogen atoms 
not shown, and each of the 4 vertices representing a carbon 
atom. 


O 


O 


(a) What is the molecular formula for furan? (b) How many 
valence electrons are there in the molecule? (c) What is 
the hybridization at each of the carbon atoms? (d) How 
many electrons are in the 7 system of the molecule? (e) The 
C— C—C bond angles in furan are much smaller than those 
in benzene. The likely reason is which of the following: (i) 
The hybridization of the carbon atoms in furan is differ- 
ent from that in benzene, (ii) Furan does not have another 
resonance structure equivalent to the one shown here, or 
(iii) The atoms in a five-membered ring are forced to adopt 
smaller angles than in a six-membered ring. [Section 9.5] 


9.53 The following is part of a molecular orbital energy-level dia- 
gram for MOs constructed from 1s atomic orbitals. 


(a) What labels do we use for the two MOs shown? (b) For 
which of the following molecules or ions could this be the 
energy-level diagram: 


+ + - 
Hp, He, Hp , He, , OF H3 ? 


9.54 


9.55 


(c) What is the bond order of the molecule or ion? (d) If an 
electron is added to the system, into which of the MOs will it 
be added? [Section 9.7] 


For each of these contour representations of molecular orbit- 
als, identify (a) the atomic orbitals (s or p) used to construct 
the MO (b) the type of MO (ø or r), (c) whether the MO is 
bonding or antibonding, and (d) the locations of nodal 
planes. [Sections 9.7 and 9.8] 
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(iii) 


The diagram that follows shows the highest-energy occupied 
MOs of a neutral molecule CX, where element X is in the 
same row of the periodic table as C. (a) Based on the number 
of electrons, can you determine the identity of X? (b) Would 
the molecule be diamagnetic or paramagnetic? (c) Consider 
the 7» MOs of the molecule. Would you expect them to have 
a greater atomic orbital contribution from C, have a greater 
atomic orbital contribution from X, or be an equal mixture 
of atomic orbitals from the two atoms? [Section 9.8] 


Op 
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Molecular Shapes; the VSEPR Model 
(Sections 9.1 and 9.2) 


9.56 


9.57 


9.58 


9.59 


9.60 


9.61 


9.62 


(a) Boron trichloride (BCl;) and the carbonate ion (CO3?) 
are both described as trigonal. What does this indicate about 
their bond angles? (b) The PCl; molecule is trigonal pyrami- 
dal, while IC]; is T-shaped. Which of these molecules is flat? 


How does a trigonal pyramid differ from a tetrahedron so far 
as molecular geometry is concerned? 


Describe the bond angles to be found in each of the follow- 
ing molecular structures: (a) trigonal planar, (b) tetrahedral, 
(c) octahedral, (d) linear. 


Would you expect the nonbonding electron-pair domain in 
NCI; to be greater or smaller in size than the corresponding 
one in PCl;? 


In which of the following molecules can you confidently 
predict the bond angles about the central atom, and for 
which would you be a bit uncertain? Explain in each case. 
(a) H,S, (b) BCl;, (c) CH31, (d) CBry, (e) TeBry. 

How many electron domains are surrounding the central 
atoms which adopt the following geometries? (a) linear (b) trigo- 
nal planar (c) trigonal pyramidal (d) trigonal bipyramidal. 


What are the electron-domain and molecular geometries of a 
molecule that has the following electron domains on its cen- 
tral atom? (a) Three bonding domains and no nonbonding 
domains, (b) three bonding domains and one nonbonding 
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domain, (c) two bonding domains and two nonbonding 
domains. 


9.63 Draw the Lewis structure for each of the following molecules 
or ions, and predict their electron-domain and molecular 
geometries: (a) AsF3, (b) CH3*, (c) BrF3, (d) ClO3, (e) XeFy, 
(£) BrOz - 

9.64 The figure that follows contains ball-and-stick drawings 
of three possible shapes of an AF, molecule. (a) For each 
shape, give the electron-domain geometry on which 
the molecular geometry is based. (b) For each shape, 
how many nonbonding electron domains are there on 
atom A? (c) Which of the following elements will lead to 
an AF, molecule with the shape in (iii): Be, C, S, Se, Si, Xe? 
(d) Name an element A that is expected to lead to the AFy 
structure shown in (i). 


(i) (ii) Gii) 


9.65 Give the approximate values for the indicated bond angles in 
the following molecules: 
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9.66 In which of the following AF, molecules or ions is there more 
than one F—A—F bond angle: PF, , SbFs, SF4? 


9.67 Name the proper three-dimensional molecular shapes for 
each of the following molecules or ions, showing lone pairs 
as needed: (a) ClO, (b) SO,?- (c) NF; (d) CC1;Br, (e) SF,?* 


Shapes and Polarity of Polyatomic Molecules 
(Section 9.3) 


9.68 Whatis the distinction between a bond dipole and a molecu- 
lar dipole moment? 


9.69 (a) The PH; molecule is polar. Does this offer experimental 
proof that the molecule cannot be planar? Explain. (b) It 
turns out that ozone, O3, has a small dipole moment. How is 
this possible, given that all the atoms are the same? 


9.70 (a) Consider the following two molecules: PCl, and BCl}. 
Which molecule has a nonzero dipole moment? (b) Consider 
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the following two molecules: XeF, and SF,. Which molecule 
has a zero dipole moment? 

9.71 Predict whether each of the following molecules is polar or non- 
polar: (a) CCly, (b) NH3, (c) SFy, (d) XeFy, (e) CH3Br, (£) GaH3. 


9.72 Dihydroxybenzene, C6H60O%, exists in three forms (isomers) 
called ortho, meta, and para: 


OH OH OH 
OH 
OH 
OH 
para meta ortho 


Which of these has a nonzero dipole moment? 


Orbital Overlap; Hybrid Orbitals 
(Sections 9.4 and 9.5) 


9.73 For each statement, indicate whether it is true or false. (a) In 
order to make a covalent bond, the orbitals on each atom in 
the bond must overlap. (b) A p orbital on one atom cannot 
make a bond to an s orbital on another atom. (c) Lone pairs 
of electrons on an atom in a molecule influence the shape of 
a molecule. (d) The 1s orbital has a nodal plane. (e) The 2p 
orbital has a nodal plane. 


9.74 How would you expect the extent of overlap of the bond- 
ing atomic orbitals to vary in the series IF, ICI, IBr, and I,? 
Explain your answer. 


9.75 Consider the SCl; molecule. (a) What is the electron config- 
uration of an isolated S atom? (b) What is the electron con- 
figuration of an isolated Cl atom? (c) What hybrid orbitals 
should be constructed on the S atom to make the S-Cl bonds 
in SCl,? (d) What valence orbitals, if any, remain unhybrid- 
ized on the S atom in SCl? 


9.76 What is the hybridization of the central atom in (a) PBrs, 
(b) CH,0, (c) O3, (d) NO3? 

9.77 (a) Which geometry and central atom hybridization would 
you expect in the series BH, , CH4, NH4? (b) What would 
you expect for the magnitude and direction of the bond 
dipoles in this series? (c) Write the formulas for the analo- 
gous species of the elements of Period 3; would you expect 
them to have the same hybridization at the central atom? 


Multiple Bonds (Section 9.6) 


9.78 (a) If the valence atomic orbitals of an atom are sp hybrid- 
ized, how many unhybridized p orbitals remain in the 
valence shell? How many m bonds can the atom form? 
(b) Imagine that you could hold two atoms that are bonded 
together, twist them, and not change the bond length. 
Would it be easier to twist (rotate) around a single ø bond or 
around a double (ø plus m) bond, or would they be the same? 


9.79 (a) Draw Lewis structures for chloromethane (CH3Cl), chlo- 
roethene (C2H3Cl), and chloroethyne (CHCl). (b) What is 
the hybridization of the carbon atoms in each molecule? 
(c) Predict which molecules, if any, are planar. (d) How many 
o and 7 bonds are there in each molecule? 


9.80 The oxygen atoms in O, participate in multiple bonding, 
whereas those in hydrogen peroxide, H20,, do not. (a) Draw 
Lewis structures for both molecules. (b) What is the hybrid- 
ization of the oxygen atoms in each molecule? (c) Which 
molecule has the stronger O — O bond? 


9.81 Benzaldehyde, C7H,0, is a fragrant substance responsible for 
the aroma of almonds. Its Lewis structure is 


c 
H^ ~c `H 


H 


(a) What is the hybridization at each of the carbon atoms of the 
molecule? (b) What is the total number of valence electrons in 
benzaldehyde? (c) How many of the valence electrons are used 
to make o bonds in the molecule? (d) How many valence elec- 
trons are used to make m bonds? (e) How many valence elec- 
trons remain in nonbonding pairs in the molecule? 


9.82 Consider the Lewis structure for acetic acid, which is known 
as vinegar: 


a 


| N 
A ae 
H 


(a) What are the approximate bond angles about each of the 
two carbon atoms, and what are the hybridizations of the or- 
bitals on each of them? (b) What are the hybridizations of the 
orbitals on the two oxygen atoms, and what are the approxi- 
mate bond angles at the oxygen that is connected to carbon 
and hydrogen? (c) What is the total number of o bonds in the 
entire molecule, and what is the total number of m bonds? 


9.83 (a) Write a single Lewis structure for NO, and determine the 
hybridization of the central N atom. (b) Are there other pos- 
sible Lewis structures for the molecule? (c) Would you expect 
N20 to exhibit delocalized m bonding? 


9.84 Consider this Lewis structure. 


(a) Does the Lewis structure depict a neutral molecule or an 
ion? If it is an ion, what is the charge on the ion? (b) What 
hybridization is exhibited by each of the carbon atoms? 
(c) Are there multiple equivalent resonance structures for 
the species? (d) How many electrons are in the 7 system of 
the species? 

9.85 What hybridization do you expect for the atom 
that is underlined in each of the following species? 
(a) IO; ; (b) NH; ; (c) SCN; (d) BrCl; 


Molecular Orbitals and Period 2 Diatomic 
Molecules (Sections 9.7 and 9.8) 


9.86 (a) If you combine two atomic orbitals on two different at- 
oms to make a new orbital, is this a hybrid orbital or a mo- 
lecular orbital? (b) If you combine two atomic orbitals on 
one atom to make a new orbital, is this a hybrid orbital or a 
molecular orbital? (c) Does the Pauli exclusion principle 
(Section 6.7) apply to MOs? Explain. 


9.87 (a) Sketch the molecular orbitals of the Hz ion and draw its 
energy-level diagram. (b) Write the electron configuration of 


9.88 


9.89 


9.90 


9.91 


the ion in terms of its MOs. (c) Calculate the bond order in 
Hz . (d) Suppose that the ion is excited by light, so that an 
electron moves from a lower-energy to a higher-energy molec- 
ular orbital. Would you expect the excited-state Hz ion to be 
stable? (e) Which of the following statements about part (d) 
is correct: (i) The light excites an electron from a bonding or- 
bital to an antibonding orbital, (ii) The light excites an elec- 
tron from an antibonding orbital to a bonding orbital, or (iii) 
In the excited state there are more bonding electrons than 
antibonding electrons? 


Indicate whether each statement is true or false. (a) p orbit- 
als can only make ø or o* molecular orbitals. (b) The proba- 
bility is always 0% for finding an electron in an antibonding 
orbital. (c) Molecules containing electrons that occupy anti- 
bonding orbitals must be unstable. (d) Electrons cannot oc- 
cupy a nonbonding orbital. 


Explain the following: (a) The peroxide ion, of, has a longer 
bond length than the superoxide ion, O; . (b) The magnetic 
properties of Bz are consistent with the 7, MOs being lower 
in energy than the oz, MO. (c) The Or ion has a stronger 
O—O bond than O; itself. 


(a) What does the term paramagnetism mean? (b) How can one 
determine experimentally whether a substance is paramag- 
netic? (c) Which of the following ions would you expect to be 
paramagnetic: Oz", N, Liz , O7? For those ions that are 
paramagnetic, determine the number of unpaired electrons. 

If we assume that the energy-level diagrams for homonuclear 
diatomic molecules shown in Figure 9.40 can be applied 
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to heteronuclear diatomic molecules and ions, predict the 
bond order and magnetic behavior of (a) CC7, (b) NO*, 
(c) HHe*, (d) CIF. 


(a) The nitric oxide molecule, NO, readily loses one electron 
to form the NO* ion. Which of the following is the best ex- 
planation of why this happens: (i) Oxygen is more electro- 
negative than nitrogen, (ii) The highest energy electron in 
NO lies ina Tp molecular orbital, or (iii) The Tp MO in NO 
is completely filled. (b) Predict the order of the N—O bond 
strengths in NO, NO‘, and NO , and describe the magnetic 
properties of each. (c) With what neutral homonuclear di- 
atomic molecules are the NO* and NO’ ions isoelectronic 
(same number of electrons)? 


The iodine bromide molecule, IBr, is an interhalogen compound. 
Assume that the molecular orbitals of IBr are analogous to 
the homonuclear diatomic molecule F,. (a) Which valence 
atomic orbitals of I and of Br are used to construct the MOs of 
IBr? (b) What is the bond order of the IBr molecule? (c) One of 
the valence MOs of IBr is sketched here. Why are the atomic 
orbital contributions to this MO different in size? (d) What is 
the label for the MO sketched here? (e) For the IBr molecule, 
how many electrons occupy the MO sketched here? 


@--o 
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(a) What is the physical basis for the VSEPR model? 
(b) When applying the VSEPR model, we count a double or 
triple bond as a single electron domain. Why is this justified? 


An AB, molecule is described as having a tetrahedral geom- 
etry. (a) How many nonbonding domains are on atom A? 
(b) Based on the information given, which of the following 
is the molecular geometry of the molecule: (i) linear, (ii) bent, 
(iii) trigonal planar, or (iv) tetrahedral? 


Consider the following XF; ions: PF, , BrFy , CIF4*, and AIF, . 
(a) Which of the ions have more than an octet of electrons 
around the central atom? (b) For which of the ions will the 
electron-domain and molecular geometries be the same? 
(c) Which of the ions will have an octahedral electron- 
domain geometry? (d) Which of the ions will exhibit a see- 
saw molecular geometry? 


Consider the molecule PF,Cl. (a) Draw a Lewis structure for 
the molecule, and predict its electron-domain geometry. 
(b) Which would you expect to take up more space, a P—F 
bond or a P— Cl bond? Explain. (c) Predict the molecular ge- 
ometry of PF,Cl. How did your answer for part (b) influence 
your answer here in part (c)? (d) Would you expect the mol- 
ecule to distort from its ideal electron-domain geometry? If 
so, how would it distort? 


The vertices of a tetrahedron correspond to four alternating 
corners of a cube. By using analytical geometry, demonstrate 
that the angle made by connecting two of the vertices toa 
point at the center of the cube is 109.5°, the characteristic 
angle for tetrahedral molecules. 


Fill in the blank spaces in the following chart. If the molecule 
column is blank, find an example that fulfills the conditions 
of the rest of the row. 
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Hybridization Dipole 
Electron-Domain of Central Moment? 
Molecule Geometry Atom Yes or No 
CO, 
sp? Yes 
sp? No 
Trigonal planar No 
SF4 
Octahedral No 
sp? Yes 
Trigonal No 
bipyramidal 
XeFo 


From their Lewis structures, determine the number of o 
and m bonds in each of the following molecules or ions: 
(a) hydrazine, N2H,; (b) hydrogen cyanide, HCN; (c) sulfur 
trioxide, SO3; (d) ozone, O3. 

Ethyl propanoate, CH3CH,COOCH,CHs3, gives a fruity 
pineapple-like smell. (a) Draw the Lewis structure for the 
molecule, assuming that carbon always forms four bonds 
in its stable compounds. (b) How many o and how many m 
bonds are in the molecule? (c) Which CO bond is shortest 
in the molecule? (d) What is the hybridization of atomic 
orbitals around the carbon atom associated with that short 
bond? (e) What are the approximate bond angles around 
each carbon atom in the molecule? 


An AB; molecule adopts the geometry shown here. (a) What 
is the name of this geometry? (b) Do you think there are 
any nonbonding electron pairs on atom A? (c) Suppose the 
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B atoms are halogen atoms. Of which group in the periodic 
table is atom A a member: (i) Group 15, (ii) Group 16, 
(iii) Group 17, (iv) Group 18, or (v) More information is 
needed? 


There are two compounds of the formula Pt(NH3) Cl: 


NH; T 
aa i —NH; 
NH; NH; 


The compound on the right is called cisplatin, and the com- 
pound on the left is called transplatin. (a) Which compound 
has a nonzero dipole moment? (b) One of these compounds 
is an anticancer drug, and one is inactive. The anticancer 
drug works by its chloride ions undergoing a substitution 
reaction with nitrogen atoms in DNA that are close together, 
forming a N—Pt—N angle of about 90°. Which compound 
would you predict to be the anticancer drug? 


The O—H bond lengths in the water molecule (H20) are 96 
pm, and the H—O—H angle is 104.5°. The dipole moment 
of the water molecule is 6.17 x 10° C-m. (a) In what direc- 
tions do the bond dipoles of the O — H bonds point? In what 
direction does the dipole moment vector of the water mole- 
cule point? (b) Calculate the magnitude of the bond dipole 
of the O—H bonds. (Note: You will need to use vector addition 
to do this.) (c) Compare your answer from part (b) to the dipole 
moments of the hydrogen halides (Table 8.3). Is your answer 
in accord with the relative electronegativity of oxygen? 


(a) Predict the electron-domain geometry around the cen- 
tral S atom in SF,, SF4, and SFs. (b) The anion IO, has a tet- 
rahedral structure: three oxygen atoms form double bonds 
with the central iodine atom and one oxygen atom which 
carries a negative charge forms a single bond. Predict the 
molecular geometry of IO,>. 


Which of the following statements about hybrid orbitals is 
or are true? (i) After an atom undergoes sp hybridization, 
there is one unhybridized p orbital on the atom, (ii) Under 
sp” hybridization, the large lobes point to the vertices of an 
equilateral triangle, and (iii) The angle between the large 
lobes of sp? hybrids is 109.5°. 


The Lewis structure for allene is 


Nc=c=c” 
Vs N 
H H 


Make a sketch of the structure of this molecule that is anal- 
ogous to Figure 9.25. In addition, answer the following 
three questions: (a) Is the molecule planar? (b) Does it have 
a nonzero dipole moment? (c) Would the bonding in al- 
lene be described as delocalized? Explain. 


Consider the molecule C,H;N, which has the connectivity 
shown here. (a) After the Lewis structure for the molecule is 
completed, how many ø and how many m bonds are there 
in this molecule? (b) How many atoms in the molecule ex- 
hibit (i) sp hybridization, (ii) sp” hybridization, and (iii) sp? 
hybridization? 
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H—C—C—C—N—C—H 


Sodium azide is a shock-sensitive compound that releases 
N2 upon physical impact. The compound is used in auto- 
mobile airbags. The azide ion is N3 . (a) Draw the Lewis 
structure of the azide ion that minimizes formal charge 
(it does not form a triangle). Is it linear or bent? (b) State 
the hybridization of the central N atom in the azide ion. 
(c) How many ø bonds and how many m bonds does the 
central nitrogen atom make in the azide ion? 


In ozone, O3, the two oxygen atoms on the ends of the mol- 
ecule are equivalent to one another. (a) What is the best 
choice of hybridization scheme for the atoms of ozone? 
(b) For one of the resonance forms of ozone, which of the 
orbitals are used to make bonds and which are used to hold 
nonbonding pairs of electrons? (c) Which of the orbitals 
can be used to delocalize the m electrons? (d) How many 
electrons are delocalized in the 7 system of ozone? 


Butadiene, C4Hg, is a planar molecule that has the follow- 
ing carbon-carbon bond lengths: 


H,C——CH CH——CH, 
134 pm 148 pm 134 pm 


(a) Predict the bond angles around each of the carbon at- 
oms and sketch the molecule. (b) From left to right, what 
is the hybridization of each carbon atom in butadiene? 
(c) The middle C— C bond length in butadiene (148 pm) is 
a little shorter than the average C—C single bond length 
(154 pm). Does this imply that the middle C—C bond in 
butadiene is weaker or stronger than the average C— C 
single bond? (d) Based on your answer for part (c), discuss 
what additional aspects of bonding in butadiene might 
support the shorter middle C—C bond. 


The structure of borazine, B3N3H,, is a six-membered ring 
of alternating B and N atoms. There is one H atom bonded 
to each B and to each N atom. The molecule is planar. 
(a) Write a Lewis structure for borazine in which the for- 
mal charge on every atom is zero. (b) Write a Lewis struc- 
ture for borazine in which the octet rule is satisfied for 
every atom. (c) What are the formal charges on the atoms 
in the Lewis structure from part (b)? Given the electro- 
negativities of B and N, do the formal charges seem favor- 
able or unfavorable? (d) Do either of the Lewis structures 
in parts (a) and (b) have multiple resonance structures? 
(e) What are the hybridizations at the B and N atoms in the 
Lewis structures from parts (a) and (b)? Would you expect 
the molecule to be planar for both Lewis structures? (f) The 
six B—N bonds in the borazine molecule are all identical 
in length at 144 pm. Typical values for the bond lengths of 
B—N single and double bonds are 151 pm and 131 pm, re- 
spectively. Does the value of the B—N bond length seem 
to favor one Lewis structure over the other? (g) How many 
electrons are in the 7 system of borazine? 


The highest occupied molecular orbital of a molecule is 
abbreviated as the HOMO. The lowest unoccupied molec- 
ular orbital in a molecule is called the LUMO. Experimen- 
tally, one can measure the difference in energy between 
the HOMO and LUMO by taking the electronic absorp- 
tion (UV-visible) spectrum of the molecule. Peaks in the 
electronic absorption spectrum can be labeled as 77,-72)*, 
025-02;*, and so on, corresponding to electrons being pro- 
moted from one orbital to another. The HOMO-LUMO tran- 
sition corresponds to molecules going from their ground 
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state to their first excited state. (a) Write out the molecular 
orbital valence electron configurations for the ground state 
and first excited state for N3. (b) Is Nọ paramagnetic or di- 
amagnetic in its first excited state? (c) The electronic ab- 
sorption spectrum of the Nz molecule has the lowest energy 
peak at 170 nm. To what orbital transition does this corre- 
spond? (d) Calculate the energy of the HOMO-LUMO tran- 
sition in part (a) in terms of kJ/mol. (e) Is the N—N bond in 
the first excited state stronger or weaker compared to that in 
the ground state? 


One of the molecular orbitals of the Hz ion is sketched 


here: 
l 
| 
| 
| 
| 
| 


(a) Is the molecular orbital a ø or m MO? Is it bonding or 
antibonding? (b) In Hy , how many electrons occupy the 
MO shown here? (c) What is the bond order in the Hy 
ion? (d) Compared to the H—H bond in H2, the H—H 
bond in Hy is expected to be which of the following: 
(i) Shorter and stronger, (ii) longer and stronger, (iii) shorter 
and weaker, (iv) longer and weaker, or (v) the same length 
and strength? 


Place the following molecules and ions in order from small- 
est to largest bond order: N+, Hez", Cl, Hy, O27. 


The following sketches show the atomic orbital wave func- 
tions (with phases) used to construct some of the MOs of 
a homonuclear diatomic molecule. For each sketch, de- 
termine the type of MO that will result from mixing the 
atomic orbital wave functions as drawn. Use the same labels 
for the MOs as in the “Closer Look” box on phases. 


ee OOo @e@ 


(a) (b) 


(0) 


Molecules that are brightly colored have a small energy gap 
between filled and empty electronic states (the HOMO- 
LUMO gap; see Exercise 9.113). Suppose you have two sam- 
ples, one is lycopene which is responsible for the red color 
in tomato, and the other is curcumin which is responsible 
for the yellow color in turmeric. Which one has the larger 
HOMO-LUMO gap? 

Azo dyes are organic dyes that are used for many applica- 
tions, such as the coloring of fabrics. Many azo dyes are 
derivatives of the organic substance azobenzene, C12H10N2. 
A closely related substance is hydrazobenzene, C12H12N2. 
The Lewis structures of these two substances are 


F O-KO) 


Azobenzene Hydrazobenzene 
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(Recall the shorthand notation used for benzene.) 
(a) What is the hybridization at the N atom in each of the 
substances? (b) How many unhybridized atomic orbitals 
are there on the N and the C atoms in each of the sub- 
stances? (c) Predict the N—N—C angles in each of the 
substances. (d) Azobenzene is said to have greater delo- 
calization of its 7 electrons than hydrazobenzene. Discuss 
this statement in light of your answers to (a) and (b). (e) All 
the atoms of azobenzene lie in one plane, whereas those 
of hydrazobenzene do not. Is this observation consistent 
with the statement in part (d)? (f) Azobenzene is an intense 
red-orange color, whereas hydrazobenzene is nearly col- 
orless. Which molecule would be a better one to use in a 
solar energy conversion device? (See the “Chemistry Put to 
Work” box for more information about solar cells.) 


(a) Using only the valence atomic orbitals of a hydrogen 
atom and a fluorine atom, and following the model of 
Figure 9.43, how many MOs would you expect for the HF 
molecule? (b) How many of the MOs from part (a) would be 
occupied by electrons? (c) It turns out that the difference in 
energies between the valence atomic orbitals of H and F are 
sufficiently different that we can neglect the interaction of 
the 1s orbital of hydrogen with the 2s orbital of fluorine. 
The 1s orbital of hydrogen will mix only with one 2p or- 
bital of fluorine. Draw pictures showing the proper orienta- 
tion of all three 2p orbitals on F interacting with a 1s orbital 
on H. Which of the 2p orbitals can actually make a bond 
with a 1s orbital, assuming that the atoms lie on the z-axis? 
(d) In the most accepted picture of HF, all the other atomic 
orbitals on fluorine move over at the same energy into the 
molecular orbital energy-level diagram for HF. These are 
called “nonbonding orbitals.” Sketch the energy-level dia- 
gram for HF using this information and calculate the bond 
order. (Nonbonding electrons do not contribute to bond 
order.) (e) Look at the Lewis structure for HE Where are the 
nonbonding electrons? 


Carbon monoxide, CO, is isoelectronic to N2. (a) Draw a 
Lewis structure for CO that satisfies the octet rule. (b) As- 
sume that the diagram in Figure 9.43 can be used to de- 
scribe the MOs of CO. What is the predicted bond order for 
CO? Is this answer in accord with the Lewis structure you 
drew in part (a)? (c) Experimentally, it is found that the 
highest energy electrons in CO reside in a a-type MO. Is 
that observation consistent with Figure 9.43? If not, what 
modification needs to be made to the diagram? How does 
this modification relate to Figure 9.40? (d) Would you ex- 
pect the 7, MOs of CO to have equal atomic orbital contri- 
butions from the C and O atoms? If not, which atom would 
have the greater contribution? 


The energy-level diagram in Figure 9.33 shows that the 
sideways overlap of a pair of p orbitals produces two molecular 
orbitals, one bonding and one antibonding. In ethene there 
is a pair of electrons in the bonding 7 orbital between the two 
carbons. Absorption of a photon of the appropriate wave- 
length can result in promotion of one of the bonding elec- 
trons from the 772, to the Tp molecular orbital. (a) Assuming 
this electronic transition corresponds to the HOMO-LUMO 
transition, what is the HOMO in ethene? (b) Assuming this 
electronic transition corresponds to the HOMO-LUMO tran- 
sition, what is the LUMO in ethene? (c) Is the C— C bond 
in ethene stronger or weaker in the excited state than in the 
ground state? Why? (d) Is the C— C bond in ethene easier to 
twist in the ground state or in the excited state? 
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A compound composed of 6.7% H, 40.0% C, and 53.3% O 
has a molar mass of approximately 60 g/mol. (a) What is 
the molecular formula of the compound? (b) What is its 
Lewis structure if the two O are bonded to C? (c) What is the 
geometry and hybridization of the C atom that is bonded 
to 2 O atoms? (d) How many o and how many m bonds are 
there in the molecule? 


Sulfur tetrafluoride (SF,) reacts slowly with O, to form sul- 
fur tetrafluoride monoxide (OSF,) according to the follow- 
ing unbalanced reaction: 


SFy(g) + O2(g) —> OSF,(g) 


The O atom and the four F atoms in OSF, are bonded to a 
central S atom. (a) Balance the equation. (b) Write a Lewis 
structure of OSF, in which the formal charges of all atoms 
are zero. (c) Use average bond enthalpies (Table 8.3) to esti- 
mate the enthalpy of the reaction. Is it endothermic or exo- 
thermic? (d) Determine the electron-domain geometry of 
OSF,, and write two possible molecular geometries for the 
molecule based on this electron-domain geometry. (e) For 
each of the molecules you drew in part (d), state how many 
fluorines are equatorial and how many are axial. 


The phosphorus trihalides (PX3) show the following vari- 
ation in the bond angle X—P — X: PFs, 96.3°; PCls, 100.3°; 
PBr3, 101.0°; PI}, 102.0°. The trend is generally attributed 
to the change in the electronegativity of the halogen. 
(a) Assuming that all electron domains are the same size, 
what value of the X— P—X angle is predicted by the VSEPR 
model? (b) What is the general trend in the X—P—X 
angle as the halide electronegativity increases? (c) Using 
the VSEPR model, explain the observed trend in X—P—X 
angle as the electronegativity of X changes. (d) Based on 
your answer to part (c), predict the structure of PBrCl,. 


(a) Compare the bond enthalpies (Table 8.3) of the carbon- 
carbon single, double, and triple bonds to deduce an aver- 
age m-bond contribution to the enthalpy. What fraction of 
a single bond does this quantity represent? (b) Make a sim- 
ilar comparison of nitrogen-nitrogen bonds. What do you 
observe? (c) Write Lewis structures of NoH4, N2H2, and No, 
and determine the hybridization around nitrogen in each 
case. (d) Propose a reason for the large difference in your 
observations of parts (a) and (b). 


(a) Use average bond enthalpies (Table 8.3) to estimate AH 
for the atomization of naphthalene, Cj Hg: 


CO» —> 10C(g) + 8 H(g) 


(b) Determine AH for the atomization of naphthalene using 
Hess’s law and the data in Appendix C. (AHP of solid naph- 
thalene is 77.1 kJ/mol and molar heat of sublimation of 
naphthalene is 72.9 kJ/mol.) (c) Explain the large discrep- 
ancy in the two values. 


Many compounds of the transition-metal elements con- 
tain direct bonds between metal atoms. We will assume 
that the z-axis is defined as the metal-metal bond axis. 
(a) Which of the 3d orbitals (Figure 6.22) is most likely to 
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make a ø bond between metal atoms? (b) Sketch the o3, 
bonding and o3, antibonding MOs. (c) With reference to 
the “Closer Look” box on the phases of orbitals, explain why 
a node is generated in the 73, MO. (d) Sketch the energy- 
level diagram for the Sc molecule, assuming that only the 
3d orbital from part (a) is important. (e) What is the bond 
order in Scy? 


The organic molecules shown here are derivatives of ben- 
zene in which six-membered rings are “fused” at the edges 
of the hexagons. 


Naphthalene 
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Anthracene Tetracene 


(a) Determine the empirical formula of benzene and of 
these three compounds. (b) Suppose you are given a sam- 
ple of one of the compounds. Could combustion analysis 
be used to determine unambiguously which of the three it 
is? (c) Naphthalene, the active ingredient in mothballs, isa 
white solid. Write a balanced equation for the combustion 
of naphthalene to CO2(g) and H20(g). (d) Using the Lewis 
structure for naphthalene and the average bond enthalpies 
in Table 8.3, estimate the heat of combustion of naphtha- 
lene in kJ/mol. (e) Benzene, naphthalene, and anthracene 
are colorless, but tetracene is orange. What does this imply 
about the relative HOMO-LUMO energy gaps in these mol- 
ecules? See the “Chemistry Put to Work” box on orbitals 
and energy. 


Antibonding molecular orbitals can be used to make bonds 
to other atoms in a molecule. For example, metal atoms 
can use appropriate d orbitals to overlap with the 73, or- 
bitals of the carbon monoxide molecule. This is called 
d-7 backbonding. (a) Draw a coordinate axis system in 
which the y-axis is vertical in the plane of the paper and 
the x-axis horizontal. Write “M” at the origin to denote a 
metal atom. (b) Now, on the x-axis to the right of M, draw 
the Lewis structure of a CO molecule, with the carbon 
nearest the M. The CO bond axis should be on the x-axis. 
(c) Draw the CO Tp orbital, with phases (see the “Closer 
Look” box on phases) in the plane of the paper. Two lobes 
should be pointing toward M. (d) Now draw the d,,, orbital 
of M, with phases. Can you see how they will overlap with 
the T3p orbital of CO? (e) What kind of bond is being made 
with the orbitals between M and C, ø or m ? (£) Predict what 
will happen to the strength of the CO bond in a metal-CO 
complex compared to CO alone. 


Methyl isocyanate, CH3NCO, was made infamous in 1984 
when an accidental leakage of this compound from a stor- 
age tank in Bhopal, India, resulted in the deaths of about 
3800 people and severe and lasting injury to many thou- 
sands more. (a) Draw a Lewis structure for methyl isocy- 
anate. (b) Draw a ball-and-stick model of the structure, 
including estimates of all the bond angles in the com- 
pound. (c) Predict all the bond distances in the molecule. 
(d) Do you predict that the molecule will have a dipole 
moment? Explain. 


Design an Experiment 


In this chapter, we have seen a number of new concepts, includ- 
ing the delocalization of 7 systems of molecules and the molecular 
orbital description of molecular bonding. A connection between 
these concepts is provided by the field of organic dyes, molecules 
with delocalized 7 systems that have color. The color is due to the 


or, in shorthand notation 
for organic molecules 
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excitation of an electron from the highest occupied molecular orbital 
(HOMO) to the lowest unoccupied molecular orbital (LUMO). It is hy- 
pothesized that the energy gap between the HOMO and the LUMO 
depends on the length of the 7 system. Imagine that you are given 
samples of the following substances to test this hypothesis: 


eee 


butadiene 


LEE o 


hexatriene 


B-Carotene is the substance chiefly responsible for the bright or- 
ange color of carrots. It is also an important nutrient for the body’s 
production of retinal. (a) What experiments could you design to 
determine the amount of energy needed to excite an electron from 
the HOMO to the LUMO in each of these molecules? (b) How might 
you graph your data to determine whether a relationship exists be- 
tween the length of the 7 system and the excitation energy? (c) What 


B-carotene 


additional molecules might you want to procure to further test the 
ideas developed here? (d) How could you design an experiment to 
determine whether the delocalized systems and not some other mo- 
lecular features, such as molecular length or the presence of bonds, 
are important in making the excitations occur in the visible por- 
tion of the spectrum? (Hint: You might want to test some additional 
molecules not shown here.) 
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In this chapter, we examine the physical properties of gases—what is atmospheric pres- 
sure, how do gases respond to changes in pressure and temperature, and what does tem- 
perature measure at the molecular level? Because gases are the simplest state of matter, they 
serve as an excellent starting point for probing the behavior of large collections of atoms 
or molecules. Indeed, it is fairly straightforward to formulate a simple model for gases 
that explains their behavior under most common conditions. We gain further insight 
by then comparing how real gases differ from this ideal model as conditions change. 


SECTION 10.1 Characteristics of Gases 


Thus, while we start with a description that treats all gases the same regardless of their 
chemical identity, we end by gaining an understanding of important aspects of the phys- 
ical behavior of molecules. 

By the end of this section, you should be able to 


e Appreciate the fundamental differences between a gas and the condensed phases (liq- 
uid and solid) of a molecular compound. 


Of the few elements that exist as gases at ordinary temperatures and pressures, He, Ne, 
Ar, Kr, and Xe are monatomic and H3, N2, Oz, Fz, and Cl, are diatomic. Many molecular 
compounds are gases, and Table 10.1 lists a few of them. Notice that all of these gases are 
composed entirely of nonmetallic elements. Furthermore, all have simple molecular for- 
mulas and, therefore, low molar masses. 

Substances that are liquids or solids under ordinary conditions can also exist in the 
gaseous state, where they are often referred to as vapors. The substance H20, for exam- 
ple, can exist as liquid water, solid ice, or water vapor. 

Even though different gaseous substances may have very different chemical prop- 
erties, they behave quite similarly as far as their physical properties are concerned. For 
example, the N, and O; that account for approximately 99% of our atmosphere have 
very different chemical properties—O, supports human life but N; does not, to name 
just one difference—but these two components of air behave physically as one gaseous 
material because their physical properties are essentially identical. 

The physical properties of gases differ significantly from those of solids and liquids. 
For example, a gas expands spontaneously to fill its container. Consequently, the volume 
of a gas equals the volume of its container. Gases also are highly compressible: When 
pressure is applied to a gas, its volume readily decreases. Solids and liquids, on the other 
hand, do not expand to fill their containers and are not readily compressible. 

Two or more gases form a homogeneous mixture regardless of the identities or rela- 
tive proportions of the gases; the atmosphere serves as an excellent example. Two or more 
liquids or two or more solids may or may not form homogeneous mixtures, depending 
on their chemical nature. For example, when water and gasoline are mixed, the two liq- 
uids remain as separate layers. In contrast, the water vapor and gasoline vapors above the 
liquids form a homogeneous gas mixture. 

The characteristic properties of gases—expanding to fill a container, being highly 
compressible, forming homogeneous mixtures—arise because the molecules are rela- 
tively far apart. In any given volume of air, for example, the molecules take up only about 
0.1% of the total volume with the rest being empty space. Thus, each molecule behaves 
largely as though the others were not present. As a result, different gases behave similarly 
even though they are made up of different molecules. 


TABLE 10.1 Some Common Compounds That Are Gases at Room 
Temperature 


Formula Name Characteristics 

HCN Hydrogen cyanide Very toxic, slight odor of bitter almonds 
HS Hydrogen sulfide Very toxic, odor of rotten eggs 

CO Carbon monoxide Toxic, colorless, odorless 

CO, Carbon dioxide Colorless, odorless 

CH, Methane Colorless, odorless, flammable 
C2H4 Ethene (Ethylene) Colorless, ripens fruit 

C3Hg Propane Colorless, odorless, bottled gas 
N20 Nitrous oxide Colorless, sweet odor, laughing gas 
NO, Nitrogen dioxide Toxic, red-brown, irritating odor 
NH; Ammonia Colorless, pungent odor 


SO, Sulfur dioxide Colorless, irritating odor 
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Self-Assessment Exercise 


10.1 True or false: All gases condense at the same temperature. (a) True 
(b) False 
Exercises 
10.2 Which of the following statements is false? (c) Because liquid water and liquid carbon tetrachloride 
(a) Gases are far less dense than liquids. do not mix, neither do their vapors. _ 
(b) Gases are far more compressible than liquids. (d) The volume occupied by a gas is determined by the vol- 
ume of its container. 
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10.2 | Pressure 


What is the weather going to be like today or this week? Such knowledge not only helps 
us choose the clothing we wear during the day, but it also assists the farmer in planting 
and harvesting and the sailor in charting a course. The gases in our atmosphere, primar- 
ily N, and O, molecules, are heated by the Sun and moved here and there by pressure 
differences that create wind. 

It is the behavior of gases that creates our weather—the gentle breezes, the violent 
storms, the humidity, and the rain. Tornadoes, like the one shown here, form when 
moist, warm air at lower elevations converges with cooler, dry air above. The resultant air 
flows produce winds that can approach speeds up to 500 km/hr. 

By the end of this section, you should be able to 


e Understand the molecular basis of pressure. 


The molecules of a gas move chaotically, colliding with each other and with the walls 
of their container. The impacts with the container walls exert a force—an outward push 
against the walls. The pressure, P, that a gas exerts is defined as the force, F, divided by 
the area, A, of the surface on which the force is acting: 
F 
P= A [10.1] 
Gases exert a pressure on any surface with which they are in contact. The gas in an 


inflated balloon, for example, exerts a pressure on the inside surface of the balloon. 


Atmospheric Pressure and the Barometer 


People, coconuts, and nitrogen molecules all experience an attractive gravitational force 
that pulls them toward the center of the Earth. When a coconut comes loose from a tree, 
for example, this force causes the coconut to be accelerated toward Earth, its speed increas- 
ing as its potential energy is converted into kinetic energy. The gas atoms and molecules 
of the atmosphere also experience a gravitational acceleration. Because these particles 
have such tiny masses, however, their thermal energies of motion (their kinetic energies) 
override the gravitational forces, so the particles that make up the atmosphere don’t pile 
up at the Earth’s surface. Nevertheless, the gravitational force does operate, and it causes 
the atmosphere as a whole to press down on the Earth’s surface, creating atmospheric 
pressure, defined as the force exerted by the atmosphere on a given surface area. 

You can demonstrate the existence of atmospheric pressure with an empty plastic 
water bottle. If you suck on the mouth of the empty bottle, chances are you can cause 
the bottle to partially cave in. When you break the partial vacuum you have created, the 
bottle pops out to its original shape. The bottle caves in because, once you’ve sucked out 
some of the air molecules, the air molecules in the atmosphere exert a force on the out- 
side of the bottle that is greater than the force exerted by the lesser number of air mole- 
cules inside the bottle. 

We can calculate the magnitude of the atmospheric pressure using Equation 10.1. 
The force, F, exerted by any object is the product of its mass, m, and its acceleration, a: 
F = ma. When applied to our atmosphere, the force is the gravitational force, which is 
also commonly called weight. The acceleration is that due to gravity, g = 9.8 m/s”. Thus, 
the gravitational force of the atmosphere on the Earth’s surface (the weight of the atmo- 
sphere) is given by F = mg. 

Now imagine a column of air, 1 m? in cross section, extending through the entire 
atmosphere (Figure 10.1). That column has a mass of roughly 10,000 kg. The downward 
gravitational force exerted on this column is 


F = (10,000 kg)(9.8 m/s”) = 1 xX 10°kg m/s? = 1 x 10°N 


where N is the abbreviation for newton, the SI unit for force: 1 N = 1 kg m/s?. 

The pressure exerted by the column is this force divided by the cross-sectional area, 
A, over which the force is applied. Because our air column has a cross-sectional area of 
1 m’, we have for the magnitude of atmospheric pressure at sea level 
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Gravitational | | Air column, 
force cross-sectional 
= arealm? 
mass 104 kg 


= 


A Figure 10.1 Calculating atmospheric 
pressure. 
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F = 1xX10°N 
P D 1 x 10°N/m? = 1 x 105Pa = 1 x 10?kPa 
A 1m? 


The SI unit of pressure is the pascal (Pa), named for Blaise Pascal (1623-1662), a 
French scientist who studied pressure: 1 Pa = 1 N/m?. A related pressure unit is the bar: 
1 bar = 10° Pa = 10° N/m”. Thus, the atmospheric pressure at sea level we just calcu- 
lated, 100 kPa, can be reported as 1 bar. (The actual atmospheric pressure at any loca- 
tion depends on weather conditions and altitude.) Another pressure unit is pounds per 
square inch (psi, Ibs/in.”). At sea level, atmospheric pressure is 14.7 psi. 

In the seventeenth century, many scientists and philosophers believed that the 
atmosphere had no weight. Evangelista Torricelli (1608-1647), a student of Galileo’s, 
proved this untrue. He invented the barometer (Figure 10.2), which is made from a glass 
tube more than 760 mm long that is closed at one end, completely filled with mercury, 
and inverted into a dish of mercury. (Care must be taken so that no air gets into the 
tube.) When the tube is inverted into the dish, some of the mercury flows out of the 
tube, but a column of mercury remains in the tube. Torricelli argued that the mercury 
surface in the dish experiences the full force of Earth’s atmosphere, which pushes the 
mercury up the tube until the pressure exerted by the mercury column downward, due 
to gravity, equals the atmospheric pressure at the base of the tube. Therefore the height, 
h, of the mercury column is a measure of atmospheric pressure and changes as atmospheric 
pressure changes. 

Standard atmospheric pressure, which corresponds to the typical pressure at 
sea level, is the pressure sufficient to support a column of mercury 760 mm high. In SI 
units, this pressure is 1.01325 x 10° Pa. Standard atmospheric pressure defines some 
common non-SI units used to express gas pressure, such as the atmosphere (atm) and 
the millimeter of mercury (mm Hg). The latter unit is also called the torr, after Torricelli: 
1 torr = 1mm Hg. Thus, we have 


latm = 760.mm Hg = 760. torr = 1.01325 x 10°Pa = 101.325 kPa = 1.01325 bar 


W. Go Figure What happens to h, the height of the mercury column, if the 
atmospheric pressure increases? 


~ — Vacuum 


2< 


Hg 


Pressure exerted 
by atmosphere on 
Hg surface 


Pressure exerted 
by Hg column on 
Hg surface 


A Figure 10.2 A mercury barometer. 


We use various devices to measure the pressures of enclosed gases. Tire gauges, for 
example, measure the pressure of air in car and bicycle tires. In laboratories, we some- 
times use a manometer, which operates on a principle similar to that of a barometer, as 
shown in Sample Exercise 10.2. 


WA Sample Exercise 10.1 
VM Calculating Pressure 


constant is 9.81 m/s*, and 1 Pa = 1 kg m 2. 


SOLUTION 


Analyze We are asked to calculate the pressure on the diver given 
the atmospheric pressure (98 kPa) and the depth of the water 
(31.0 m). 


Plan The total pressure on the diver equals that of the atmosphere 
plus that of the water. The pressure of the water can be calculated 
starting with Equation 10.1, P = F/A. The force, F, due to the 
water above the diver is given by its mass times the acceleration 
due to gravity, F = mg, where g = 9.81 m/s”. 


Solve The pressure caused by the water is 


F mg 
p= —=2 
A A 
The mass of the water is related to its density (d = m/V,so 
m = d X V). We can treat the water as a column whose volume 
equals its cross-sectional area times its height: V = A x h. When 
we make these substitutions for mass (m = d X V) and volume 
(V =A X h), we have 

mg dVg d(Ah)g 


dh 
eS ae 


> Sample Exercise 10.2 


D Using a Manometer to Measure Gas Pressure 


SOLUTION 


Analyze We are given the atmospheric pressure (764.7 torr) and 
the mercury heights in the two arms of the manometer and asked 
to determine the gas pressure in the flask. Recall that millimeters 
of mercury is a pressure unit. We know that the gas pressure from 
the flask must be greater than atmospheric pressure because the 
mercury level in the arm on the flask side (103.8 mm) is lower 
than the level in the arm open to the atmosphere (136.4 mm). 
Therefore, the gas from the flask is pushing mercury from the arm 
in contact with the flask into the arm open to the atmosphere. 


Plan We will use the difference in height between the two arms 
(hin Figure 10.3) to obtain the amount by which the pressure 


Solve 


(a) The pressure of the gas equals the atmospheric pressure plus h: 


On a certain day, a laboratory barometer indicates that the atmospheric pressure is 
764.7 torr. A sample of gas is placed in a flask attached to an open-end mercury 
manometer (Figure 10.3), and a meter stick is used to measure the height of the mercury 
in the two arms of the U tube. The height of the mercury in the open-ended arm is 
136.4 mm, and the height in the arm in contact with the gas in the flask is 103.8 mm. 
What is the pressure of the gas in the flask (a) in atmospheres, (b) in kilopascals? 


SECTION 10.2 Pressure 477 


What is the pressure, in kilopascals, on the body of a diver if she is 31.0 m below the surface of the water when the atmospheric 
pressure on the surface is 98 kPa? Assume that the density of the water is 1.00 g/cm? = 1.00 x 10%kg/m*. The gravitational 


Inserting SI quantities, we have 


P = dhg = (1.00 X 10° kg/m*)(31.0 mt)(9.81 m/s?) 


k 
= 3.00 x 10°, = 3.00 x 10°Pa 
ms 
Thus, the total pressure on the diver is 


Pota = 98kPa + 300kPa = 398 kPa 


> Practice Exercise 
What would be the height of the column in a barometer 
if the external pressure was 101 kPa and water 
(d = 1.00 g/cm?) was used in place of mercury? 
(a)0.0558m (b)0.760m (c) 1.03 x 10m 
(d)10.3m (e) 0.103 m 


Pas = Paton +P, 


A Figure 10.3 A mercury manometer. 


mercury manometer is used, the height difference directly mea- 
sures the pressure difference in mm Hg or torr between the gas 
and the atmosphere. 


of the gas exceeds atmospheric pressure. Because an open-end 


Pras = Pam + h 
764.7 torr + (136.4 torr — 103.8 torr) 
797.3 torr 


Continued 
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latm 
We convert the pressure of the gas to atmospheres: Peas = (797.3 torf) (A) = 1.049 atm 
(b) To calculate the pressure in kPa, we employ the conversion 101.3 kPa 
factor between atmospheres and kPa: 1.049 atm (12a) = 106.3 kPa 


Check The calculated pressure is a bit more than 1 atm, which is 
about 101 kPa. This makes sense because we anticipated that the 
pressure in the flask would be greater than the atmospheric 
pressure (764.7 torr = 1.01 atm) acting on the manometer. 


» Practice Exercise 


If the pressure of the gas inside the flask were increased and 
the height of the column in the open-ended arm went up 
by 5.0 mm, what would be the new pressure of the gas in 
the flask, in kilopascals? 


CHEMISTRY AND LIFE Wii dS 


The human heart pumps blood to the parts of the body through ar- 
teries, and the blood returns to the heart through veins. When your 
blood pressure is measured, two values are reported, such as 120/80 
(120 over 80), which is a normal reading. The first measurement is 
the systolic pressure, the maximum pressure when the heart is pump- 
ing. The second is the diastolic pressure, the pressure when the heart 
is in the resting part of its pumping cycle. The units associated with 
these pressure measurements are torr. 

Blood pressure is measured using a pressure gauge attached to a 
closed, air-filled jacket or cuff that is applied like a tourniquet to the 
arm (Figure 10.4). The pressure gauge may be a mercury manometer 
or some other device. The air pressure in the cuff is increased using 
a small pump until it is above the systolic pressure and prevents the 
flow of blood. The air pressure inside the cuff is then slowly reduced 
until blood just begins to pulse through the artery, as detected by the 
use of a stethoscope. At this point the pressure in the cuff equals the 
pressure that the blood exerts inside the arteries. Reading the gauge 
gives the systolic pressure. The pressure in the cuff is then reduced 
further until the blood flows freely. The pressure at this point is the 
diastolic pressure. 

Hypertension is the presence of abnormally high blood pressure. 
The usual criterion for hypertension is a blood pressure greater than 


A Figure 10.4 Measuring blood pressure. 


140/90, although recent studies suggest that health risks increase 
for systolic readings above 120. Hypertension significantly increases 
the workload on the heart and also places a stress on the walls of the 
blood vessels throughout the body. These effects increase the risk of 
aneurysms, heart attacks, and strokes. 


Self-Assessment exercise 


10.3 An altimeter is an instrument used to measure the altitude 
of an aircraft and gives a reading in feet above a datum (usu- 
ally ground level). It detects the atmospheric pressure out- 
side the aircraft. As the reading on the altimeter increases, 
does the atmospheric pressure outside the aircraft: 


(a) Increase 
(b) Decrease 


Exercises 


10.4 Asetofbookshelves rests on a hard floor surface on four legs, 
each having a cross-sectional dimension of 4.0 x 5.0 cm 
in contact with the floor. The total mass of the shelves plus 
the books stacked on them is 200 kg. Calculate the pres- 
sure in atmospheres exerted by the shelf footings on the 
surface. 


10.5 (a) The compound 1-iodododecane is a nonvolatile liq- 
uid with a density of 1.20 g/mL. The density of mercury is 
13.6 g/mL. What do you predict for the height of a barome- 
ter column based on 1-iodododecane, when the atmospheric 


pressure is 749 torr? (b) What is the pressure, in atmospheres, 
on the body of a diver if he is 21 ft below the surface of the 
water when the atmospheric pressure is 742 torr? 


10.6 Perform the following conversions: (a) 0.912 atm to torr, 
(b) 0.685 bar to kilopascals, (c) 655 mm Hg to atmospheres, 
(d) 1.323 x 10° Pa to atmospheres, (e) 2.50 atm to psi. 


10.7 Hurricane Wilma of 2005 is the most intense hurricane on 
record in the Atlantic basin, with a low-pressure reading of 
882 mbar (millibars). Convert this reading into (a) atmo- 
spheres, (b) torr, and (c) inches of Hg. 
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10.8 An open-end manometer containing mercury is connected to the gas is 15.4 mm higher than in the one open to the atmo- 

a container of gas, as depicted in Sample Exercise 10.2. What sphere; atmospheric pressure is 0.985 atm. (b) The mercury in 

is the pressure of the enclosed gas in torr in each of the fol- the arm attached to the gas is 12.3 mm lower than in the one 
lowing situations? (a) The mercury in the arm attached to open to the atmosphere; atmospheric pressure is 0.99 atm. 


10.3 | The Gas Laws 


Sea 


a me, 


It is said that Joseph Montgolfier first got the idea of a hot air balloon when he observed how 
laundry, drying over a fire, occasionally trapped air and billowed upwards. With the help of 
his brother Etienne, he built and tested an unmanned balloon using smoldering wool and 
hay as a heat source. This proved so successful that the balloon rose out of their control and 
crashed some 2 km away. On 19 September 1783, the brothers demonstrated their invention 
in front of King Louis XVI of France and Queen Marie Antoinette. The balloon had a basket 
attached to it carrying a sheep, a duck, and a rooster. All three animals survived the 3 km 
flight in which the balloon reached an estimated 1500 feet. Seeing this, the king sanctioned 
the first human flight in a hot air balloon. This was undertaken by Etienne in a tethered bal- 
loon with the first untethered flight being made in November of the same year. 

The bright colors of a hot air balloon can sometimes be seen in the still air of the 
early morning. In this section, we study some fundamental physical properties of gases. 
By the end of the section, you should be able to 


e Understand the relationship between volume, temperature, and pressure of a gas. 


Four variables are needed to define the physical condition, or state, of a gas: temperature, 
pressure, volume, and amount of gas, usually expressed as number of moles. The equa- 
tions that express the relationships among these four variables are known as the gas laws. 
Because volume is easily measured, the first gas laws to be studied expressed the effect of 
one of the variables on volume, with the remaining two variables held constant. 
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W Go Figure 


Does atmospheric pressure increase 
or decrease as altitude increases? 
(Neglect changes in temperature.) 


A Figure 10.5 As a balloon rises in the 
atmosphere, its volume increases. 


A Figure 10.7 The effect of temperature 
on volume. 


The Pressure-Volume Relationship: Boyle’s Law 


Gas volume increases as the pressure exerted on the gas decreases. Thus, an inflated 
weather balloon released at the Earth’s surface expands as it rises (Figure 10.5) because the 
pressure of the atmosphere decreases with increasing elevation. 

The British chemist Robert Boyle (1627-1691) was the first person to investigate the 
quantitative relationship between the pressure of a gas and its volume. He found, for 
example, that decreasing the pressure of a gas to half its original value causes the volume 
to double. Conversely, doubling the pressure causes the volume to decrease to half its 
original value. 

Boyle’s law, which summarizes these observations, states that: 


The volume of a fixed quantity of gas maintained at constant temperature 
is inversely proportional to the pressure. 


When two measurements are inversely proportional, one gets smaller as the other gets 
larger. Boyle’s law can be expressed mathematically as 


1 
V = constant x P or PV = constant [10.2] 


The value of the constant depends on temperature and on the amount of gas in the sample. 

The graph of V versus P in Figure 10.6 shows the curve obtained for a given quantity 
of gas at a fixed temperature. A linear relationship is obtained when V is plotted versus 
1/P as shown on the right in Figure 10.6. 

Boyle’s law occupies a special place in the history of science because Boyle was the 
first to carry out experiments in which one variable was systematically changed to deter- 
mine the effect on another variable. The data from the experiments were then employed 
to establish an empirical relationship—a “law.” 

We apply Boyle’s law every time we breathe. The rib cage, which can expand and 
contract, and the diaphragm, a muscle beneath the lungs, govern the volume of 
the lungs. Inhalation occurs when the rib cage expands and the diaphragm moves 
downward. Both actions increase the volume of the lungs, thus decreasing the gas 
pressure inside the lungs. Atmospheric pressure then forces air into the lungs until the 
pressure in the lungs equals atmospheric pressure. Exhalation reverses the process—the 
rib cage contracts and the diaphragm moves up, decreasing the volume of the lungs. Air 
is forced out of the lungs by the resulting increase in pressure. 


The Temperature-Volume Relationship: Charles’s Law 


As Figure 10.7 illustrates, the volume of an inflated balloon increases when the temperature of 
the gas inside the balloon increases and decreases when the temperature of the gas decreases. 
This relationship between gas volume and temperature was discovered in 1787 by French 


Ny SAIA what would a plot of P versus 1/V look like for a fixed quantity 
of gas at a fixed temperature? 


1.0 1.0 
V V 
0.5 0.5 
Oo 1.0 2.0 3.0 ta 0.5 1.0 
P 1/P 


A Figure 10.6 Boyle’s Law. For a fixed quantity of gas at constant temperature, the volume of the 
gas is inversely proportional to its pressure. 


scientist Jacques Charles (1746-1823). Some typical volume-temperature data are shown in 
Figure 10.8. Notice that the extrapolated (dashed) line passes through —273 °C. Note also 
that the gas is predicted to have zero volume at this temperature. This condition is never real- 
ized, however, because all gases liquefy or solidify before reaching this temperature. 

In 1848, William Thomson (1824-1907), a British physicist whose title was Lord 
Kelvin, proposed an absolute-temperature scale, now known as the Kelvin scale. On this 
scale, 0 K, called absolute zero, equals —273.15 °C. In terms of the Kelvin scale, Charles’s 
law states: 


The volume of a fixed amount of gas maintained at constant pressure 
is directly proportional to its absolute temperature. 


Thus, doubling the absolute temperature causes the gas volume to double. Mathemati- 
cally, Charles’s law takes the form 


V 
V = constant X T or rT. constant [10.3] 


with the value of the constant depending on the pressure and on the amount of gas. 


The Quantity-Volume Relationship: Avogadro’s Law 


The relationship between the quantity of a gas and its volume follows from the work of 
Joseph Louis Gay-Lussac (1778-1823) and Amedeo Avogadro (1776-1856). 

Gay-Lussac was one of those extraordinary figures in the history of science 
who could truly be called an adventurer. In 1804, he ascended to 7000 m in a hot air 
balloon—an exploit that held the altitude record for several decades. To better control 
the balloon, Gay-Lussac studied the properties of gases. In 1808, he observed the law of 
combining volumes: At a given pressure and temperature, the volumes of gases that react 
with one another are in the ratios of small whole numbers. For example, two volumes of 
hydrogen gas react with one volume of oxygen gas to form two volumes of water vapor. 

Three years later, Amedeo Avogadro interpreted Gay-Lussac’s observation by propos- 
ing what is now known as Avogadro’s hypothesis: 


Equal volumes of gases at the same temperature and pressure contain 
equal numbers of molecules. 


For example, 22.4 L of any gas at 0°C and 101.3 kPa contain 6.02 x 10?” gas molecules 
(that is, 1 mol), as depicted in Figure 10.9. 
Avogadro’s law follows from Avogadro’s hypothesis: 


The volume of a gas maintained at constant temperature and pressure 
is directly proportional to the number of moles of the gas. 


W Go Figure How many moles of gas are in each vessel? 


Volume 22.4L 22.4L 224L 
Pressure 101.3 kPa 101.3 kPa 101.3 kPa 
Temperature 0°C 0°C 0°C 

Mass of gas 4.00 g 28.0 g 16.0 g 
Number of 6.02 x 1073 6.02 x 107 6.02 x 1075 


gas molecules 


A Figure 10.9 Avogadro's hypothesis. At the same volume, pressure, and temperature, samples 
of different gases have the same number of molecules but different masses. 
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A Figure 10.8 Charles’s Law. For a fixed 
quantity of gas at constant pressure, the 
volume of the gas is proportional to its 
temperature. 
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That is, 


V 
V = constant X n or m constant [10.4] 


where n is number of moles. Thus, for instance, doubling the number of moles of gas 


causes the volume to double if T and P remain constant. 


= Sample Exercise 10.3 


D Evaluating the Effects of Changes in P, V, n, and T on a Gas 


© 


Suppose we have a gas confined to a cylinder with a movable piston that is sealed so there are no leaks. How will each of the 
following changes affect (i) the pressure of the gas, (ii) the number of moles of gas in the cylinder, (iii) the average distance 
between molecules: (a) Heating the gas while maintaining a constant pressure; (b) Reducing the volume while maintaining a 
constant temperature; (c) Injecting additional gas while keeping the temperature and volume constant. 


SOLUTION 


Analyze We need to think how each change affects (1) the pressure 
of the gas, (2) the number of moles of gas in the cylinder, and 
(3) the average distance between molecules. 


Plan We can use the gas laws to evaluate the changes in pressure. 
The number of moles of gas in the cylinder will not change unless 
gas is either added or removed. Assessing the average distance 
between molecules is not quite as straightforward. For a given 
number of gas molecules, the average distance between mole- 
cules increases as the volume increases. Conversely, for constant 
volume, the average distance between molecules decreases as the 
number of moles increases. Thus, the average distance between 
molecules will be proportional to V/n. 


Solve 


(a) Because it is stipulated that the pressure remains constant, pres- 
sure is not a variable in this problem, and the total number of 
moles of gas will also remain constant. We know from Charles’s 
law, however, that heating the gas while maintaining constant 
pressure will cause the piston to move and the volume to in- 
crease. Thus, the distance between molecules will increase. 


(b) The reduction in volume causes the pressure to increase (Boyle’s 
law). Compressing the gas into a smaller volume does not change 
the total number of gas molecules; thus, the total number of 
moles remains the same. The average distance between mole- 
cules, however, must decrease because of the smaller volume. 


Self-Assessment Exercise 


10.9 What happens to the pressure of a gas in a closed con- 
tainer if you double its volume while its temperature is held 
constant? 


Exercises 


10.10 You have a gas at 25 °C confined to a cylinder with a movable 
piston. Which of the following actions would double the gas 
pressure? (a) Lifting up on the piston to double the volume 
while keeping the temperature constant; (b) Heating the gas 
so that its temperature rises from 25 °C to 50°C, while keep- 
ing the volume constant; (c) Pushing down on the piston to 
halve the volume while keeping the temperature constant. 


(c) Injecting more gas into the cylinder means that more mole- 
cules are present and there will be an increase in the number 
of moles of gas in the cylinder. Because we have added more 
molecules while keeping the volume constant, the average 
distance between molecules must decrease. Avogadro’s law 
tells us that the volume of the cylinder should have increased 
when we added more gas, provided the pressure and tempera- 
ture were held constant. Here the volume is held constant, as 
is the temperature, which means the pressure must change. 
Knowing from Boyle’s law that there is an inverse relationship 
between volume and pressure (PV = constant), we conclude 
that if the volume does not increase on injecting more gas the 
pressure must increase. 


> Practice Exercise 
An oxygen cylinder used in a hospital contains 35.4 L 
of oxygen gas at a pressure of 15.16 GPa. How much volume 
would the oxygen occupy if it were transferred to a container 
that maintained a pressure of 101.3 kPa if the temperature 
remains constant? 


(a) The pressure is halved 
(b) The pressure remains the same 


(c) The pressure is doubled 


10.11 In the contact process, sulfur dioxide and oxygen gas react to 
form sulfur trioxide as follows: 


2 SO2(g) + Ox(g) —> 2S03(g) 


At a certain temperature and pressure, 50 L of SO; reacts with 
25 L of Op. If all the SO, and O; are consumed, what volume of 
SO3, at the same temperature and pressure, will be produced? 
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10.4 | The Ideal Gas Equation 


Ain 


Early work on gases assumed that they were composed of individual atoms. This made 
them appealing to study as the interaction between atoms could be put on one side 
and the physical properties of the gas studied as a window onto the atomic world. 
There were some confusing observations, however. For example, the French chemist 
Gay-Lussac noticed that some reactions between gasses produced twice the volume 
of product than he expected. This was later explained by Amedeo Avogadro, a physics 
professor at the University of Turin in Italy, who suggested that gases were made of 
clusters of atoms; what we now call molecules. This breakthrough led to a new dawn of 
understanding of matter and chemical bonding. 
By the end of this section, you should be able to 


e Use the ideal gas equation to relate the amount of gas to its volume, pressure, and 
temperature. 
e Calculate the molar mass of a gas from its density. 


All three laws we just examined were obtained by holding two of the four variables P, V, 
T, and n constant and seeing how the remaining two variables affect each other. We can 
express each law as a proportionality relationship. Using the symbol « for “is propor- 
tional to,” we have 


Boyle’s law: Vea (constant n, T) 


Sour 


Charles’slaw: V « (constant n, P) 


Avogadro’s law: V x n (constant P, T) 
We can combine these relationships into a general gas law: 


nT 
V pie 
“P 


If we call the proportionality constant R, we obtain an equality: 


which we can rearrange to 


PV = nRT [10.5] 
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TABLE 10.2 Numerical Values 


of the Gas Constant R in 
Various Units 


Units Numerical Value 
Latm/mol K 0.08206 
J/mol k* 8.314 
m? Pa/mol K* 8.314 
Ltorr/mol K 62.36 
LkPa/mol K 8.314 

*SI unit 


which is the ideal gas equation (also called the ideal gas law). An ideal gas is a 
hypothetical gas whose pressure, volume, and temperature relationships are described 
completely by the ideal gas equation. 

In deriving the ideal gas equation, we make two assumptions: 


e the molecules of an ideal gas do not interact with one another, 


e the combined volume of the molecules is much smaller than the volume the gas 
occupies. 


For these reasons, we consider the molecules as taking up no space in the container. In 
many cases, the small error introduced by these assumptions is acceptable. If more accu- 
rate calculations are needed, we can correct for the assumptions if we know something 
about the attraction molecules have for one another and the size of the molecules. 

The term R in the ideal gas equation is the gas constant. The value and units of 
R depend on the units of P, V, n, and T. The value for T in the ideal gas equation must 
always be the absolute temperature (in kelvins instead of degrees Celsius). The quantity 
of gas, n, is normally expressed in moles. The units chosen for pressure are most often 
atmospheres or Pascals and the units of volume in liters. Table 10.2 shows the numerical 
value for R in various units. In working with the ideal gas equation, you must choose 
the form of R in which the units agree with the units of P, V, n, and T given in the 
problem. 

Suppose we have 1.000 mol of an ideal gas at 101.325 kPa and 0.00°C (273.15 K). 
According to the ideal gas equation, the volume of the gas is 


nRT 
P 
(1.000 mot) (8.314 m? Pa/mol K)(273.15 K) 


= = 22.41L 
101.325 x 10° Pa 


V= 


The conditions 0°C and 101.325 kPa are referred to as standard temperature and 
pressure (STP). The volume occupied by 1 mol of ideal gas at STP, 22.41 L, is known as 
the molar volume of an ideal gas at STP. 

The ideal gas equation accounts adequately for the properties of most gases under a 
variety of circumstances. The equation is not exactly correct, however, for any real gas. 
Thus, the measured volume for given values of P, n, and T might differ from the volume 
calculated from PV = nRT (Figure 10.10). Although real gases do not always behave ide- 
ally, their behavior differs so little from ideal behavior that we can ignore any deviations 
for all but the most accurate work. 


Which gas deviates most from ideal behavior? 


W. Go Figure 


22.31 22.40 22.40 22.41 22.42 


Molar volume (L) 


0 il 
Ideal gas Cl, CO, NH; No He Hə 
A Figure 10.10 Comparison of molar volumes at STP. 


\a Sample Exercise 10.4 
Using the Ideal Gas Equation 


SOLUTION 


Analyze We are given the volume (250 mL), pressure (131.72 kPa), 
and temperature (31 °C) of a sample of CO, gas and asked to cal- 
culate the number of moles of CO, in the sample. 


Plan Because we are given V, P, and T, we can solve the ideal gas 
equation for the unknown quantity, n. 


Solve In analyzing and solving gas law problems, it is helpful 
to tabulate the information given in the problems and then to 
convert the values to units that are consistent with those for 

R (8.314 m? Pa/mol K). In this case, the given values are 


V = 250mL = 0.250L=2.5 Xx 1074 m° 
P = 131.72 kPa = 131.72 x 10° Pa 
T = 31°C = (31 + 273)K = 304K 


Remember: Absolute temperature must always be used when the 
ideal gas equation is solved. 


We now rearrange the ideal gas equation (Equation 10.5) to solve for n 
PV 


n= — 
RT 
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Calcium carbonate, CaCOa(s), the principal compound in limestone, decomposes upon heating to CaO(s) and CO.(g). A sample 
of CaCO3 is decomposed, and the carbon dioxide is collected in a 250 mL flask. After decomposition is complete, the gas has a 
pressure of 131.72 kPa at a temperature of 31 °C. How many moles of CO» gas were generated? 


(131.72 x 10° Pa)(2.5 x 1074 m3) 
~ (8.314 m°? Pa/mol K)(304 K) 


= 0.013 mol CO, 


Check Appropriate units cancel, thus ensuring that we have 
properly rearranged the ideal gas equation and have converted to 
the correct units. 


> Practice Exercise 
Tennis balls are usually filled with either air or Nz gas to 
a pressure above atmospheric pressure to increase their 
bounce. If a tennis ball has a volume of 144 cm? and con- 
tains 0.33 g of Nz gas, what is the pressure inside the ball at 
24°C? 


STRATEGIES FOR SUCCESS [OREN OT SS TOME A EELS l 


In this chapter, we encounter a variety of problems based on the 
ideal gas equation, which contains four variables—P, V,n, and 
T—and one constant, R. Depending on the type of problem, we 
might need to solve for any of the four variables. 

To extract the necessary information from problems involving 
more than one variable, we suggest the following steps: 


1. Tabulate information. Read the problems carefully to deter- 
mine which variable is the unknown and which variables have 
numeric values given. Every time you encounter a numerical 
value, jot it down. In many cases, constructing a table of the 
given information will be useful. 


2. Convert to consistent units. Make certain that quantities are 
converted to the proper units. In using the ideal gas equation, 
for example, we usually use the value of R that has units of m? Pa/ 
mol K. 


3. If a single equation relates the variables, solve the equation 
for the unknown. For the ideal gas equation, these algebraic re- 
arrangements will all be used at one time or another: 


nRT nRT PV PV 
P= yr ph HoR mR 
4. Use dimensional analysis. Carry the units through your cal- 
culation. Using dimensional analysis enables you to check that 
you have solved an equation correctly. If the units in the equa- 
tion cancel to give the units of the desired variable, you have 
probably used the equation correctly. 


Sometimes you will not be given explicit values for several vari- 
ables, making it look like a problem that cannot be solved. In these 
cases, however, you should look for information that can be used to 
determine the needed variables. For example, suppose you are using 
the ideal gas equation to calculate a pressure in a problem that gives 
a value for T but not for n or V. However, the problem states that “the 
sample contains 0.15 mol of gas per liter.” You can turn this state- 
ment into the expression 


- = 0.15 mol/L 
Solving the ideal gas equation for pressure yields 
_ nRT 
V 


which we can rewrite as follows: 


r- (e 


Thus, we can solve the equation even though we are not given values 
for nand V. 

As we have continuously stressed, the most important thing 
you can do to become proficient at solving chemistry problems is to 
do the practice exercises, the end-of-section exercises and end-of- 
chapter exercises. By using systematic procedures, such as those de- 
scribed here, you should be able to minimize difficulties in solving 
problems involving many variables. 
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Relating the Ideal Gas Equation and the Gas Laws 


The gas laws we discussed in Section 10.3 are special cases of the ideal gas equation. For 
example, when n and T are held constant, the product nRT contains three constants and 
so must itself be a constant: 


PV = nRT = constant or PV = constant [10.6] 


Note that this rearrangement gives Boyle’s law. We see that if n and T are constant, the 
values of P and V can change, but the product PV must remain constant. 

We can use Boyle’s law to determine how the volume of a gas changes when its 
pressure changes. For example, if a cylinder fitted with a movable piston holds 50.0 L of 
O; gas at 1.875 MPa and 21°C, what volume will the gas occupy if the temperature is 
maintained at 21 °C while the pressure is reduced to 101.3 kPa? Because the product PV is 
a constant when a gas is held at constant n and T, we know that 


BV, = PV [10.7] 


where P and V; are initial values and P, and V, are final values. Dividing both sides of this 
equation by P, gives the final volume, V3: 


1.875 MPa 


101.3 kPa ) =225L 


Pi 
V, = V, X = = (50.0 L) 
P 
The answer is reasonable because a gas expands as its pressure decreases. 
In a similar way, we can start with the ideal gas equation and derive relationships between 
any other two variables, V and T (Charles’s law), n and V (Avogadro’s law), or P and T. 
We are often faced with the situation in which P, V, and Tall change for a fixed num- 
ber of moles of gas. Because n is constant in this situation, the ideal gas equation gives 


PV 
T = nR = constant 


= Sample Exercise 10.5 


D Calculating the Effect of Temperature Changes on Pressure 


The gas pressure in an aerosol can is 152 kPa at 25°C. Assuming that the gas obeys the ideal gas equation, what is the 
pressure when the can is heated to 450 °C? 


SOLUTION (where the subscripts 1 and 2 represent the initial and final states, 
Analyze We are given the initial pressure (152 kPa) and tempera- respectively). Rearranging to solve for P, and substituting the given 
ture (25 °C) of the gas and asked for the pressure at a higher tem- data give 

perature (450°C). P, = (152 rea 223%) = 368.8kPa 

Plan The volume and number of moles of gas do not change, so 

we must use a relationship connecting pressure and temperature. Check This answer is intuitively reasonable—increasing the tem- 
Converting temperature to the Kelvin scale and tabulating the perature of a gas increases its pressure. 


given information, we have . : . 
Comment It is evident from this example why aerosol cans carry a 


P T warning not to incinerate. 
Initial 152 kPa 298 K 
Final P 723K 


Solve To determine how P and T are related, we start with the 
ideal gas equation and isolate the quantities that do not change (n, 
V, and R) on one side and the variables (P and T) on the other side. 


Z = k = constant > Practice Exercise 
The pressure in a natural-gas tank is maintained at 
Because the quotient P/T is a constant, we can write 222.9 kPa. On a day when the temperature is —15 °C, the 
P R volume of gas in the tank is 3.25 x 10° m?. What is the 
1 2 


volume of the same quantity of gas on a day when the 
T temperature is 31 °C? 
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= Sample Exercise 10.6 


D Using the Combined Gas Law | 


An inflated balloon has a volume of 6.0 L at sea level (101.3 kPa) and is allowed to ascend until the pressure is 45.6 kPa. During 
ascent, the temperature of the gas falls from 22°C to —21 °C. Calculate the volume of the balloon at its final altitude. 


SOLUTION Check The result appears reasonable. Notice that the calculation 
involves multiplying the initial volume by a ratio of pressures 
and a ratio of temperatures. Intuitively, we expect decreasing 
pressure to cause the volume to increase, while decreasing the 
Plan Let’s again proceed by converting temperatures to kelvins and temperature should have the opposite effect. Because the change 


Analyze We need to determine a new volume for a gas sample 
when both pressure and temperature change. 


tabulating our information. in pressure is more dramatic than the change in temperature, we 
expect the effect of the pressure change to predominate in deter- 
P v T mining the final volume, as it does. 
Initial 101.3 kPa 6.0L 295 K 
Final 45.6 kPa Vz 252K 


Because n is constant, we can use Equation 10.8. 


Solve Rearranging Equation 10.8 to solve for V, gives z : 
> Practice Exercise 


wav Ph A 0.50-mol sample of oxygen gas is confined at 0°C and 
ITA P a Ñ. 101.3 kPa in a cylinder with a movable piston. The piston 
compresses the gas so that the final volume is half the initial 
= 101.3 kPa \/ 252 K volume and the final pressure is 222.9 kPa. What is the final 
= (6.0L) TIL 
45.6 kPa /\ 295K temperature of the gas in degrees Celsius? 


If we represent the initial and final conditions by subscripts 1 and 2, respectively, we can 
write an equation that is often called the combined gas law: 

BV, _ BV 

— == 10.8 

T, T; [10.8] 

We now use the ideal gas equation first to define the relationship between the density of 
a gas and its molar mass and then to calculate the volumes of gases formed or consumed 
in chemical reactions. 


Gas Densities and Molar Mass 
Recall that density has units of mass per unit volume (d = m/V). We can arrange the 
ideal gas equation to obtain similar units of moles per unit volume: 

Toe 

V RT 
If we multiply both sides of this equation by the molar mass, M, which is the number of 
grams in 1 mol of a substance, we obtain 


nM PM 
Vo RT [10.3] 


The term on the left equals the density in grams per liter: 


moles grams grams 
liter mole liter 


Thus, the density of the gas is also given by the expression on the right in Equation 10.9: 


nM. _ PM 


d= VERT 


[10.10] 
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= Sample Exercise 10.7 
D Calculating Gas Density 


What is the density of tetrachloromethane (CCI,) vapor at 95.19 kPa and 125 °C? 


SOLUTION Check If we divide molar mass (g/mol) by density (g/L), we end 
up with L/mol. The numerical value is roughly 154/4.4 = 35, 
which is in the right ballpark for the molar volume of a gas heated 
to 125 °C at near atmospheric pressure. We may thus conclude our 
Plan We can use Equation 10.10 to calculate the density. Before we answer is reasonable. 

can do that, however, we must convert the given quantities to the 

appropriate units, degrees Celsius to kelvins. We must also calcu- 

late the molar mass of CCl. 


Analyze We are asked to calculate the density of a gas given its 
name, its pressure, and its temperature. 


Solve The absolute temperature is 125 + 273 = 398 K. 
The pressure is 95.19 kPa. The molar mass of CCl, is > Practice Exercise 


12.01 + (4) (35.45) = 153.8 g/mol. Therefore, The mean molar mass of the atmosphere at the surface of 


f Titan, Saturn’s largest moon, is 28.6 g/mol. The surface tem- 
d PM _ (95.19x10°Pa)(153.8 g/mol) 4424 g>m? = 4.42 g>L perature is 95 K, and the pressure is 162 kPa. Assuming ideal 
RT (8.314 m? Pa>mol K) (398 KY behavior, calculate the density of Titan’s atmosphere. 


This equation tells us that the density of a gas depends on its pressure, molar 
mass, and temperature. The higher the molar mass and pressure, the denser the gas. 
The higher the temperature, the less dense the gas. Although gases form homogeneous 
mixtures, a less dense gas will lie above a denser gas in the absence of mixing. For exam- 
ple, CO, has a higher molar mass than N, or O, and is therefore denser than air. For this 
reason, CO, released from a CO, fire extinguisher blankets a fire, preventing O, from 
reaching the combustible material. “Dry ice,” which is solid CO,, converts directly to 
CO, gas at room temperature, and the resulting “fog” (which is actually condensed 
water droplets cooled by the CO,) is carried downward by the heavier, but colorless, 
CO, (Figure 10.11). 

When we have equal molar masses of two gases at the same pressure but different 
temperatures, the hotter gas is less dense than the cooler one, so the hotter gas rises. The 
difference between the densities of hot and cold air is responsible for the lift of hot air 
balloons. It is also responsible for many phenomena in weather, such as the formation of 
large thunderheads during thunderstorms. 

Equation 10.10 can be rearranged to solve for the molar mass of a gas: 


_ ART 


M 
P 


[10.11] 


Thus, we can use the experimentally measured density of a gas to determine the molar 
A Figure 10.11 Carbon dioxide gas flows mass of the gas molecules, as shown in Sample Exercise 10.8. 
downward because it is denser than air. 


j> Sample Exercise 10.8 


D Calculating the Molar Mass of a Gas 


A large evacuated flask initially has a mass of 134.567 g. When the flask is filled with a gas of unknown molar mass to a 
pressure of 97.99 kPa at 31°C, its mass is 137.456 g. When the flask is evacuated again and then filled with water at 31°C, 
its mass is 1067.9 g. (The density of water at this temperature is 0.997 g/mL.) Assuming the ideal gas equation applies, 
calculate the molar mass of the gas. 
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SOLUTION Knowing the mass of the gas (2.889 g) and its volume (0.936 L), we 


Analyze We are given the temperature (31 °C) and pressure (97.99 can calculate the density of the gas: : ; 
kPa) for a gas, together with information to determine its volume d = 2.889 g/0.936 L = 3.09 g/L = 3.09 x 10°g/m 
and mass, and we are asked to calculate its molar mass. After converting temperature to kelvins, we can use Equation 10.11 


Plan The data obtained when the flask is filled with water can be tOgalculate the molar mass: 


used to calculate the volume of the container. The mass of the M= dRT 
empty flask and of the flask when filled with gas can be used to P 
calculate the mass of the gas. From these quantities we calculate (3.09 x 103 g/m?)(8.314 m? Pa/mol K)(304 K) 


the gas density and then apply Equation 10.11 to calculate the mo- 


3 
lar mass of the gas. (97.99 x 10° Pa) 


Solve The gas volume equals the volume of water the flask can = 79.7 g/mol 
hold, calculated from the mass and density of the water. The mass 
of the water is the difference between the masses of the full and 
evacuated flask: 


1067.9 g — 134.567 g = 933.3 g 


Check The units work out appropriately, and the value of molar 
mass obtained is reasonable for a substance that is gaseous near 
room temperature. 


Rearranging the equation for density (d = m/V), we have 


m (933.3 g) 


V 936 mL = 0.936 L 
d (0.997 g/mL) > Practice Exercise 


What is the molar mass of an unknown hydrocarbon whose 
density is measured to be 1.97 g/L at STP? 

(a) 4.04 g/mol (b) 30.7 g/mol (c) 44.1 g/mol 

137.456 g — 134.567 g = 2.889 g (d) 48.2 g/mol 


The gas mass is the difference between the mass of the flask filled 
with gas and the mass of the evacuated flask: 


Volumes of Gases in Chemical Reactions 


We are often concerned with knowing the identity and/or quantity of a gas involved in 
a chemical reaction. Thus, it is useful to be able to calculate the volumes of gases con- 
sumed or produced in reactions. Such calculations are based on the mole concept and 
balanced chemical equations. The coefficients in a balanced chemical equation tell us 
the relative amounts (in moles) of reactants and products in a reaction. The ideal gas 
equation relates the number of moles of a gas to P, V, and T. 


j Sample Exercise 10.9 


D Relating Gas Variables and Reaction Stoichiometry 


Automobile air bags are inflated by nitrogen gas generated by the rapid decomposition of sodium azide, NaN3: 

2 NaN3(s) —> 2Na(s) + 3N>(g) 
If an air bag has a volume of 36 L and is to be filled with nitrogen gas at 116.5 kPa and 26°C, how many grams of NaN3 
must be decomposed? 


SOLUTION 

Analyze This is a multistep problem. We are given the volume, Plan We need to use the gas data (P, V, and T) and the ideal gas 
pressure, and temperature of the N; gas and the chemical equa- equation to calculate the number of moles of N, gas that should 
tion for the reaction by which the N3 is generated. We must use be formed for the air bag to operate correctly. We can then use the 
this information to calculate the number of grams of NaN; needed balanced equation to determine the number of moles of NaN, 

to obtain the necessary N3. needed. Finally, we can convert moles of NaN; to grams. 

Solve 


The conversion sequence is: 


Gas data ——» _molN, ———> molNaN3; ———> gNaN; 


Continued 


490 CHAPTER 10 Gases 


The number of moles of N; is determined using PV (116.5 x 10° Pa) (0.036 m?) 
the ideal gas equation: n= RT (8.314 m? Pa/mol K)(299 K) 
= 1.7 mol N; 
a ae 
3: (1. molN5)( 3 motNG ) 1.1 mol NaN, 
Finally, using the molar mass of NaN, we 65.0 gNaN3\ _ 
convert moles of NaN3 to grams: (1.1 molLNaN3) (eo 2) = 72g NaN; 


Check The units cancel properly at each step in the calculation, 


leaving us with the correct units in the answer, g NaN3. 


> Practice Exercise 


In the first step of the industrial process for making nitric 
acid, ammonia reacts with oxygen in the presence of a 
suitable catalyst to form nitric oxide and water vapor: 


4NH3(g) + S O2(g) —~> 4NO(g) + 6 H20(g) 


How many liters of NH3(g) at 850 °C and 506.6 kPa are 
required to react with 1.00 mol of O2(g) in this reaction? 


Self-Assessment Exercises 


10.12 The Goodyear blimps frequently fly over sporting events. 


One such blimp holds approximately 4955 m? helium. If the 
gas is at 23 °C and 101.33 kPa, what mass of helium is ina 
blimp? 

(a) 816 g 

(b) 2.63 kg 

(c) 816 kg 

(d) 2630 kg 


10.13 Calculate the density of dinitrogen tetroxide gas (N,O,) at 


111.5 kPa and 0 °C. 
(a) 0.0491 g/L 

(b) 4.52 g/L 

(c) 472 g/L 


10.14 Calculate the molar mass of a gas if 2.70 g occupies 0.97 Lat 


134.7 kPa and 100 °C. 
(a) 8.27 g/mol 
(b) 17.2 g/mol 
(c) 64.1 g/mol 


ns 
Exercises 


10.15 Suppose you are given two flasks at the same temperature, 


10.16 


one of volume 2 L and the other of volume 3 L. The 2 L flask 
contains 4.8 g of gas, and the gas pressure is x kPa. The 3 L 
flask contains 0.36 g of gas, and the gas pressure is 0.1x. Do 
the two gases have the same molar mass? If not, which con- 
tains the gas of higher molar mass? 


Calculate each of the following quantities for an ideal gas: 
(a) the volume of the gas, in liters, if 1.50 mol has a pressure 
of 126.7 kPa at a temperature of —6 °C; (b) the absolute tem- 
perature of the gas at which 3.33 x 107° mol occupies 478 mL 
at 99.99 kPa; (c) the pressure, in pascals, if 0.00245 mol oc- 
cupies 413 mL at 138 °C; (d) the quantity of gas, in moles, if 
126.5 Lat 54°C has a pressure of 11.25 kPa. 


10.17 A neon sign is made of glass tubing whose inside diameter 


is 3.0 cm and length is 10.0 m. If the sign contains neon ata 
pressure of 265 Pa at 30°C, how many grams of neon are in 
the sign? (The volume of a cylinder is 7r7h.) 


10.18 


10.19 


Many gases are shipped in high-pressure containers. Con- 
sider a steel tank whose volume is 210.0 L that contains O3 
gas at a pressure of 16,500 kPa at 23 °C. (a) What mass of Op 
does the tank contain? (b) What volume would the gas oc- 
cupy at STP? (c) At what temperature would the pressure in 
the tank equal 15.2 MPa? (d) What would be the pressure of 
the gas, in kPa, if it were transferred to a container at 24°C 
whose volume is 55.0 L? 


The physical fitness of athletes is measured by “Vo, max,” 
which is the maximum volume of oxygen consumed by an 
individual during incremental exercise (for example, on a 
treadmill). An average male has a Vo, max of 45 mL O2/kg 
body mass/min, but a world-class male athlete can have a Vo - 
max reading of 88.0 mL O2/kg body mass/min. (a) Calculate 
the volume of oxygen, in mL, consumed in 1 hr by an average 
man who weighs 85 kg and has a Vo, max reading of 47.5 mL 
O,/kg body mass/min. (b) If this man lost 10 kg, exercised, 
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and increased his Vo, max to 65.0 mL O2/kg body mass/min, generating H; is desired. How many grams of CaH, are 
how many mL of oxygen would he consume in 1 hr? needed to generate 145 L of H, gas if the pressure of Hp is 


10.20 Rank the following gases and vapors from least dense 110 kPa at 21°C? 
to most dense at 101.33 kPa and 298 K: water vapor 10.23 Both Jacques Charles and Joseph Louis Guy-Lussac were avid 
(H,O(g)), nitrogen (N2), hydrogen sulfide (H3S). balloonists. In his original flight in 1783, Jacques Charles 
used a balloon that contained approximately 31,150 L of H3. 


10.21 (a) Calculate the density of sulfur hexafluoride gas at 
Charles generated the H, using the reaction between iron 


94.26 kPa and 21°C. (b) Calculate the molar mass of a vapor saci 
that has a density of 7.135 g/L at 12°C and 99.06 kPa. and hydrochloric acid: 
10.22 Calcium hydride, CaH,, reacts with water to form hydrogen Fe(s) + 2 HCI(aq) FeCl,(aq) + Ho(g) 
gas: How many kilograms of iron were needed to produce this 


CaH,(s) + 2H20(1) —> Ca(OH) 2(aq) + 2 Ho(g) volume of H; if the temperature was 22 °C? 


This reaction is sometimes used to inflate life rafts, weather 
balloons, and the like, when a simple, compact means of 


(0) SbOL 


y 


(0) PLOL (q) erok 
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10.5 | Gas Mixtures and Partial 
Pressures 


~~ 


Humphry Davy coined the term ‘laughing gas’ for nitrous oxide (N,O) after observing 
that inhaling the gas provided a sense of euphoria. Laughing gas parties became popular 
among the British wealthy around 1800, but the gas also had a serious use as an anes- 
thetic. It is still commonly used in density, where it is administered as a 2:1 ratio with 
oxygen. Controlling the proportion of the two gases breathed in by the patient is im- 
portant to ensure pain relief while allowing sufficient oxygen to be present to allow nor- 
mal respiration. 

Other uses of nitrous oxide include its use as a rocket fuel, as a booster to fuel use in 
racing cars, and as the propellent in aerosol food stuffs such as cooking oil and whipped 
cream. N,,O dissolves well in fat and can provide a foam of twice the volume attainable by 
using air while not having the undesirable effect of making the fats go rancid. 

By the end of this section, you should be able to 


e Understand and use partial pressures and mole fractions 
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Thus far we have considered mainly pure gases—those that consist of only one substance 
in the gaseous state. How do we deal with mixtures of two or more different gases? While 
studying the properties of air, John Dalton made an important observation: 


The total pressure of a mixture of gases equals the sum of the pressures that 
each would exert if it were present alone. 


The pressure exerted by a particular component of a mixture of gases is called the par- 
tial pressure of that component. Dalton’s observation is known as Dalton’s law of 
partial pressures. 

If we let P, be the total pressure of a mixture of gases and P,, P>, P>, and so forth be the 
partial pressures of the individual gases, we can write Dalton’s law of partial pressures as 


PR=P+BRt+Bht... [10.12] 


This equation implies that each gas behaves independently of the others, as we can see 
by the following analysis. Let nı, m, nz, and so forth be the number of moles of each of 
the gases in the mixture and rų be the total number of moles of gas. If each gas obeys the 
ideal gas equation, we can write 


RT RT RT 
P, = m( 7), P, = n( 7); P, = n( 7), and so forth 


All of the gases in a container must occupy the same volume and will come to 
the same temperature in a relatively short period of time. Using these facts to simplify 
Equation 10.12, we obtain 

RT RT 
P= (n +m +m +... —) =n — 10.13 
t= (m + m + m ( V ) n y ) [ ] 
That is, at constant temperature and constant volume the total pressure of a gas sample 


is determined by the total number of moles of gas present, whether that total represents 
just one gas or a mixture of gases. 


iS Sample Exercise 10.10 
D 


Applying Dalton’s Law of Partial Pressures 


A mixture of 6.00 g of O2(g) and 9.00 g of CH4(g) is placed in a 15.0 L vessel at O °C. What is the partial pressure of each 
gas, and what is the total pressure in the vessel? 


SOLUTION According to Dalton’s law of partial pressures (Equation 10.12), 
Analyze We need to calculate the pressure for two gases in the same the total pressure in the vessel is the sum of the partial pressures: 
volume and at the same temperature. P, = Po, + Fen, 

Plan Because each gas behaves independently, we can use the = 28.45 kPa + 85.19 kPa = 113.64 kPa 


ideal gas equation to calculate the pressure each would exert if 


the other were not present. From Dalton’s law, the total pressure is Check A pressure of around 101.3 kPa seems right for a mixture of 


the sum of these two partial pressures. about 0.2 mol O, and a bit more than 0.5 mol CHy, together in a 
15-L volume, because 1 mol of an ideal gas at 1 atm pressure and 
Solve We first convert the mass of each gas to moles: 0°C occupies about 22 L. 


1 mol O2 
32.0 O05 
1 mol CH4 
16.0 gCHy 


We use the ideal gas equation to calculate the partial pressure of 
each gas: 


no, = (6.00505)( ) = 0.188 mol O, 


ncu, = (9.00 pcr ) = 0.563 mol CHy 


: no,RT (0.188 mol) (8.314 m? Pa/mol K)(273 K) 
Oz V 0.015 m? 
= 28.45 kPa 


ncu RT (0.563 mol) (8.314 m? Pa/mol K)(273 K) EEE 


V 3 
es What is the total pressure exerted by a mixture of 2.00 g of 
= 85.19 kPa H2(g) and 8.00 g of No(g) at 273 K in a 10.0-L vessel? 


Pou, 
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Partial Pressures and Mole Fractions 


Because each gas in a mixture behaves independently, we can relate the amount of a 
given gas in a mixture to its partial pressure. For an ideal gas, we can write 
P, mRT/V m 
P nRT/V n 
The ratio n/n is called the mole fraction of gas 1, which we denote X;. The mole frac- 
tion, X, is a dimensionless number that expresses the ratio of the number of moles of 
one component in a mixture to the total number of moles in the mixture. Thus, for gas 
1 we have 


[10.14] 


Moles of compound 1 m 


= 10.15 
i Total moles ni [ l 
We can combine Equations 10.14 and 10.15 to give 
nı 
P = a P, = X,P, [10.16] 
t 


The mole fraction of N; in air is 0.78—that is, 78% of the molecules in air are N3. This 
means that if the barometric pressure is 101.3 kPa, the partial pressure of N3 is 


Py, = (0.78)(101.3 kPa) = 79.04 kPa 


This result makes intuitive sense: Because Nz makes up 78% of the mixture, it contributes 
78% of the total pressure. 


\ap Sample Exercise 10.11 


D Relating Mole Fractions and Partial Pressures 


SOLUTION 
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A study of the effects of certain gases on plant growth requires a synthetic atmosphere composed of 1.5 mol % CO», 18.0 mol % 
O, and 80.5 mol % Ar. (a) Calculate the partial pressure of O, in the mixture if the total pressure of the atmosphere is to be 
99.33 kPa. (b) If this atmosphere is to be held in a 121 L space at 295 K, how many moles of O, are needed? 


Analyze For (a) we need to calculate the partial pressure of O, given its 
mole percent and the total pressure of the mixture. For (b) we need to 
calculate the number of moles of O, in the mixture given its volume 
(121 L), temperature (295 K), and partial pressure from part (a). 


Solve 


(a) The mole percent is the mole fraction times 100. Therefore, the 
mole fraction of O; is 0.180. Equation 10.16 gives: 


Plan We calculate the partial pressures using Equation 10.16, and 
then use Po, V, and Tin the ideal gas equation to calculate the 
number of moles of Op. 


Po, = (0.180) (99.33 kPa) = 17.88 kPa 


(b) Tabulating the given variables and converting to appropriate 
units, we have: 


Po, = 17.88 kPa 


Solving the ideal gas equation for no, we have: 


Check The units check out, and the answer seems to be the right 
order of magnitude. 


V = 121L=0.121 m? 
No, =? 

R = 8.314 m? Pa/mol K 

T = 295K 

V 
no, Oz RT 
0.121 m? 
= 17.88 kPa = 0.882 mol 


(8.314 m? Pa/mol K)(295 K) 


> Practice Exercise 
A 4.0-L vessel containing N, at STP and a 2.0-L vessel containing 
H3 at STP are connected by a valve. If the valve is opened allow- 
ing the two gases to mix, what is the mole fraction of hydrogen 
in the mixture? (a) 0.034 (b)0.33 (c)0.50 (d)0.67 (e) 0.96 
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Self-Assessment Exercise 


10.24 At an underwater depth of 100 m, the pressure is 1.11 MPa. (a) Po, = 210 kPa 
What should the partial pressure of oxygen be in the diving (b) P, =233 kPa 
gas for the mole fraction of oxygen in the mixture to be 0.21, 02 


the same as in air? (c) Po, = 5.29 MPa 


Exercises 

10.25 Consider a mixture of two gases, A and B, confined in a closed that already contains a mixture of Nz and O2, whose partial 
vessel. A quantity of a third gas, C, is added to the same vessel pressures are Py, = 21.08 kPa and Po, = 76.1 kPa. The tem- 
at the same temperature. How does the addition of gas C affect perature is held at 35.0 °C, and the diethylether totally evap- 
the following: (a) the partial pressure of gas A, (b) the total orates. (a) Calculate the partial pressure of the diethylether. 
pressure in the vessel, (c) the mole fraction of gas B? (b) Calculate the total pressure in the container. 

10.26 A deep-sea diver uses a gas cylinder with a volume of 10.0 L 10.29 Arigid vessel containing a 3:1 mol ratio of carbon dioxide and 
and a content of 51.2 g of O; and 32.6 g of He. Calculate the water vapor is held at 200 °C where it has a total pressure of 
partial pressure of each gas and the total pressure if the tem- 202.7 kPa. If the vessel is cooled to 10 °C so that all of the wa- 
perature of the gas is 19°C. ter vapor condenses, what is the pressure of carbon dioxide? 

10.27 The atmospheric concentration of CO, gas is presently Neglect the volume of the liquid water that forms on cooling. 
407 ppm (parts per million, by volume; that is, 407 L of every 10.30 (a) What are the mole fractions of each component in a mix- 
10° L of the atmosphere are CO2). What is the mole fraction ture of 15.08 g of O2,8.17 g of No, and 2.64 g of H?? (b) 
of CO, in the atmosphere? What is the partial pressure in atm of each component of 

10.28 A sample of 5.00 mL of diethylether (C,H;OC,Hs, this mixture if it is held in a 15.50 L vessel at 15 °C? 


density = 0.7134 g/mL) is introduced into a 6.00-L vessel 
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10.6 | The Kinetic-Molecular Theory 
of Gases 


The Roman philosopher Lucretius wrote: 


Observe what happens when sunbeams are admitted into a building and shed light on its 
shadowy places. You will see a multitude of tiny particles...dancing. 
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In 1827, some 1900 years later, the Scottish botanist Robert Brown observed the move- 
ment of microscopic particles while studying pollen grains suspended in water. At first, 
he thought the movement was due to some living motion but showed it also occurred 
with inanimate particles such as those found in smoke. It became known as Brownian 
motion. Both Lucretius and Brown concluded the random motion was due to the par- 
ticles being constantly bombarded by even smaller bodies—atoms and molecules. Ein- 
stein, in a 1905 publication, presented the mathematics behind the observed random 
movement and used it as indirect evidence of the existence of atoms and molecules. 
By the end of this section, you should be able to 


e Use the kinetic-molecular theory of gases to explain the gas laws and rates of effu- 
sion and diffusion 


The ideal gas equation describes how gases behave but not why they behave as they do. 
Why does a gas expand when heated at constant pressure? Or why does its pressure 
increase when the gas is compressed at constant temperature? To understand the phys- 
ical properties of gases, we need a model that helps us picture what happens to gas par- 
ticles when conditions such as pressure or temperature change. Such a model, known 
as the kinetic-molecular theory of gases, was developed over a period of about 
100 years, culminating in 1857 when Rudolf Clausius (1822-1888) published a com- 
plete and satisfactory form of the theory. 

The kinetic-molecular theory (the theory of moving molecules) is summarized by 
the following statements: 


1. Random motion Gases consist of large numbers of molecules that are in con- 
tinuous, random motion. (The word molecule is used here to designate the small- 
est particle of any gas even though some gases, such as the noble gases, consist 
of individual atoms. All we learn about gas behavior from the kinetic-molecular 
theory applies equally to atomic gases.) 


2. Negligible molecular volume The combined volume of all the molecules of 
the gas is negligible relative to the total volume in which the gas is contained. 


3. Negligible forces Attractive and repulsive forces between gas molecules are 
negligible. 

4. Constant average kinetic energy Energy can be transferred between mole- 
cules during collisions but, as long as temperature remains constant, the average 
kinetic energy of the molecules does not change with time. 


5. Average kinetic energy proportional to temperature The average kinetic 
energy of the molecules is proportional to the absolute temperature. At any given 
temperature, the molecules of all gases have the same average kinetic energy. 


The kinetic-molecular theory explains both pressure and temperature at the 
molecular level. The pressure of a gas is caused by collisions of the molecules with the 
walls of the container (Figure 10.12). The magnitude of the pressure is determined by 
how often and how forcefully the molecules strike the walls. 

The absolute temperature of a gas is a measure of the average kinetic energy of its 
molecules. If two gases are at the same temperature, their molecules have the same 
average kinetic energy (statement 5 of the kinetic-molecular theory). If the absolute 
temperature of a gas is doubled, the average kinetic energy of its molecules doubles. 
Thus, molecular motion increases with increasing temperature. 


Distributions of Molecular Speed 


Although collectively the molecules in a sample of gas have an average kinetic energy 
and hence an average speed, the individual molecules are moving at different speeds. 
Each molecule collides frequently with other molecules. Momentum is conserved in 
each collision, but one of the colliding molecules might be deflected off at high speed 
while the other is nearly stopped. The result is that, at any instant, the molecules in the 
sample have a wide range of speeds. In Figure 10.13(a), which shows the distribution of 


Pressure inside container comes 
from collisions of gas molecules 
with container walls. 


A Figure 10.12 The molecular origin of gas 
pressure. 
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W. UNIT Estimate the fraction of molecules at 100°C with speeds less than 300 m/s. 


At 0 °C, fewer than half the At 100 °C, more than 
molecules move at speeds half the molecules 
greater than 500 m/s. move at speeds greater 
than 500 m/s. 


Ump = the speed 
exhibited by the largest 
number of molecules 


Ugy = the average 
(mean) speed of all 
the molecules 


Ums = the speed of a 
molecule whose kinetic 
energy is equal to the 
average (mean) kinetic 
energy of all the molecules 


Fraction of molecules 
Fraction of molecules 


0 5 x 10? 10 x 107 0 5 x 10? 10 x 10? 
Molecular speed (m/s) Molecular speed (m/s) 


(a) (b) 

( {> ) A Figure 10.13 Distribution of molecular speeds for nitrogen gas. (a) The effect of temperature on 
molecular speed. The relative area under the curve for a range of speeds gives the relative fraction 
of molecules that have those speeds. (b) Position of most probable (Ump), average (Ua), and root- 
mean-square (Urms) speeds of gas molecules. The data shown here are for nitrogen gas at 0 °C. 


molecular speeds for nitrogen gas at 0°C and 100°C, we see that a larger fraction of the 
100 °C molecules moves at the higher speeds. This means that the 100°C sample has the 
higher average kinetic energy. 

In any graph of the distribution of molecular speeds in a gas sample, the peak of the 
curve represents the most probable speed, ump [Figure 10.13(b)]. The most probable speeds 
in Figure 10.13(a), for instance, are 4 X 10*m/s for the 0°C sample and 5 x 10?m/s for 
the 100°C sample. Figure 10.13(b) also shows the root-mean-square (rms) speed, 
Ums, Of the molecules. This is the speed of a molecule possessing a kinetic energy iden- 
tical to the average kinetic energy of the sample. The rms speed is not quite the same as 
the average (mean) speed, tay. The difference between the two is small, however. In Figure 
10.13(b), for example, the root-mean-square speed is about 4.9 x 107 m/s and the aver- 
age speed is about 4.5 x 107m/s. 

If you calculate the rms speeds (as we will in Section 10.7), you will find that the rms 
speed is almost 6 x 107 m/s for the 100°C sample but slightly less than 5 x 10% m/s for 
the 0°C sample. Notice that the distribution curve broadens as we go to a higher tem- 
perature, which tells us that the range of molecular speeds increases with temperature. 

The rms speed is important because the average kinetic energy of the gas molecules 
in a sample is equal to $ M(Urms)?- Because mass does not change with temperature, the 
increase in the average kinetic energy 5 (Urns)? as the temperature increases implies that 
the rms speed of the molecules (as well as u,, and Upp) increases as temperature increases. 


Application of Kinetic-Molecular Theory to the Gas Laws 


The empirical observations of gas properties as expressed by the various gas laws are read- 
ily understood in terms of the kinetic-molecular theory. The following examples illus- 
trate this point: 


1. An increase in volume at constant temperature causes pressure to de- 
crease. A constant temperature means that the average kinetic energy of the gas 
molecules remains unchanged. This means that the rms speed of the molecules re- 
mains unchanged. When the volume is increased, the molecules must move a longer 
distance between collisions. Consequently, there are fewer collisions per unit time 
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with the container walls, which means the pressure decreases. Thus, kinetic-molecular 


theory explains Boyle’s law. 


2. A temperature increase at constant volume causes pressure to in- 


crease. 


An increase in temperature means an increase in the average kinetic 


energy of the molecules and in Ums. Because there is no change in volume, the 


temperature increase causes more collisions with the walls per unit time because 


the molecules are all moving faster. Furthermore, the momentum in each colli- 


sion increases (the molecules strike the walls more forcefully). A greater number 


of more forceful collisions means the pressure increases, and the theory explains 


this increase. 


A CLOSER LOOK WACKER TELO 


The ideal gas equation can be derived from the five statements given 
in the text for the kinetic-molecular theory. Rather than perform 
the derivation, however, let’s consider in qualitative terms how the 
ideal gas equation might follow from these statements. The total 
force of the molecular collisions on the walls and hence the pressure 
(force per unit area, Section 10.2) produced by these collisions de- 
pend both on how strongly the molecules strike the walls (impulse 
imparted per collision) and on the rate at which the collisions occur: 


P x impulse imparted per collision X collision rate 


For a molecule traveling at the rms speed, the impulse imparted 
by a collision with a wall depends on the momentum of the mole- 
cule; that is, it depends on the product of the molecule’s mass and 
speed: mu;ms- The collision rate is proportional to the number of 
molecules per unit volume, n/V, and to their speed, which is tms 


WA Sample Exercise 10.12 
D 


Applying the Kinetic-Molecular Theory 


SOLUTION 


Analyze We need to apply the concepts of the kinetic-molecular 
theory of gases to a gas compressed at constant temperature. 


Plan We will determine how each of the quantities in (a)-(e) is 
affected by the change in volume at constant temperature. 


Solve (a) Because the average kinetic energy of the O, molecules 
is determined only by temperature, this energy is unchanged by 
the compression. (b) Because the average kinetic energy of the 
molecules does not change, their average speed remains constant. 
(c) The number of collisions with the walls per unit time increases 
because the molecules are moving in a smaller volume but with 
the same average speed as before. Under these conditions they will 
strike the walls of the container more frequently. (d) The number 
of collisions with a unit area of wall per unit time increases because 
the total number of collisions with the walls per unit time in- 
creases and the area of the walls decreases. (e) Although the aver- 
age force with which the molecules collide with the walls remains 
constant, the pressure increases because there are more collisions 
per unit area of wall per unit time. 


because we are talking about only molecules traveling at this speed. 

Thus, we have 

NM( thms)” 
V 
Because the average kinetic energy, $ M(tims) 2, is proportional 

to temperature, we have m(thms)” % T. Making this substitution in 

Equation 10.17 gives 


P & Mtns X 7 X Ums % [10.17] 


NM(thms)” x nT 
V V 
If we put in a proportionality constant, calling it R, the gas con- 


stant, you can see that we obtain the ideal gas equation: 
RT 
pan [10.19] 
V 


Related Exercises: 10.32, 10.91 


Px [10.18] 


A sample of O, gas initially at STP is compressed to a smaller volume at constant temperature. What effect does this change have 
on (a) the average kinetic energy of the molecules, (b) their average speed, (c) the number of collisions they make with the container 
walls per unit time, (d) the number of collisions they make with a unit area of container wall per unit time, (e) the pressure? 


Check In a conceptual exercise of this kind, there is no numerical 
answer to check. All we can check in such cases is our reasoning in 
the course of solving the problem. The increase in pressure seen in 
part (e) is consistent with Boyle’s law. 


> Practice Exercise 
Consider two gas cylinders of the same volume and tempera- 
ture, one containing 1.0 mol of propane, C3Hg, and the other 
2.0 mol of methane, CH4. Which of the following statements 
is true? (a) The C3Hg and CH, molecules have the same Um, 
(b) The C3Hg and CH, molecules have the same average ki- 
netic energy (c) The rate at which the molecules collide with 
the cylinder walls is the same for both cylinders (d) The gas 
pressure is the same in both cylinders 
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Self-Assessment Exercise 


10.31 Consider three gases, all at 298 K: Kr, N,, and NH3. List the (a) Kr < N, < NH, 
gases in order of increasing average speed of the molecules (b) Kr < NH, < N 
(or atoms). $ 2 


(c) NH, < N, < Kr 
(d) N, < NH, < Kr 


Exercises 
10.32 Indicate which of the following statements regarding the 10.33 Radon (Rn) is the heaviest (and only radioactive) member of 
kinetic-molecular theory of gases are correct. (a) The average the noble gases. How much slower is the root-mean-square 
kinetic energy of a collection of gas molecules at a given tem- speed of Rn than He at 300 K? 
; ; 2 
perature is proportional to m'/?. (b) The gas molecules are as- 10.34 (a) Place the following gases in order of increasing average 
sumed to exert no forces on each other. (c) All the molecules molecular speed at 300 K: CO, SFe HS, Cl», HBr. (b) Cal- 


of a gas at a given temperature have the same kinetic energy. culate the rms speeds of CO and Cl molecules at 300 K. 


(d) The volume of the gas molecules is negligible in compari- (c) Calculate the most probable speeds of CO and Cl, mole- 
son to the total volume in which the gas is contained. (e) All cules at 300 K. 


gas molecules move with the same speed if they are at the same 
temperature. 
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10.7 | Molecular Effusion and Diffusion 


Natural gas is a convenient, efficient fuel source and is transported by pipes, pressur- 
ized tankers and in gas bottles. It is colorless and odorless, making the detection of leaks 
difficult. This is problematic as a buildup of gas in an enclosed space might go unde- 
tected and result in an explosion. To guard against this, an additive, usually ethanethiol 
(CH,CH,SH), which has an unpleasant smell that can alert people to the possibility of a 
leak, is used. This compound has the advantages that very small amounts are detected 
by the human nose (of the order of a few parts per billion), the compound has long term 
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stability when added to a gas supply and does not interfere with the combustion of the 
gas. It is sometimes referred to as ‘stench gas’ and in some countries is used to release 
into the ventilation system of underground mines to alert the miners in the case of an 
emergency. 

By the end of this section, you should be able to 


e Distinguish between effusion and diffusion and relate them to the molar mass of the gas. 


According to the kinetic-molecular theory of gases, the average kinetic energy of any col- 
lection of gas molecules, 5 1M(Urms)?s has a specific value at a given temperature. Thus, for 
two gases at the same temperature a gas composed of low-mass particles, such as He, has 
the same average kinetic energy as one composed of more massive particles, such as Xe. 
The mass of the particles in the He sample is smaller than that in the Xe sample. Conse- 
quently, the He particles must have a higher rms speed than the Xe particles. The equa- 
tion that expresses this fact quantitatively is 


[3RT 
Urms = M [10.20] 


where Mis the molar mass of the particles, which can be derived from the kinetic-molecular 
theory. Because M appears in the denominator, the less massive the gas particles, the 
higher their rms speed. 

Figure 10.14 shows the distribution of molecular speeds for several gases at 25 °C. 
Notice how the distributions are shifted toward higher speeds for gases of lower molar 
masses. 

The most probable speed of a gas molecule can also be derived: 


Ump = JZ [10.21] 


The dependence of molecular speed on mass has two interesting consequences. The 
first is effusion, which is the escape of gas molecules through a tiny hole (Figure 10.15). 
The second is diffusion, which is the spread of one substance throughout a space 
or throughout a second substance. For example, the molecules of a perfume diffuse 
throughout a room. 


Graham’s Law of Effusion 


In 1846, Thomas Graham (1805-1869) discovered that the effusion rate of a gas is 
inversely proportional to the square root of its molar mass. Assume we have two gases at 
the same temperature and pressure in two containers with identical pinholes. If the rates 


YW A G Which of these gases has the largest molar mass? Which has 
the smallest? 


Fraction of molecules 


5x10? 10x10? 15x10? 20x10? 25x 10% 30x 10* 35 x 107 
Molecular speed (m/s) 


A Figure 10.14 The effect of molar mass on molecular speed at 25 °C. 


Gas molecules in top half effuse 
through pinhole only when they 
happen to hit the pinhole. 


A Figure 10.15 Effusion. 
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= Sample Exercise 10.13 


D Calculating a Root-Mean-Square Speed 


SOLUTION 


Analyze We are given the identity of a gas and the temperature, the 
two quantities we need to calculate the rms speed. 


T = 25 + 273 = 298K 
A = 28.0 g/mol = 28.0 x 107° kg/mol 


3(8.314 kg m?/s? mol K)(298 K) 


=y 


W_& 


28.0 x 10 °kg/mol 


Calculate the rms speed of the molecules in a sample of N, gas at 25°C. 


Comment This corresponds to a speed of 1854 km/hr. Because the 
average molecular weight of air molecules is slightly greater than 
that of No, the rms speed of air molecules is a little smaller than 
that for N>. 


Plan We calculate the rms speed using Equation 10.20. 


Solve We must convert each quantity in our equation to SI units. 
We will also use R in units of J/mol K (Table 10.2) to make the 
units cancel correctly. 


> Practice Exercise 
Fill in the blanks for the following statement: The rms 


R = 8.314J/mol K = 8.314kg m’/s? mol K (Since 1 J = 1 kg m?/s’) speed of the molecules in a sample of H, gas at 300 K will be 


3RT 
Ums = M 


times larger than the rms speed of O, molecules 
at the same temperature, and the ratio u,ms(H2)/Urms(O2) 
with increasing temperature. 
(a) four, will not change (b) four, will increase (c) sixteen, 
= 5.15 X 102m /s will not change (d) sixteen, will decrease (e) Not enough 
information is given to answer this question. 


of effusion of the two gases are n and n and their molar masses are M and .l,, Graham’s 
law states that 

n —— {lly 

ho Ma 
a relationship that indicates that the lighter gas has the higher effusion rate. 

The only way for a molecule to escape from its container is for it to “hit” the hole in 

the partitioning wall of Figure 10.15. The faster the molecules are moving, the more often 
they hit the partition wall and the greater the likelihood that a molecule will hit the hole 
and effuse. This implies that the rate of effusion is directly proportional to the rms speed 
of the molecules. Because R and T are constant, we have, from Equation 10.22 


f u 3RT/M 
i Yma 2 BRIM. [M2 [10.23] 
h Urms2 3R T/M Ma 
As expected from Graham’s law, helium escapes from containers through tiny pinhole 
leaks more rapidly than other gases of higher molecular weight (Figure 10.16). 


[10.22] 


Figure Because pressure and temperature are constant in this figure but volume 
changes, which other quantity in the ideal gas equation must also change? 


Both gases effuse 
through pores in balloon, 
but lighter helium gas 
effuses faster than 
heavier argon gas. 


A Figure 10.16 An illustration of Graham’s law of effusion. 


he. Sample Exercise 10.14 
D Applying Graham’s Law 
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An unknown gas composed of homonuclear diatomic molecules effuses at a rate that is 0.355 times the rate at which O, gas 
effuses at the same temperature. Calculate the molar mass of the unknown and identify it. 


SOLUTION 


Analyze We are given the rate of effusion of an unknown gas rela- 
tive to that of O, and asked to find the molar mass and identity of 
the unknown. Thus, we need to connect relative rates of effusion 
to relative molar masses. 


Plan We use Equation 10.22 to determine the molar mass of the 
unknown gas. If we let r, and M, represent the rate of effusion and 
molar mass of the gas, we can write 


Mo, 


ty 


To. z My 
Solve From the information given, 


hy = 0.355 X To, 


Thus, 


32.0 g/mol 
5 = 0.355 = 4/ z 


lo, x 
32.0 g/mol 
32.0g/mo! _ (0.385)? = 0.126 
My 
_ 32.0g/mol _ T i 
"Gage ee 


Because we are told that the unknown gas is composed of homo- 
nuclear diatomic molecules, it must be an element. The molar 
mass must represent twice the atomic weight of the atoms in the 
unknown gas. We conclude that the unknown gas must have an 
atomic weight of 127 g/mol and therefore is Ip. 


Diffusion and Mean Free Path 


Although diffusion, like effusion, is faster for lower-mass molecules than for higher-mass 
ones, molecular collisions make diffusion more complicated than effusion. 

Graham’s law, Equation 10.22, approximates the ratio of the diffusion rates of two 
gases under identical conditions. We can see from the horizontal axis in Figure 10.15 that 
the speeds of molecules are quite high. For example, the rms speed of molecules of N3 
gas at room temperature is 515 m/s. In spite of this high speed, if someone opens a vial 
of perfume at one end of a room, some time elapses—perhaps a few minutes—before the 
scent is detected at the other end of the room. This tells us that the diffusion rate of gases 
throughout a volume of space is much slower than molecular speeds.* This difference is 
due to molecular collisions, which occur frequently for a gas at atmospheric pressure— 
about 10!° times per second for each molecule. Collisions occur because real gas mole- 
cules have finite volumes. 

Because of molecular collisions, the direction of motion of a gas molecule is con- 
stantly changing. Therefore, the diffusion of a molecule from one point to another 
consists of many short, straight-line segments as collisions buffet it around in random 
directions (Figure 10.17). 

The average distance traveled by a molecule between collisions, called the molecule’s 
mean free path, varies with pressure as the following analogy illustrates. Imagine 


*The rate at which the perfume moves across the room also depends on how well stirred the air 
is from temperature gradients and the movement of people. Nevertheless, even with the aid of 
these factors, it still takes much longer for the molecules to traverse the room than one would 
expect from their rms speed. 


> Calculate the ratio of the effusion rates of N3 gas and O3 gas. 


Start 


Net distance traveled 


A Figure 10.17 Diffusion of a gas molecule. 
For clarity, no other gas molecules in the 
container are shown. 
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CHEMISTRY PUT TO WORK RERSGIETENOIE 


The fact that lighter molecules move at higher average speeds than 
more massive ones has many interesting applications. For exam- 
ple, developing the atomic bomb during World War II required sci- 
entists to separate the relatively low-abundance uranium isotope 
235U (0.7%) from the much more abundant 7°8U (99.3%). This sep- 
aration was accomplished by converting the uranium into a volatile 
compound, UF,, that was then allowed to pass through a porous 
barrier (Figure 10.18). Because of the pore diameters, this process is 
not simple effusion. Nevertheless, the way in which rate of passing 
through the pores depends on molar mass is essentially the same as 
that in effusion. The slight difference in molar mass between 7*5UF, 
and SUF; caused the molecules to move at slightly different rates: 
352.04 


1235 
— = = 1.0043 
1238 349.03 


Thus, the gas initially appearing on the opposite side of the barrier 
is very slightly enriched in ?5U. The process is repeated thousands 


High pressure 


High pressure 
UF¢ feed 


e 238UF 6 


A Figure 10.18 Uranium enrichment by gaseous diffusion. The lighter *25UF, effuses through a 
porous barrier at a slightly faster rate than ?38UFs. The pressure difference across the membrane 
drives the effusion. The enrichment shown here for a single step is exaggerated for illustrative purposes. 


Low pressure 


of times, leading to a nearly complete separation of the two iso- 
topes. Because of the large number of steps needed to adequately 
separate the isotopes, gaseous diffusion facilities are large-scale 
structures. 

An increasingly popular method of separating uranium iso- 
topes is by a technique that uses centrifuges. In this procedure, cy- 
lindrical rotors containing UF, vapor spin at high speed inside an 
evacuated casing. Molecules of SUF, move closer to the spinning 
walls, whereas molecules of 775UF, remain in the middle of the cyl- 
inders. A stream of gas moves the “UF, from the center of one cen- 
trifuge into another. Plants that use centrifuges consume less energy 
than those that use effusion and can be constructed in a more com- 
pact, modular fashion. 

Related Exercises: 10.37, 10.97 


Lighter °5UF, molecules 
pass through holes in the 


porous membrane faster 
than heavier ?°8UF, 
molecules. 


Gas with enriched 
235UF, content 
— 


— 
Gas with depleted 
235UF, content 


e 235UF 6 


walking through a shopping mall. When the mall is crowded (high pressure), the aver- 
age distance you can walk before bumping into someone is short (short mean free path). 
When the mall is empty (low pressure), you can walk a long way (long mean free path) 
before bumping into someone. The mean free path for air molecules at sea level is about 
60 nm. At about 100 km in altitude, where the air pressure is much lower, the mean free 
path is about 10 cm, over 1 million times longer than at the Earth’s surface. 


Self-Assessment Exercise 


10.35 One of worst smelling compounds known is thioacetone 
(C,H,S). If a sample of thioacetone and ethanethiol (C,H;S) 
were released into a laboratory, which compound would 
travel farther in one minute? 


(a) C,H;S 
(b) C,H,S 
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Exercises 


10.36 Which one or more of the following statements are true? were developed to allow effusion of gaseous uranium atoms, 
(a) O, will effuse faster than Cly. U(g). Calculate the ratio of effusion rates for ?5U and 735U, 

(b) Effusion and diffusion are different names for the same and compare it to the ratio for UF; given in the essay. 
process. 10.38 A gas of unknown molecular mass was allowed to effuse 
(c) Perfume molecules travel to your nose by the process of through a small opening under constant-pressure condi- 
effusion. tions. It required 105 s for 1.0 L of the gas to effuse. Under 
(d) The higher the density of a gas, the shorter the mean identical experimental conditions it required 31 s for 1.0 L 
free path. of Oz gas to effuse. Calculate the molar mass of the un- 
10.37 As discussed in the “Chemistry Put to Work” box in known gas. (Remember that the faster the rate of effusion, 
Section 10.7, enriched uranium can be produced by effusion the shorter the time required for effusion of 1.0 L; in other 
of gaseous UF, across a porous membrane. Suppose a process o e is the amount that diffuses over the time it takes 

to diffuse. 
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10.8 | Real Gases: Deviations 
from Ideal Behavior 


Many people are unaware of the vast network of underground pipelines that undergirds 
the developed world and that is used to move vast quantities of liquids and gases over 
considerable distances. The pipeline system consists of large diameter (120 cm) trunk 
lines at high pressure, with branch lines of small diameter (35 cm) at lower pressure 
for local transport to and from the trunk lines. Methane-rich natural gas is processed 
to remove particulates, water, and various gas impurities, such as hydrogen sulfide and 
carbon dioxide. The gas is then compressed to pressure of between 3.5 MPa and 10 MPa 
depending on the diameter of the pipe. The pressure is maintained by compressor sta- 
tions along the pipeline at roughly 100 km intervals. The high pressures mean that 
chemical engineers can no longer rely on the ideal gas equation but employ more accu- 
rate equations to describe the behavior of the gas. 
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> Figure 10.19 The effect of pressure on 
the behavior of several real gases. Data 

for 1 mol of gas in all cases. Data for 

N2, CH4, and H3 are at 300 K; for CO, data 
are at 313 K because under high pressure 
CO; liquefies at 300 K. 


By the end of this section, you should be able to 


e Describe why a real gas does not conform to the ideal gas equation 


The extent to which a real gas departs from ideal behavior can be seen by rearranging the 
ideal gas equation to solve for n: 

PV _ 

RT =H 
This form of the equation tells us that for 1 mol of ideal gas, the quantity PV/RT equals 1 at all 
pressures. In Figure 10.19, PV/RT is plotted as a function of P for 1 mol of several real gases. At 
high pressures (generally above 1.013 MPa), the deviation from ideal behavior (PV/RT = 1) 
is large and different for each gas. Real gases, in other words, do not behave ideally at high pressure. 
At lower pressures (usually below 1.013 MPa), however, the deviation from ideal behavior is 
small, and we can use the ideal gas equation without generating serious error. 

Deviation from ideal behavior also depends on temperature. As temperature 
increases, the behavior of a real gas more nearly approaches that of the ideal gas 
(Figure 10.20). In general, the deviation from ideal behavior increases as temperature decreases, 
becoming significant near the temperature at which the gas liquefies. 


[10.24] 


Ideal gas 


0 20 40 60 80 100 
P (MPa) 


W. UN aI True or false: Nitrogen gas behaves more like an ideal gas as 
the temperature increases. 


1000 K 


Ideal gas 


0 30 60 90 
P (MPa) 


A Figure 10.20 The effect of temperature and pressure on the behavior of nitrogen gas. 
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The basic assumptions of the kinetic-molecular theory of gases 
give us insight into why real gases deviate from ideal behavior. The 
molecules of an ideal gas are assumed to occupy no space and have 
no attraction for one another. Real molecules, however, do have finite 
volumes and do attract one another. As Figure 10.21 shows, the unoc- 
cupied space in which real molecules can move is less than the con- 
tainer volume. At low pressures, the combined volume of the gas 
molecules is negligible relative to the container volume. Thus, the 
unoccupied volume available to the molecules is essentially the con- 
tainer volume. At high pressures, the combined volume of the gas 
molecules is not negligible relative to the container volume. Now the 
unoccupied volume available to the molecules is less than the con- 
tainer volume. At high pressures, therefore, gas volumes tend to be 
slightly greater than those predicted by the ideal gas equation. 

Another reason for nonideal behavior at high pressures is that 
the attractive forces between molecules come into play at the short 
intermolecular distances found when molecules are crowded together 
at high pressures. Because of these attractive forces, the impact of a 
given molecule with the container wall is lessened. If we could stop 
the motion in a gas, as illustrated in Figure 10.22, we would see that 
a molecule about to collide with the wall experiences the attractive 
forces of nearby molecules. These attractions lessen the force with 
which the molecule hits the wall. As a result, the gas pressure is less 


Gas molecules occupy a Gas molecules occupy a 
small fraction of the total larger fraction of the total 
volume. volume. 


Low pressure High pressure 


A Figure 10.21 Gases behave more ideally at low pressure than at 
high pressure. 


than that of an ideal gas. This effect decreases PV/RT to below its ideal value, as seen at 
the lower pressures in Figures 10.20 and 10.21. When the pressure is sufficiently high, 
however, the volume effects dominate and PV/RT increases to above the ideal value. 
Temperature determines how effective attractive forces between gas molecules are 
in causing deviations from ideal behavior at lower pressures. Figure 10.21 shows that, at 
pressures below about 40 MPa, cooling increases the extent to which a gas deviates from 
ideal behavior. As the gas cools, the average kinetic energy of the molecules decreases. 
This drop in kinetic energy means the molecules do not have the energy needed to over- 
come intermolecular attraction, and the molecules will be more likely to stick to each 


other than bounce off each other. 


attractive? 


Ideal gas Real gas 


than in an ideal gas. 


D4 Go Figure How would you expect the pressure of a gas to change if 
suddenly the intermolecular forces were repulsive rather than 


A Figure 10.22 In any real gas, attractive intermolecular forces reduce pressure to values lower 
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As the temperature of a gas increases—as, say, from 200 to 1000 K in Figure 10.21— 
the negative deviation of PV/RT from the ideal value of 1 disappears. As noted earlier, 
the deviations seen at high temperatures stem mainly from the effect of the finite vol- 
umes of the molecules. 


The van der Waals Equation 


Engineers and scientists who work with gases at high pressures often cannot use the ideal 
gas equation because departures from ideal behavior are too large. One useful equation 
developed to predict the behavior of real gases was proposed by the Dutch scientist 
Johannes van der Waals (1837-1923). 

As we have seen, a real gas has a lower pressure due to intermolecular forces, and a 
larger volume due to the finite volume of the molecules, relative to an ideal gas. Van der 
Waals recognized that it would be possible to retain the form of the ideal gas equation, 
PV = nRT, if corrections were made to the pressure and the volume. He introduced two 
constants for these corrections: a, a measure of how strongly the gas molecules attract 
one another, and b, a measure of the finite volume occupied by the molecules. His 
description of gas behavior is known as the van der Waals equation: 


2 
(r + ray — nb) = nRT [10.25] 


The term n?a/ V? accounts for the attractive forces. The equation adjusts the pressure upward 
by adding n?a/ V? because attractive forces between molecules tend to reduce the pressure 
(Figure 10.22). The added term has the form n?a / V? because the attractive force between pairs 
of molecules increases as the square of the number of molecules per unit volume, (n/V)?. 

The term nb accounts for the small but finite volume occupied by the gas molecules 
(Figure 10.22). The van der Waals equation subtracts nb to adjust the volume downward 
to give the volume that would be available to the molecules in the ideal case. The con- 
stants a and b, called van der Waals constants, are experimentally determined positive 
quantities that differ from one gas to another. Notice in Table 10.3 that a and b generally 
increase with increasing molecular mass. Larger, more massive molecules have larger vol- 
umes and tend to have greater intermolecular attractive forces. 


TABLE 10.3 Van der Waals Constants for Gas Molecules 


Substance a (L kPa/mol?) b (L/mol) 
He 3.46 0.02370 
Ne 21.4 0.0171 
Ar 135 0.0322 
Kr 235 0.0398 
Xe 425 0.0510 
H, 24.7 0.0266 
N? 141 0.0391 
O, 138 0.0318 
i 107 0.0290 
Ch 658 0.0562 
H,O 553 0.0305 
NH; 423 0.0371 
CH, 228 0.0428 
CO, 364 0.0427 


CCly 2067 0.1383 


Wap Sample Exercise 10.15 
PP Using the van der Waals Equation 


SOLUTION 


Analyze We need to determine a pressure. Because we will use the 
van der Waals equation, we must identify the appropriate values 
for the constants in the equation. 


Plan Rearrange Equation 10.25 to isolate P. 


Solve Substituting n = 10.00 mol, R = 8.314 m? Pa/mol K 
T = 273.2K, V = 22.41L=2.241 x 10°? m, 
a = 658 17kPa/mol’, and b = 0.0562 L/mol: 


(10.00 mol) (8.314 m? Pa/mol K) (273.2 K) 
2.241 x 10~?m? — (10.00 mol)(5.62 x 1075 m?/mol) 


(10.00 mol) ?(658 L?kPa/mol') 
(22.41 K)? 


= 1039.6 kPa — 130.7 kPa = 908.9 kPa 


= Sample Integrative Exercise 
D Putting Concepts Together 


SOLUTION 


elemental analysis data and data on its properties. Then we need 
to predict the structure of the molecule and from that, its polarity. 


(a) Plan We can use the percentage composition of the com- 
pound to calculate its empirical formula. Then we can deter- 
mine the molecular formula by comparing the mass of the 
empirical formula with the molar mass. 


Solve To determine the empirical formula, we assume we have a 
100-g sample and calculate the number of moles of each element 
in the sample: 


1 mol C 
Moles C = (46.2 so)( sane) = 3.85 mol C 
1molN 


Because the ratio of the moles of the two elements is essentially 
1:1, the empirical formula is CN. To determine the molar mass, we 
use Equation 10.11. 


Analyze We need to determine the molecular formula of a gas from 


dRT (1.05 g/0.500 (103 m3/L))(8.314 m? Pa/mol K) (298K) 


M 


P 100.1 x 10° Pa 
= 52.0 g/mol 


The molar mass associated with the empirical formula CN is 
12.0 + 14.0 = 26.0 g/mol. Dividing the molar mass by that of its 
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If 10.00 mol of an ideal gas were confined to 22.41 L at 0.0 °C, it would exert a pressure of 1.013 MPa. Use the van der Waals 
equation and Table 10.3 to estimate the pressure exerted by 10.00 mol of Clo(g) in 22.41 L at 0.0 °C. 


Comment Notice that the term 1039.6 kPa is the pressure corrected 
for molecular volume. This value is higher than the ideal value, 
1.013 MPa, because the volume in which the molecules are free 

to move is smaller than the container volume, 22.41 L. Thus, the 
molecules collide more frequently with the container walls and 
the pressure is higher than that ofa real gas. The term 130.7 kPa 
makes a correction in the opposite direction for intermolecular 
forces. The correction for intermolecular forces is the larger of the 
two, and thus the pressure 908.9 kPa is smaller than would be 
observed for an ideal gas. 


> Practice Exercise 
A sample of 1.000 mol of CO; (g) is confined to a 3.000-L 
container at 0.000 °C. Calculate the pressure of the gas using 
(a) the ideal gas equation and (b) the van der Waals equation. 


Cyanogen, a highly toxic gas, is 46.2% C and 53.8% N by mass. At 25 °C and 100.1 kPa, 1.05 g of cyanogen occupies 0.500 L. 
(a) What is the molecular formula of cyanogen? Predict (b) its molecular structure and (c) its polarity. 


empirical formula gives (52.0 g/mol) /(26.0 g/mol) = 2.00. Thus, 
the molecule has twice as many atoms of each element as the 
empirical formula, giving the molecular formula C,N>. 


(b) Plan To determine the molecular structure, we must deter- 
mine the Lewis structure. We can then use the VSEPR model 
to predict the structure. 


Solve The molecule has 2(4) + 2(5) = 18 valence-shell electrons. 
By trial and error, we seek a Lewis structure with 18 valence elec- 
trons in which each atom has an octet and the formal charges are 
as low as possible. The structure 


IN=C—C=N: 


meets these criteria. (This structure has zero formal charge on 
each atom.) 


The Lewis structure shows that each atom has two electron 
domains. (Each nitrogen has a nonbonding pair of electrons and 
a triple bond, whereas each carbon has a triple bond and a single 
bond.) Thus, the electron-domain geometry around each atom is 
linear, causing the overall molecule to be linear. 


(c) Plan To determine the polarity of the molecule, we must ex- 
amine the polarity of the individual bonds and the overall 
geometry of the molecule. 


Solve Because the molecule is linear, we expect the two dipoles 
created by the polarity in the carbon-nitrogen bond to cancel 
each other, leaving the molecule with no dipole moment. 
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Self-Assessment Exercise 


10.39 Under which conditions do you expect H, gas to deviate 
most from ideal behavior? 


(a) 70 Kand 101.3 kPa 
(b) 70 K and 506.6 kPa 
(c) 350 K and 202.7 kPa 


Exercises 


10.40 (a) List two experimental conditions under which gases de- 
viate from ideal behavior. (b) List two reasons why the gases 
deviate from ideal behavior. 


10.41 Based on their respective van der Waals constants 
(Table 10.3), is Ar or CO, expected to behave more nearly 
like an ideal gas at high pressures? 


Calculate the pressure that CCl, will exert at 80°C if 
1.00 mol occupies 33.3 L, assuming that (a) CCl, obeys the 
ideal gas equation; (b) CCl, obeys the van der Waals equa- 
tion. (Values for the van der Waals constants are given in 


10.42 


Table 10.3.) (c) Which would you expect to deviate more 
from ideal behavior under these conditions, Cl, or CCl4? 
Explain. 


10.43 


Table 10.3 shows that the van der Waals b parameter has 
units of L/mol. This means that we can calculate the sizes 
of atoms or molecules from the b parameter. Refer back to 
the discussion in Section 7.3. Is the van der Waals radius we 
calculate from the b parameter of Table 10.3 more closely 
associated with the bonding or nonbonding atomic radius 
discussed there? Explain. 
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Chapter Summary and Key Terms 


CHARACTERISTICS OF GASES (SECTION 10.1) Substances that 
are gases at room temperature tend to be molecular substances with 
low molar masses. Air, a mixture composed mainly of N, and Oy, is 
the most common gas we encounter. Some liquids and solids can also 
exist in the gaseous state, where they are known as vapors. Gases are 
compressible; they mix in all proportions because their component 
molecules are far apart from each other. 


PRESSURE (SECTION 10.2) To describe the state or condition of a gas, 
we must specify four variables: pressure (P), volume (V), temperature (7), 
and quantity (n). Volume is usually measured in liters, temperature in 
kelvins, and quantity of gas in moles. Pressure is the force per unit area 
and is expressed in SI units as pascals, Pa (1 Pa = 1 N/m’). A related 
unit, the bar, equals 10° Pa. In chemistry, standard atmospheric pressure is 
used to define the atmosphere (atm) and the torr (also called the millime- 
ter of mercury). One atmosphere of pressure equals 101.325 kPa, or 760 
torr. A barometer is often used to measure the atmospheric pressure. A 
manometer can be used to measure the pressure of enclosed gases. 


THE GAS LAWS (SECTION 10.3) Studies have revealed several sim- 
ple gas laws: For a constant quantity of gas at constant temperature, 
the volume of the gas is inversely proportional to the pressure (Boyle’s 
law). For a fixed quantity of gas at constant pressure, the volume is di- 
rectly proportional to its absolute temperature (Charles’s law). Equal 
volumes of gases at the same temperature and pressure contain equal 
numbers of molecules (Avogadro’s hypothesis). For a gas at constant 
temperature and pressure, the volume of the gas is directly propor- 
tional to the number of moles of gas (Avogadro’s law). Each of these 
gas laws is a special case of the ideal gas equation. 


THE IDEAL GAS EQUATION (SECTIONS 10.4) The ideal gas 
equation, PV = nRT, is the equation of state for an ideal gas. 


The term R in this equation is the gas constant. We can use the ideal 
gas equation to calculate variations in one variable when one or more 
of the others are changed. Most gases at pressures less than 10 atm 
and temperatures near 273 K and above obey the ideal gas equation 
reasonably well. The conditions of 273 K (0°C) and 1 atm are known 
as the standard temperature and pressure (STP). In all applications of 
the ideal gas equation, we must remember to convert temperatures to 
the absolute-temperature scale (the kelvin scale). 

Using the ideal gas equation, we can relate the density of a gas to 
its molar mass: M = dRT/P. We can also use the ideal gas equation to 
solve problems involving gases as reactants or products in chemical 
reactions. 


GAS MIXTURES AND PARTIAL PRESSURES (SECTION 10.5) In 
gas mixtures, the total pressure is the sum of the partial pressures 
that each gas would exert if it were present alone under the same 
conditions (Dalton’s law of partial pressures). The partial pressure of a 
component of a mixture is equal to its mole fraction times the total 
pressure: A. = XB. The mole fraction X is the ratio of the moles of one 
component of a mixture to the total moles of all components. 


THE KINETIC-MOLECULAR THEORY OF GASES (SECTION 10.6) The 
kinetic-molecular theory of gases accounts for the properties of an ideal gas 
in terms of a set of statements about the nature of gases. Briefly, these 
statements are as follows: Molecules are in continuous chaotic motion. 
The volume of gas molecules is negligible compared to the volume of their 
container. The gas molecules neither attract nor repel each other. The av- 
erage kinetic energy of the gas molecules is proportional to the absolute 
temperature and does not change if the temperature remains constant. 
The individual molecules of a gas do not all have the same ki- 
netic energy at a given instant. Their speeds are distributed over a 


wide range; the distribution varies with the molar mass of the gas 
and with temperature. The root-mean-square (rms) speed, Ums, Varies 
in proportion to the square root of the absolute temperature and in- 
versely with the square root of the molar mass: ums = V3RT/M. The 
most probable speed of a gas molecule is given by ump = V2RT/M. 


MOLECULAR EFFUSION AND DIFFUSION (SECTION 10.7) It fol- 
lows from kinetic-molecular theory that the rate at which a gas under- 
goes effusion (escapes through a tiny hole) is inversely proportional to 
the square root of its molar mass (Graham’s law). The diffusion of one gas 
through the space occupied by a second gas is another phenomenon re- 
lated to the speeds at which molecules move. Because moving molecules 
undergo frequent collisions with one another, the mean free path—the 
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mean distance traveled between collisions—is short. Collisions between 
molecules limit the rate at which a gas molecule can diffuse. 


REAL GASES: DEVIATIONS FROM IDEAL BEHAVIOR (SECTION 10.8) 
Departures from ideal behavior increase in magnitude as pressure 
increases and as temperature decreases. Real gases depart from ideal 
behavior because (1) the molecules possess finite volume and (2) the 
molecules experience attractive forces for one another. These two ef- 
fects make the volumes of real gases larger and their pressures smaller 
than those of an ideal gas. The van der Waals equation is an equation of 
state for gases, which modifies the ideal gas equation to account for 
intrinsic molecular volume and intermolecular forces. 


Learning Outcomes After studying this chapter, you should be able to: 


e Calculate pressure and convert between pressure units 
with an emphasis on torr and atmospheres. (Section 10.2) 
Related Exercises: 10.57, 10.58, 10.59 


e Calculate P, V,n, or Tusing the ideal gas equation. (Section 10.4) 
Related Exercises: 10.66, 10.69, 10.73 


e Explain how the gas laws relate to the ideal gas equation and 
apply the gas laws in calculations. (Sections 10.3 and 10.4) 
Related Exercises: 10.10, 10.69, 10.71 


e Calculate the density or molecular weight of a gas. (Section 10.4) 
Related Exercises: 10.13, 10.75, 10.78 


e Calculate the volume of gas consumed or formed in a chemical 
reaction. (Section 10.4) Related Exercises: 10.80, 10.83 


e Calculate the total pressure of a gas mixture given its partial 
pressures or given information for calculating partial pressures. 
(Section 10.5) Related Exercises: 10.50, 10.84, 10.85 


e Describe the kinetic-molecular theory of gases and how it 
explains the pressure and temperature of a gas, the gas laws, 
and the rates of effusion and diffusion. (Sections 10.6 and 10.7) 
Related Exercises: 10.52, 10.91, 10.93, 10.97 


e Explain why intermolecular attractions and molecular volumes 
cause real gases to deviate from ideal behavior at high pressure 
or low temperature. (Section 10.8) 
Related Exercises: 10.40, 10.100, 10.120 


Key Equations 


Ideal gas equation 


The combined gas law, showing how P, V, and T are related for a constant n 


Density or molar mass of a gas 


Relating the total pressure of a gas mixture to the partial pressures of its 


components (Dalton’s law of partial pressures) 


° PV =nRT [10.5] 
_ ee [10.8] 
T, Th 
PM 
e d= 10.10 
RT [ ] 
+ P=R+Rht+Bt... [10.12] 
n 
e P= ( VR = XP [10.16] 
nN; 
3RT 
š Se 10.2 
Urms M [ 0 0] 
l 2 
t= 22 10.22 
A 1a [ ] 
2 
: (r + “ay — nb) = nRT [10.25] 


Relating partial pressure to mole fraction 


Definition of the root-mean-square (rms) speed of gas molecules 


Relating the relative rates of effusion of two gases to their molar masses 


The van der Waals equation 


Exercises 


Visualizing Concepts 


10.44 Mars has an average atmospheric pressure of 709 Pa. Would 
it be easier or harder to drink from a straw on Mars than on 
Earth? Explain. [Section 10.2] 


10.45 You have a sample of gas in a container with a movable pis- 
ton, such as the one in the drawing. (a) Redraw the container 
to show what it might look like if the temperature of the gas 
is increased from 300 to 500 K while the pressure is kept con- 
stant. (b) Redraw the container to show what it might look 


510 


10.46 


10.47 


10.48 


10.49 


CHAPTER 10 Gases 


like if the external pressure on the piston is increased from 
101.3 kPa to 202.7 kPa while the temperature is kept constant. 
(c) Redraw the container to show what it might look like if 
the temperature of the gas decreases from 300 to 200 K while 
the pressure is kept constant (assume the gas does not liq- 
uefy). [Section 10.3] 


*) 
o 4 
E s 


Consider the sample of gas depicted here. What would the 
drawing look like if the volume and temperature remained 
constant while you removed enough of the gas to decrease 
the pressure by a factor of 2? [Section 10.3] 

(a) It would contain the same number of molecules. 

(b) It would contain half as many molecules. 

(c) It would contain twice as many molecules. 

(d) There is insufficient data to say. 


Imagine that the reaction 2 CO(g) + O(g) —> 2 C0O2(8) 
occurs in a container that has a piston that moves to maintain 
a constant pressure when the reaction occurs at constant tem- 
perature. Which of the following statements describes how the 
volume of the container changes due to the reaction: (a) the 
volume increases by 50%, (b) the volume increases by 33%, 
(c) the volume remains constant, (d) the volume decreases by 
33%, (e) the volume decreases by 50%. [Sections 10.3 and 10.4] 


Suppose you have a fixed amount of an ideal gas at a constant 
volume. If the pressure of the gas is doubled while the volume is 
held constant, what happens to its temperature? [Section 10.4] 


The apparatus shown here has two gas-filled containers and 
one empty container, all attached to a hollow horizontal 
tube. When the valves are opened and the gases are allowed 
to mix at constant temperature, what is the distribution of 
atoms in each container? Assume that the containers are of 
equal volume and ignore the volume of the connecting tube. 
Which gas has the greater partial pressure after the valves are 
opened? [Section 10.6] 


10.50 The accompanying drawing represents a mixture of three 


10.51 


10.52 


10.53 


10.54 


a 


different gases. (a) Rank the three components in order of 
increasing partial pressure. (b) If the total pressure of the 
mixture is 141.9 kPa, calculate the partial pressure of each 
gas. [Section 10.6] 


On a single plot, qualitatively sketch the distribution of 
molecular speeds for (a) Kr(g) at —50°C, (b) Kr(g) at 0°C, 
(c) Ar(g) at 0°C. [Section 10.6] 


Consider the following graph. (a) If curves A and B refer to 
two different gases, He and O,, at the same temperature, 
which curve corresponds to He? (b) If A and B refer to the 
same gas at two different temperatures, which represents the 
higher temperature? (c) For each curve, which speed is high- 
est: the most probable speed, the root-mean-square speed, or 
the average speed? [Section 10.6] 


Fraction of molecules 


Molecular speed 


Consider the following samples of gases: 


(i) (ii) (iii) 

If the three samples are all at the same temperature, rank 
them with respect to (a) total pressure, (b) partial pressure 
of helium, (c) density, (d) average kinetic energy of particles. 
[Sections 10.5 and 10.6] 


A thin glass tube 1 m long is filled with Ar gas at 101.3 kPa, 
and the ends are stoppered with cotton plugs as shown. 
HCl gas is introduced at one end of the tube, and simultane- 
ously NH; gas is introduced at the other end. When the two 
gases diffuse through the cotton plugs down the tube and 
meet, a white ring appears due to the formation of NH,C\l(s). 
At which location—a, b, or c—do you expect the ring to 
form? [Section 10.7] 


b c 


| | | 
HCl > | € NH3 


10.55 
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This shows the change in pressure as the temperature in- 
creases for a 1-mol sample of a gas confined to a 1-L container. 
The four plots correspond to an ideal gas and three real gases: 
COz, No, and Cly. (a) At room temperature, all three real gases 
have a pressure less than the ideal gas. Which van der Waals 
constant, a or b, accounts for the influence intermolecular 
forces have in lowering the pressure of a real gas? (b) Use the 
van der Waals constants in Table 10.3 to match the labels in 
the plot (A, B, and C) with the respective gases (CO2, N3, and 
Cl). [Section 10.8] 


—- Ideal gas 
—Gas A 
— Gas B 


— Gas C 


350 400 450 
Temperature (K) 


500 550 


Gas Characteristics; Pressure (Sections 10.1 and 10.2) 


10.56 


10.57 


10.58 


10.59 


10.60 


(a) Are you more likely to see the density of a gas reported in 
g/mL, g/L, or kg/cm*? (b) Which units are appropriate 
for expressing atmospheric pressures, N, Pa, atm, kg/m’? 
(c) Which is most likely to be a gas at room temperature and 
ordinary atmospheric pressure, Fz, Brz, KO. 


A person weighing 75 kg is standing on a three- 
legged stool. The stool momentarily tilts so that the entire 
weight is on one foot. If the contact area of each foot is 5.0 cm?, 
calculate the pressure exerted on the underlying surface in 
(a) bars, (b) atmospheres, and (c) pounds per square inch. 


(a) How high in meters must a column of ethanol be to exert 
a pressure equal to that of a 100-mm column of mercury? 
The density of ethanol is 0.79 g/mL, whereas that of mercury 
is 13.6 g/mL. (b) What pressure, in atmospheres, is exerted 
on the body of a diver if she is 10 m below the surface of the 
water when the atmospheric pressure is 100 kPa? Assume 
that the density of the water is 1.00 = 1.00 x 10° kg/m?. The 
gravitational constant is 9.81 m/s”, and 1 Pa = 1 kg/ms?. 


The highest barometric pressure ever recorded was 823.7 torr 
at Agata in Siberia, Russia on December 31, 1968. Convert this 
pressure to (a) atm, (b) mm Hg, (c) pascals, (d) bars, (e) psi. 


If the atmospheric pressure is 0.995 atm, what is the pressure 
of the enclosed gas in each of the three cases depicted in the 
drawing? Assume that the gray liquid is mercury. 


Open end 


Open end Closed end =a 


h = 10.3 cm 
(iii) 


Exercises 511 


The Gas Laws (Section 10.3) 


10.61 


10.62 


A fixed quantity of gas at 25 °C exhibits a pressure of 99 kPa 
and occupies a volume of 4.00 L. (a) Calculate the volume the 
gas will occupy if the pressure is increased to 202.6 kPa while 
the temperature is held constant. (b) Calculate the volume 
the gas will occupy if the temperature is increased to100 °C 
while the pressure is held constant. 


(a) Amonton’s law expresses the relationship between pres- 
sure and temperature. Use Charles’s law and Boyle’s law to 
derive the proportionality relationship between P and T. 
(b) If a car tire is filled to a pressure of 220.6 kPa measured 
at 24°C, what will be the tire pressure if the tires heat up to 
49 °C during driving? 


The Ideal Gas Equation (Section 10.4) 


10.63 
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10.66 


10.67 


10.68 


10.69 


10.70 


(a) What conditions are represented by the abbrevia- 
tion STP? (b) What is the molar volume of an ideal gas at 
STP? (c) Room temperature is often assumed to be 25 °C. 
Calculate the molar volume of an ideal gas at 25°C and 
101.3 kPa pressure. (d) If you measure pressure in bars in- 
stead of atmospheres, calculate the corresponding value of 
Rin Lbar/mol K. 


To derive the ideal-gas equation, we assume that the volume 
of a gas’s atoms/molecules can be neglected. Given that the 
atomic radius of argon 0.097 nm, and knowing that a sphere 
has a volume of 4rr3/3, calculate the fraction of space that 
Ar atoms occupy in a sample of argon at STP. 


Suppose you are given two 2-L flasks and told that one con- 
tains a gas of molar mass 28, the other a gas of molar mass 56, 
both at the same temperature and pressure. The mass of gas in 
the flask A is 1.0 g and the mass of gas in the flask B is 2.0 g. 
Which flask contains the gas of molar mass 28, and which 
contains the gas of molar mass 56? 


Complete the following table for an ideal gas: 


P V n T 
303.98 kPa 3.00 L 1.500 mol ?K 
50.663 kPa 0.750 L ? mol 300K 
101.33 kPa Kik 3.333 mol 300 K 
? kPa 750L 0.750 mol 298 K 


(a) Calculate the number of molecules in a deep breath of 
air whose volume is 2.25 L at body temperature, 37 °C, and 
a pressure of 97.99 kPa. (b) The adult blue whale has a lung 
capacity of 5.0 xX 10°L. Calculate the mass of air (assume an 
average molar mass of 28.98 g/mol) contained in an adult 
blue whale’s lungs at 0.0°C and 101.33 kPa, assuming the air 
behaves ideally. 


(a) If the pressure exerted by ozone, Os, in the stratosphere is 
304 Pa and the temperature is 250 K, how many ozone mole- 
cules are in a liter? (b) Carbon dioxide makes up approximately 
0.04% of Earth’s atmosphere. If you collect a 2.0-L sample 
from the atmosphere at sea level (101.33 kPa) on a warm day 
(27 °C), how many CO, molecules are in your sample? 


A scuba diver’s tank contains 2.50 kg of O2 compressed into 
a volume of 11.0 L. (a) Calculate the gas pressure inside the 
tank at 10 °C. (b) What volume would this oxygen occupy at 
25 °C and 101.33 kPa? 


An aerosol spray can with a volume of 125 mL contains 1.30 g 
of propane gas (C,H,) as a propellant. (a) If the can is at 25 °C, 
what is the pressure in the can? (b) What volume would the 
butane occupy at STP? (c) The can’s label says that exposure 
to temperatures above 50°C may cause the can to burst. 
What is the pressure in the can at this temperature? 
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A 50.0 g sample of solid CO, (dry ice) is added at —100 °C to 
an evacuated (all of the gas removed) container with a volume 
of 5.0 L. If the container is sealed and then allowed to warm 
to room temperature (25 °C) so that the entire solid CO; is 
converted to a gas, what is the pressure inside the container? 


A 334-mL cylinder for use in chemistry lectures contains 
5.225 g of helium at 23 °C. How many grams of helium must 
be released to reduce the pressure to 7.60 MPa assuming ideal 
gas behavior? 


Chlorine is widely used to purify municipal water supplies 
and to treat swimming pool waters. Suppose that the vol- 
ume of a particular sample of Cl, gas is 8.70 L at 119.3 kPa 
and 24°C. (a) How many grams of Cl, are in the sample? (b) 
What volume will the Cl; occupy at STP? (c) At what temper- 
ature will the volume be 15.00 L if the pressure is 116.8 kPa? 
(d) At what pressure will the volume equal 5.00 Lif the tem- 
perature is 58 °C? 


In an experiment reported in the scientific literature, male 
cockroaches were made to run at different speeds on a minia- 
ture treadmill while their oxygen consumption was measured. 
In 30 minutes, the average cockroach (running at 0.08 km/h) 
consumed 1.0 mL of O2 at 101.33 kPa pressure and 20 °C per 
gram of insect mass. (a) How many moles of O, would be con- 
sumed in 1 day by a 6.3-g cockroach moving at this speed? 
(b) This same cockroach is caught by a child and placed in a 
2.0 L fruit jar with a tight lid. Assuming the same level of con- 
tinuous activity as in the research, how much of the available 
Ov will the cockroach consume in 1 day? (Air is 21 mol% Op.) 


Rank the following gases from least dense to most dense at 
101.33 kPa and 298 K: Og, Ar, NH3, HCl. 


Which of the following statements best explains why a 
closed balloon filled with helium gas rises in air? 


(a) Helium is a monatomic gas, whereas nearly all the mole- 
cules that make up air, such as nitrogen and oxygen, are 
diatomic. 

The average speed of helium atoms is greater than the 
average speed of air molecules, and the greater speed 
of collisions with the balloon walls propels the balloon 
upward. 

(c) Because the helium atoms are of lower mass than the av- 
erage air molecule, the helium gas is less dense than air. 
The mass of the balloon is thus less than the mass of the 
air displaced by its volume. 

Because helium has a lower molar mass than the average 
air molecule, the helium atoms are in faster motion. This 
means that the temperature of the helium is greater than 
the air temperature. Hot gases tend to rise. 


(b) 


(d 


YS 


Which of the following statements best explains why 
nitrogen gas at STP is less dense than Xe gas at STP? 


(a) Because Xe is a noble gas, there is less tendency for the Xe 
atoms to repel one another, so they pack more densely in 
the gaseous state. 

Xe atoms have a higher mass than N, molecules. Because 
both gases at STP have the same number of molecules per 
unit volume, the Xe gas must be denser. 

(c) The Xe atoms are larger than N; molecules and thus take 
up a larger fraction of the space occupied by the gas. 
Because the Xe atoms are much more massive than the 
Nz molecules, they move more slowly and thus exert 
less upward force on the gas container and make the gas 
appear denser. 


(b) 


(d) 


In the Dumas-bulb technique for determining the molar 
mass of an unknown liquid, you vaporize the sample of a 
liquid that boils below 100°C in a boiling-water bath and 
determine the mass of vapor required to fill the bulb. From 
the following data, calculate the molar mass of the unknown 


10.79 


10.80 


10.81 


10.82 


liquid: mass of unknown vapor, 1.012 g; volume of bulb, 
354 cm; pressure, 98.93 kPa; temperature, 99 °C. 


Dumas bulb 
filled with 
vaporized 
unknown 
substance 


Boiling water 


The molar mass of a volatile substance was determined 
by the Dumas-bulb method described in Exercise 10.78. 
The unknown vapor had a mass of 2.55 g; the volume of 
the bulb was 500 mL, pressure 101.33 kPa, and temperature 
37 °C.Calculate the molar mass of the unknown vapor. 


The metabolic oxidation of glucose, C,H,,O,¢, in our bodies 
produces CO,, which is expelled from our lungs as a gas: 


C6H1206(aq) + 6 O2(g) —> 6 CO2(g) + 6 H20(1) 


(a) Calculate the volume of dry CO, produced at normal 
body temperature, 37 °C, and 101.33 kPa when 10.0 g of glu- 
cose is consumed in this reaction. (b) Calculate the volume 
of oxygen you would need, at 100 kPa and 298 K, to com- 
pletely oxidize 15.0 g of glucose. 


In a “Kipp generator”, hydrogen gas is produced when zinc 
flakes react with hydrochloric acid: 


2 HCl(aq) + Zn(s) —> ZnCl,(aq) + H2(8) 


If 30.0 mL of wet H, is collected over water at 20°C and a 
barometric pressure of 101.33 kPa, how many grams of Zn 
have been consumed? (The vapor pressure of water is tabu- 
lated in Appendix B.) 


Acetylene gas, C,H(g), can be prepared by the reaction of 
calcium carbide with water: 


CaC2(s) + 2H ,O(1) —> Ca(OH)2(aq) + C2H2(8) 


Calculate the volume of C,H, that is collected over water at 
23°C by reaction of 1.524 g of CaC, if the total pressure of 
the gas is 100.4 kPa. (The vapor pressure of water is tabulated 
in Appendix B.) 


Partial Pressures (Section 10.5) 


10.83 


10.84 


Magnesium can be used as a “getter” in evacuated enclosures 
to react with the last traces of oxygen. (The magnesium is 
usually heated by passing an electric current through a wire 
or ribbon of the metal.) If an enclosure of 5.67 L has a partial 
pressure of O, of 7.066 mPa at 30 °C, what mass of magnesium 
will react according to the following equation? 

2Mg(s) + O2(g) —> 2MgO(s) 
Consider the apparatus shown in the following drawing. 
(a) When the valve between the two containers is opened 
and the gases are allowed to mix, how does the volume occu- 
pied by the N, gas change? What is the partial pressure of N3 
after mixing? (b) How does the volume of the O; gas change 
when the gases mix? What is the partial pressure of O; in the 
mixture? (c) What is the total pressure in the container after 
the gases mix? 


10.85 


10.86 


10.87 


10.88 


10.89 


10.90 


a a NE 
2.0L 3.0L 
101.33 kPa 202.7 kPa 
25 °C 25°C 


A mixture containing 0.50 mol H,(g), 1.00 mol O,(g), and 3.50 
mol N,(g) is confined in a 25.0-L vessel at 25 °C. (a) Calculate 
the total pressure of the mixture. (b) Calculate the partial 
pressure of each of the gases in the mixture. 


A plasma-screen TV contains thousands of tiny cells filled 
with a mixture of Xe, Ne, and He gases that emits light of 
specific wavelengths when a voltage is applied. A particular 
plasma cell, 0.900 mm X 0.300 mm x 10.0 mm, contains 
4% Xe in a 1:1 Ne:He mixture at a total pressure of 66.66 kPa. 
Calculate the number of Xe, Ne, and He atoms in the cell and 
state the assumptions you need to make in your calculation. 


A piece of dry ice (solid carbon dioxide) with a mass of 20.0 g is 
placed in a 25.0-L vessel that already contains air at 50.66 kPa 
and 25 °C. After the carbon dioxide has totally sublimed, what 
is the partial pressure of the resultant CO, gas, and the total 
pressure in the container at 25 °C? 


If 5.15 g of AgyO is sealed in a 75.0-mL tube filled with 101.3 
kPa of N; gas at 32 °C, and the tube is heated to 320°C, the 
Ag,O decomposes to form oxygen and silver. What is the total 
pressure inside the tube assuming the volume of the tube 
remains constant? 


A quantity of N, gas originally held at 531.96 kPa pressure 
in a 1.00-L container at 26 °C is transferred to a 12.5-L con- 
tainer at 20°C. A quantity of O, gas originally at 531.96 kPa 
and 26 °C ina 5.00 L container is transferred to this same con- 
tainer. What is the total pressure in the new container? 


A sample of 3.00 g of SO2(g) originally in a 5.00 L vessel at 
21°C is transferred to a 10.0 L vessel at 26°C. A sample of 
2.35 g of N2(g) originally in a 2.50 L vessel at 20 °C is trans- 
ferred to this same 10.0 L vessel. (a) What is the partial pres- 
sure of SO,(g) in the larger container? (b) What is the partial 
pressure of N2(g) in this vessel? (c) What is the total pressure 
in the vessel? 


Kinetic-Molecular Theory of Gases; Effusion and 
Diffusion (Sections 10.6 and 10.7) 


10.91 


10.92 


Determine whether each of the following changes will in- 
crease, decrease, or not affect the rate with which gas mole- 
cules collide with the walls of their container: (a) increasing 
the volume of the container, (b) increasing the temperature, 
(c) increasing the molar mass of the gas. 


You have an evacuated container of fixed volume and known 
mass and introduce a known mass of a gas sample. Measuring 
the pressure at constant temperature over time, you are sur- 
prised to see it slowly dropping. You measure the mass of the 
gas-filled container and find that the mass is what it should 
be—gas plus container—and the mass does not change over 
time, so you do not have a leak. Suggest an explanation for 
your observations. 


10.93 The temperature of a 5.00-L container of N, gas is in- 


creased from 20 °C to 250°C. If the volume is held constant, 
predict qualitatively how this change affects the following: 
(a) the average kinetic energy of the molecules; (b) the root- 
mean-square speed of the molecules; (c) the strength of the 
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impact of an average molecule with the container walls; (d) the 
total number of collisions of molecules with walls per second. 


Suppose you have two 1 L flasks, one containing N, at STP, 
the other containing CH, at STP. How do these systems com- 
pare with respect to (a) number of molecules, (b) density, 
(c) average kinetic energy of the molecules, (d) rate of effu- 
sion through a pinhole leak? 


(a) Place the following gases in order of increasing average 
molecular speed at 25 °C: O,, Ar, CO, HCl, CH,. (b) Calculate 
the rms speed of CO molecules at 25 °C. (c) Calculate the 
most probable speed of an argon atom in the stratosphere, 
where the temperature is 0 °C. 


At constant pressure, the mean free path (A) of a gas mol- 
ecule is directly proportional to temperature. At constant 
temperature, A is inversely proportional to pressure. If you 
compare two different gas molecules at the same tempera- 
ture and pressure, A is inversely proportional to the square 
of the diameter of the gas molecules. Put these facts to- 
gether to create a formula for the mean free path of a gas 
molecule with a proportionality constant (call it Rmfp, like 
the ideal gas constant) and define units for Rmfp- 


Hydrogen has two naturally occurring isotopes, 'H and 7H. 
Chlorine also has two naturally occurring isotopes, *°Cl and 
37C]. Thus, hydrogen chloride gas consists of four distinct 
types of molecules: 'H**Cl, 'H°’Cl,?H*Cl, and 7H?’Cl. 
Place these four molecules in order of increasing rate of 
effusion. 


Arsenic(III) sulfide sublimes readily, even below its melting 
point of 320 °C. The molecules of the vapor phase are found 
to effuse through a tiny hole at 0.52 times the rate of effu- 
sion of Xe atoms under the same conditions of temperature 
and pressure. What is the molecular formula of arsenic(III) 
sulfide in the gas phase? 


Nonideal Gas Behavior (Section 10.8) 


10.99 The planet Jupiter has a surface temperature of 140 K and 


a mass 318 times that of Earth. Mercury (the planet) has a 
surface temperature between 600 K and 700 K and a mass 
0.05 times that of Earth. On which planet is the atmosphere 
more likely to obey the ideal gas law? Explain. 


10.100 Which statement concerning the van der Waals constants a 


and bis true? 


(a) The magnitude of a relates to molecular volume, 
whereas b relates to attractions between molecules. 

(b) The magnitude of a relates to attractions between 
molecules, whereas b relates to molecular volume. 

(c) The magnitudes of a and b depend on pressure. 

(d) The magnitudes of a and b depend on temperature. 


10.101 In Sample Exercise 10.15, we found that ten mole of Cl, con- 


fined to 22.41 L at 0°C deviated slightly from ideal behavior. 
Calculate the pressure exerted by 1.00 mol Cl, confined to 
a smaller volume, 5.00 L, at 25 °C. (a) First use the ideal gas 
equation and (b) then use the van der Waals equation for 
your calculation. (Values for the van der Waals constants are 
given in Table 10.3.) (c) Why is the difference between the 
result for an ideal gas and that calculated using the van der 
Waals equation greater when the gas is confined to 5.00 L 
compared to 22.4 L? 


10.102 Table 10.3 shows that the van der Waals b parameter has 


units of L/mol. This implies that we can calculate the size 
of atoms or molecules from b. Using the value of b for Xe, 
calculate the radius of a Xe atom and compare it to the value 
found in Figure 7.7, that is, 140 pm. Recall that the volume 
of a sphere is (4/3) ar°. 
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Additional Exercises 


10.103 Torricelli, who invented the barometer, used mercury in 
its construction because mercury has a very high density, 
which makes it possible to make a more compact barome- 
ter than one based on a less dense fluid. Calculate the den- 
sity of mercury using the observation that the column of 
mercury is 760 mm high when the atmospheric pressure is 
1.01 x 10° Pa. Assume the tube containing the mercury is 
a cylinder with a constant cross-sectional area. 


10.104 Consider a lake that is about 40 m deep. A gas bubble with a 
diameter of 1.0 mm originates at the bottom of a lake where 
the pressure is 405.3 kPa. Calculate its volume when the 
bubble reaches the surface of the lake where the pressure is 
98 kPa, assuming that the temperature does not change. 


10.105 A 6.0 L tank is filled with helium gas at a pressure of 2 MPa. 
How many balloons (each 2.00 L) can be inflated to a pressure 
of 101.3 kPa, assuming that the temperature remains con- 
stant and that the tank cannot be emptied below 101.3 kPa? 


10.106 A 500 mL incandescent light bulb is filled with 1.5 x 1075 
mol of xenon to minimize the rate of evaporation of the 
tungsten filament. What is the pressure of xenon in the 
light bulb at 25 °C? 


10.107 Carbon dioxide, which is recognized as the major contrib- 
utor to global warming as a “greenhouse gas,” is formed 
when fossil fuels are combusted, as in electrical power 
plants fueled by coal, oil, or natural gas. One potential way 
to reduce the amount of CO, added to the atmosphere is 
to store it as a compressed gas in underground formations. 
Consider a 1000 megawatt coal-fired power plant that pro- 
duces about 6 x 10° tons of CO, per year. (a) Assuming 
ideal gas behavior, 101.3 kPa, and 27 °C, calculate the vol- 
ume of CO, produced by this power plant. (b) If the CO, is 
stored underground as a liquid at 10°C and 12.16 MPa and 
a density of 1.2 g/cm’, what volume does it possess? (c) If it 
is stored underground as a gas at 30°C and 7.09 MPa, what 
volume does it occupy? 


10.108 Propane, C,H., liquefies under modest pressure, allowing 
a large amount to be stored in a container. (a) Calculate 
the number of moles of propane gas in a 20 L container 
at 709.3 kPa and 25 °C. (b) Calculate the number of moles 
of liquid propane that can be stored in the same volume 
if the density of the liquid is 0.590 g/mL. (c) Calculate 
the ratio of the number of moles of liquid to moles of gas. 
Discuss this ratio in light of the kinetic-molecular theory 
of gases. 


10.109 Nickel carbonyl, Ni(CO),, is one of the most toxic sub- 
stances known. The present maximum allowable concen- 
tration in laboratory air during an 8 hr workday is 1 ppb 
(parts per billion) by volume, which means that there is one 
mole of Ni(CO), for every 10° moles of gas. Assume 24 °C 
and 101.3 kPa pressure. What mass of Ni(CO); is allowable 
in a laboratory room that is 3.5m Xx 6.0m Xx 2.5 m? 


10.110 When a large evacuated flask is filled with argon gas, its 
mass increases by 3.224 g. When the same flask is again 
evacuated and then filled with a gas of unknown molar 
mass, the mass increase is 8.102 g. (a) Based on the molar 
mass of argon, estimate the molar mass of the unknown 
gas. (b) What assumptions did you make in arriving at your 
answer? 


10.111 Consider the arrangement of bulbs shown in the drawing. 
Each of the bulbs contains a gas at the pressure shown. 
What is the pressure of the system when all the stopcocks 
are opened, assuming that the temperature remains con- 
stant? (We can neglect the volume of the capillary tubing 
connecting the bulbs.) 


1.0L 1.0L 0.5L 


35.33 kPa 106.7kPa 70.93 kPa 

10.112 Assume that a single cylinder of an automobile engine 
has a volume of 524 cm’, (a) If the cylinder is full of air 
at 74°C and 99.3 kPa, how many moles of O, are pres- 
ent? (The mole fraction of O; in dry air is 0.2095.) (b) 
How many grams of CgH;g could be combusted by this 
quantity of O2, assuming complete combustion with for- 
mation of CO, and H20? 


10.113 Assume that an exhaled breath of air consists of 
74.8% No, 15.3% Oz, 3.7% COz, and 6.2% water vapor. 
(a) If the total pressure of the gases is 99.8 kPa, calculate 
the partial pressure of each component of the mixture. 
(b) If the volume of the exhaled gas is 455 mL and its 
temperature is 37 °C, calculate the number of moles of 
CO, exhaled. (c) How many grams of glucose (CgH20¢) 
would need to be metabolized to produce this quantity of 
CO,? (The chemical reaction is the same as that for com- 
bustion of C6H1206. See Section 3.2 and Exercise 10.80.) 


10.114 An 8.40 g sample of argon and an unknown mass of H, 
are mixed in a flask at room temperature. The partial pres- 
sure of the argon is 44.0 kPa, and that of the hydrogen is 
57.33 kPa. What is the mass of the hydrogen? 


10.115 An ideal gas at a pressure of 152 kPa is contained in a bulb 
of unknown volume. A stopcock is used to connect this 
bulb with a previously evacuated bulb that has a volume 
of 0.800 L as shown here. When the stopcock is opened, 
the gas expands into the empty bulb. If the temperature 
is held constant during this process and the final pres- 
sure is 92.66 kPa, what is the volume of the bulb that was 
originally filled with gas? 


10.116 The density of a gas of unknown molar mass was 
measured as a function of pressure at 0 °C, as in the table 
that follows. (a) Determine a precise molar mass for the 
gas. [Hint: Graph d/P versus P.] (b) Why is d/P not a con- 
stant as a function of pressure? 


Pressure (kPa) 101.3 67.48 50.66 33.74 25.33 


Density (g/L) 2.3074 1.5263 1.1401 0.7571 0.5660 


10.117 A glass vessel fitted with a stopcock valve has a mass of 
337.428 g when evacuated. When filled with Ar, it has a 
mass of 339.854 g. When evacuated and refilled with a 
mixture of Ne and Ar, under the same conditions of tem- 
perature and pressure, it has a mass of 339.076 g. What is 
the mole percent of Ne in the gas mixture? 


10.118 You have a sample of gas at 0 °C. You wish to increase the 


10.119 


10.120 


rms speed by a factor of 3. To what temperature should 
the gas be heated? 


Consider the following gases, all at STP: Ne, SFe, N2, CH4. 
(a) Which gas is most likely to depart from the assump- 
tion of the kinetic-molecular theory that says there are 
no attractive or repulsive forces between molecules? 
(b) Which one is closest to an ideal gas in its behavior? 
(c) Which one has the highest root-mean-square mo- 
lecular speed at a given temperature? (d) Which one has 
the highest total molecular volume relative to the space 
occupied by the gas? (e) Which has the highest aver- 
age kinetic-molecular energy? (f) Which one would ef- 
fuse more rapidly than N3? (g) Which one would have 
the largest van der Waals b parameter? 


Does the effect of intermolecular attraction on the prop- 
erties of a gas become more significant or less significant if 
(a) the gas is compressed to a smaller volume at constant 
temperature; (b) the temperature of the gas is increased at 
constant volume? 


10.121 


10.122 


10.123 
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Which of the noble gases other than radon would you ex- 
pect to depart most readily from ideal behavior? Use the 
density data in Table 7.8 to show evidence in support of 
your answer. 


It turns out that the van der Waals constant b equals four 
times the total volume actually occupied by the molecules 
of a mole of gas. Using this figure, calculate the fraction of 
the volume in a container actually occupied by Ar atoms 
(a) at STP, (b) at 20.27 MPa pressure and 0°C. (Assume for 
simplicity that the ideal gas equation still holds.) 


Large amounts of nitrogen gas are used in the manufac- 
ture of ammonia, principally for use in fertilizers. Suppose 
120.00 kg of N2(g) is stored in a 1100.0-L metal cylinder 
at 280 °C. (a) Calculate the pressure of the gas, assuming 
ideal gas behavior. (b) By using the data in Table 10.3, 
calculate the pressure of the gas according to the van der 
Waals equation. (c) Under the conditions of this problem, 
which correction dominates, the one for finite volume of 
gas molecules or the one for attractive interactions? 


a 
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10.124 


10.125 


10.126 


10.127 


10.128 


Cyclopropane, a gas used with oxygen as a general anes- 
thetic, is composed of 85.7% C and 14.3% H by mass. (a) 
If 1.56 g of cyclopropane has a volume of 1.00 L at 99.7 
kPa and 50.0 °C, what is the molecular formula of cyclo- 
propane? (b) Judging from its molecular formula, would 
you expect cyclopropane to deviate more or less than Ar 
from ideal gas behavior at moderately high pressures and 
room temperature? Explain. (c) Would cyclopropane ef- 
fuse through a pinhole faster or more slowly than meth- 
ane, CH4? 
Consider the combustion reaction between 1.00 L of liquid 
methanol (density = 0.850 g/mL) and 500 L of oxygen gas 
measured at STP. The products of the reaction are CO,(g) 
and H,O(g). Calculate the volume of liquid H,O formed 
if the reaction goes to completion and you condense the 
water vapor. 


An herbicide is found to contain only C, H, N, and Cl. 
The complete combustion of a 100.0-mg sample of the 
herbicide in excess oxygen produces 83.16 mL of CO; and 
73.30 mL of H2O vapor expressed at STP. A separate anal- 
ysis shows that the sample also contains 16.44 mg of Cl. 
(a) Determine the percentage of the composition of the 
substance. (b) Calculate its empirical formula. (c) What 
other information would you need to know about this 
compound to calculate its true molecular formula? 


A 4.00 g sample of a mixture of CaO and BaO is placed in a 
1.00-L vessel containing CO, gas at a pressure of 97.33 kPa 
and a temperature of 25 °C. The CO, reacts with the CaO 
and BaO, forming CaCO; and BaCO3. When the reaction 
is complete, the pressure of the remaining CO, is 20.0 kPa. 
(a) Calculate the number of moles of CO, that have reacted. 
(b) Calculate the mass percentage of CaO in the mixture. 


Ammonia and hydrogen chloride react to form solid 
ammonium chloride: 


NH3(g) + HCl(g) —> NH,Cl(s) 


Two 2.00 L flasks at 25°C are connected by a valve, 
as shown in the drawing. One flask contains 5.00 g 
of NH3(g), and the other contains 5.00 g of HCl(g). When 
the valve is opened, the gases react until one is completely 
consumed. (a) Which gas will remain in the system after 
the reaction is complete? (b) What will be the final pres- 
sure of the system after the reaction is complete? (Neglect 


the volume of the ammonium chloride formed.) (c) What 
mass of ammonium chloride will be formed? 


5.00 g 5.00 g 
2.00 L 2.00 L 
25°C 25°C 


10.129 Gas pipelines are used to deliver natural gas (methane, 


CH,) to the various regions of the United States. The to- 
tal volume of natural gas that is delivered is on the order 
of 2.7 x 10'*L per day, measured at STP. Calculate the 
total enthalpy change for combustion of this quantity of 
methane. (Note: Less than this amount of methane is ac- 
tually combusted daily. Some of the delivered gas is passed 
through to other regions.) 


10.130 Chlorine dioxide gas (C103) is used as a commercial bleach- 


ing agent. It bleaches materials by oxidizing them. In the 
course of these reactions, the ClO, is itself reduced. (a) 
What is the Lewis structure for ClO? (b) Why do you think 
that ClO, is reduced so readily? (c) When a ClO; molecule 
gains an electron, the chlorite ion, ClO2 , forms. Draw the 
Lewis structure for ClO, . (d) Predict the O— C1— O bond 
angle in the ClO, ion. (e) One method of preparing ClO, 
is by the reaction of chlorine and sodium chlorite: 


Cly(g) + 2 NaClO2(s) —> 2 ClO2(g) + 2 NaCl(s) 


If you allow 15.0 g of NaClO; to react with 2.00 L of chlo- 
rine gas at a pressure of 152.0 kPa at 21°C, how many 
grams of ClO, can be prepared? 


10.131 Natural gas is very abundant in many Middle Eastern oil 


fields. However, the costs of shipping the gas to markets in 
other parts of the world are high because it is necessary to 
liquefy the gas, which is mainly methane and has a boiling 
point at atmospheric pressure of —164°C. One possible 
strategy is to oxidize the methane to methanol, CHOH, 
which has a boiling point of 65°C and can therefore be 
shipped more readily. Suppose that 3.03 x 108 m° of 
methane at atmospheric pressure and 25 °C is oxidized to 
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methanol. (a) What volume of methanol is formed if the 
density of CH3O0H is 0.791 g/mL? (b) Write balanced chem- 
ical equations for the oxidations of methane and methanol 
to CO2(g) and H,O(/). Calculate the total enthalpy change 
for complete combustion of the 3.03 x 108 m°? of meth- 
ane just described and for complete combustion of the 
equivalent amount of methanol, as calculated in part (a). 
(c) Methane, when liquefied, has a density of 0.466 g/mL; 
the density of methanol at 25 °C is 0.791 g/mL. Compare 
the enthalpy change upon combustion of a unit volume of 
liquid methane and liquid methanol. From the standpoint 
of energy production, which substance has the higher en- 
thalpy of combustion per unit volume? 


10.132 Gaseous iodine pentafluoride, IF;, can be prepared by the re- 
action of solid iodine and gaseous fluorine: 


In(s) + SFo(g) —> 2 IBs(g) 


A 5.00-L flask containing 10.0 g of I, is charged with 
10.0 gofF,, and the reaction proceeds until one of 


the reagents is completely consumed. After the reac- 
tion is complete, the temperature in the flask is 125 °C. 
(a) What is the partial pressure of IF; in the flask? (b) What 
is the mole fraction of IF; in the flask (c) Draw the Lewis 
structure of IF;. (d) What is the total mass of reactants and 
products in the flask? 


10.133 A 6.53-g sample of a mixture of magnesium carbon- 
ate and calcium carbonate is treated with excess 
hydrochloric acid. The resulting reaction produces 1.72 L 
of carbon dioxide gas at 28°C and 99.06 kPa pressure. 
(a) Write balanced chemical equations for the reactions 
that occur between hydrochloric acid and each compo- 
nent of the mixture. (b) Calculate the total number of 
moles of carbon dioxide that forms from these reactions. 
(c) Assuming that the reactions are complete, calculate 
the percentage by mass of magnesium carbonate in the 
mixture. 


Design an Experiment 


You are given a cylinder of an unknown, nonradioactive, noble 
gas and tasked to determine its molar mass and use that value to 
identify the gas. The tools available to you are several empty mylar 
balloons that are about the size of a grapefruit when inflated (gases 
diffuse through mylar much more slowly than conventional latex 
balloons), an analytical balance, and three graduated glass bea- 
kers of different sizes (100 mL, 500 mL, and 2 L). (a) To how many 
significant figures would you need to determine the molar mass 


to identify the gas? (b) Propose an experiment or series of exper- 
iments that would allow you to determine the molar mass of the 
unknown gas. Describe the tools, calculations, and assumptions 
you would need to use. (c) If you had access to a broader range of 
analytical instruments, describe an alternative way you could iden- 
tify the gas using any experimental methods that you have learned 
about in the earlier chapters. 


FIRE 


Empedocles lived around 2400 years ago, a citizen of the Greek city of Akragas, situated 
on what is now the island of Sicily. He was a philosopher and is best remembered for 
proposing four elements from which all matter was made: air, water, earth, and fire. We 
can understand his choice as it represents the three states of matter and energy, which is 
inseparable from all chemical reactions. 

In this brief section, we remind ourselves of the differences between the states. At 
the end of this section, you should be able to 


e Recognize the characteristic properties of the states 
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As we learned in Chapter 10, the molecules in a gas are widely separated and ina 
state of constant, chaotic motion. One of the key tenets of kinetic-molecular theory 
of gases is the assumption that we can neglect the interactions between molecules. 
The properties of liquids and solids are quite different from those of gases largely because 
the intermolecular forces in liquids and solids are much stronger. A comparison of the 
properties of gases, liquids, and solids is given in Table 11.1. 

In liquids the intermolecular attractive forces are strong enough to hold particles 
close together. Thus, liquids are much denser and far less compressible than gases. Unlike 
gases, liquids have a definite volume, independent of the size and shape of their con- 
tainer. The attractive forces in liquids are not strong enough, however, to keep the par- 
ticles from moving past one another. Thus, any liquid can be poured and assumes the 
shape of the container it occupies. 

In solids the intermolecular attractive forces are strong enough to hold particles 
close together and to lock them virtually in place. Solids, like liquids, are not very com- 
pressible because the particles have little free space between them. Because the particles 
in a solid or liquid are fairly close together compared with those of a gas, we often refer 
to solids and liquids as condensed phases. We will study solids in Chapter 12. For now it is 
sufficient to know that the particles of a solid are not free to undergo long-range move- 
ment, which makes solids rigid.* 

Figure 11.1 compares the three states of matter. The state of a substance depends largely 
on the balance between the kinetic energies of the particles (atoms, molecules, or ions) and the 
interparticle energies of attraction. The kinetic energies, which depend on temperature, 
tend to keep the particles apart and moving. The interparticle attractions tend to draw 
the particles together. Substances that are gases at room temperature have much weaker 
interparticle attractions than those that are liquids; substances that are liquids have 
weaker interparticle attractions than those that are solids. The different states of matter 
adopted by the halogens at room temperature—iodine is a solid, bromine is a liquid, and 
chlorine is a gas—are a direct consequence of a decrease in the strength of the intermo- 
lecular forces as we move from I, to Brz to Cly. 

We can change a substance from one state to another by heating or cooling, which 
changes the average kinetic energy of the particles. NaCl, for example, a solid at room 
temperature, melts at 1074 K and boils at 1686 K under a pressure of 101.3 kPa, and Cl, 
a gas at room temperature, liquefies at 239 K and solidifies at 172 K under a pressure 
of 101.3 kPa. As the temperature of a gas decreases, the average kinetic energy of its 
particles decreases, allowing the attractions between the particles to draw the particles 
close together, forming a liquid, and then to virtually lock them in place, forming a 
solid. Increasing the pressure on a gas can also drive transformations from gas to liquid 
to solid because the increased pressure brings the molecules closer together, thus 
making intermolecular forces more effective. For example, propane (C3Hg) is a gas at 
room temperature and 101.3 kPa, whereas liquefied propane (LP) is a liquid at room 
temperature because it is stored under much higher pressure. 


TABLE 11.1 Characteristic Properties of the States of Matter 


Gas 


Assumes both volume and shape of its 
container 


Expands to fill its container 
Is compressible 
Flows readily 


Diffusion within a gas occurs rapidly 


Liquid Solid 
Assumes shape of portion of container it Retains own shape and volume 
occupies 
Does not expand to fill its container Does not expand to fill its container 
Is virtually incompressible Is virtually incompressible 
Flows readily Does not flow 
Diffusion within a liquid occurs slowly Diffusion within a solid occurs extremely 
slowly 


*The atoms in a solid are able to vibrate in place. As the temperature of the solid increases, the 
vibrational motion increases. 
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VY Go Figure For a given substance, do you expect the density of the substance in its liquid 
state to be closer to the density in the gaseous state or in the solid state? 


Increasing intermolecular attractions 


Gas Liquid Crystalline solid 


Chlorine, Cl, Bromine, Bry Iodine, I, 


Particles are far apart: Particles are closely packed Particles are closely packed in 
possess complete freedom but randomly oriented; retain an ordered array; positions 
of motion; kinetic energies of freedom of motion: kinetic are essentially fixed; energies 


particles >> energies of energies of particles similar to of particle-particle 
particle-particle attraction. energies of particle-particle attraction >> kinetic energies 
attraction. of particles. 


A Figure 11.1 Gases, liquids, and solids. Chlorine, bromine, and iodine are all diatomic 
molecules as a result of covalent bonding. However, due to differences in the strength of the 
intermolecular forces, they exist in three different states at room temperature and standard 
pressure: Clo is a gas, Bro is a liquid, and I» is a solid. 


Self-Assessment Exercise 


11.1 A substance has a density of around 1 g/L. Is it likely to bea 
solid, liquid, or gas? Hint: think of the density of water for 
comparison. 


(a) Solid 
(b) Liquid 
(c) Gas 
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ťa 


Exercises 


11.2 


11.3 


11.4 


(a) How does the average kinetic energy of molecules com- 
pare with the average energy of attraction between mole- 
cules in solids, liquids, and gases? (b) Why does increasing 
the temperature cause a solid substance to change in suc- 
cession from a solid to a liquid to a gas? (c) What happens 
to a gas if you put it under extremely high pressure? 


At room temperature, CO; is a gas, CCl, is a liquid, and 
Ceo (fullerene) is a solid. List these substances in order of 
(a) increasing intermolecular energy of attraction and 
(b) increasing boiling point. 

At standard temperature and pressure, the molar volumes 
of Cl, and NH; gases are 22.06 and 22.40 L, respectively. 


(a) Given the different molecular weights, dipole mo- 
ments, and molecular shapes, why are their molar volumes 
nearly the same? (b) On cooling to 160 K, both substances 
form crystalline solids. Do you expect the molar volumes 
to decrease or increase on cooling the gases to 160 K? (c) 
The densities of crystalline Cl, and NH; at 160 K are 2.02 
and 0.84 g/cm, respectively. Calculate their molar vol- 
umes. (d) Are the molar volumes in the solid state as simi- 
lar as they are in the gaseous state? Explain. (e) Would you 
expect the molar volumes in the liquid state to be closer to 
those in the solid or gaseous state? 
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11.2 | Intermolecular Forces 


The lotus plant grows in aquatic environments. To thrive in such an environment, the 
surface of a lotus leaf is highly water repellent. Scientists call surfaces with this property 
“superhydrophobic.” The superhydrophobic character of the lotus leaf not only allows it 
to float on water but also causes any water that falls on the leaf to bead up and roll off. 
The water drops collect dirt as they roll off, keeping the leaf clean, even in the muddy 
ponds and lakes where lotus plants tend to grow. Because of its self-cleaning properties, 
the lotus plant is considered a symbol of purity in many Eastern cultures. 
By the end of this section, you should be able to 


e Identify the intermolecular forces that exist within a substance. 


What forces cause the lotus leaf to repel water so efficiently? Although this plant’s 
self-cleaning nature has been known for millennia, the effect was not fully understood 
until the 1970s, when scanning electron microscopy images revealed a rough leaf surface 
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(Figure 11.2). The rough surface helps minimize contact between 
water and leaf, and also minimizes contact between dirt and leaf so 
that the dirt does not stick. 

The lotus effect has inspired scientists to design superhydro- 
phobic surfaces for applications such as self-cleaning windows and 
water-repellent clothing. To understand the lotus effect and other 
phenomena involving liquids and solids, we must understand 
intermolecular forces, the forces that exist between molecules. 
Only by understanding the nature and strength of these forces can 
we understand how the composition and structure of a substance 
are related to its physical properties in the liquid or solid state. 

The strengths of intermolecular forces, those forces acting 
between molecules, vary over a wide range but are generally much 
weaker than intramolecular forces—ionic, metallic, or covalent 
bonds (Figure 11.3). Less energy, therefore, is required to vaporize 
a liquid or melt a solid than to break covalent bonds. For example, 
only 16 kJ/mol is required to overcome the intermolecular attrac- of a lotus leaf. 
tions in liquid HCl to vaporize it. In contrast, the energy required 
to break the covalent bond in HCl is 431 kJ/mol. Thus, when a molecular substance such 
as HCl changes from solid to liquid to gas, the molecules remain intact. 

Many properties of liquids, including boiling points, reflect the strength of the 
intermolecular forces. A liquid boils when bubbles of its vapor form within the liquid. 
The molecules of the liquid must overcome their attractive forces to separate and form 
a vapor. The stronger the attractive forces, the higher the temperature at which the liq- 
uid boils. Similarly, the melting points of solids increase as the strengths of the inter- 
molecular forces increase. As shown in Table 11.2, the melting and boiling points of 
substances in which the particles are held together by chemical bonds tend to be much 
higher than those of substances in which the particles are held together by intermolec- 
ular forces. 

There are three types of intermolecular attractions that exist between electrically 
neutral molecules: 

e dispersion forces 

e dipole-dipole attractions 

e hydrogen bonding. 

The first two are collectively called van der Waals forces after Johannes van der Waals 
(1837-1923), who developed the equation for predicting the deviation of gases from 
ideal behavior. Another kind of attractive force, the ion-dipole force, is important in 
solutions. 

All intermolecular interactions are electrostatic, involving attractions between pos- 
itive and negative species, much like ionic bonds. Why then are intermolecular forces so 
much weaker than ionic bonds? Recall from Equation 8.4 that electrostatic interactions 


TABLE 11.2 Melting and Boiling Points of Representative Substances 


Force Holding Melting Boiling 
Particles Together Substance Point (K) Point (K) 
Chemical bonds 

Ionic bonds Lithium fluoride (LiF) 1118 1949 
Metallic bonds Beryllium (Be) 1560 2742 
Covalent bonds Diamond (C) 3800 4300 
Intermolecular forces 

Dispersion forces Nitrogen (N2) 63 77 
Dipole-dipole interactions Hydrogen chloride (HCI) 158 188 


Hydrogen bonding Hydrogen fluoride (HF) 190 293 


A Figure 11.2 A microscopic view of a water droplets on the surface 


W Go Figure 


How would you expect the H—Cl 
distance represented by the red 
dotted line to compare with the H— CI 
distance within the HCI molecule? 


Strong intramolecular 
attraction (covalent bond) 


Weak intermolecular attraction 


A Figure 11.3 Intermolecular and 
intramolecular interactions. 
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Subatomic view 


Polarization view 


get stronger as the magnitude of the charges increases and weaker as the distance 
between charges increases. The charges responsible for intermolecular forces are gener- 
ally much smaller than the charges in ionic compounds. For example, from its dipole 
moment it is possible to estimate charges of +0.178 and —0.178 for the hydrogen and 
chlorine ends of the HCl molecule, respectively (see Sample Exercise 8.5). Furthermore, 
the distances between molecules are often larger than the distances between atoms held 
together by chemical bonds. 


Dispersion Forces 


You might think there would be no electrostatic interactions between electrically neu- 
tral, nonpolar atoms and/or molecules. Yet some kind of attractive interactions must 
exist because nonpolar gases like helium, argon, and nitrogen can be liquefied. Fritz Lon- 
don, a German-American physicist, first proposed the origin of this attraction in 1930. 
London recognized that the motion of electrons in an atom or molecule can create an 
instantaneous, or momentary, dipole moment. 

In a collection of helium atoms, for example, the average distribution of the electrons 
about each nucleus is spherically symmetrical, as shown in Figure 11.4(a). The atoms are 
nonpolar and so possess no permanent dipole moment. The instantaneous distribution of 
the electrons, however, can be different from the average distribution. If we could freeze 
the motion of the electrons at any given instant, both electrons could be on one side 
of the nucleus. At just that instant, the atom has an instantaneous dipole moment as 
shown in Figure 11.4(b). The motions of electrons in one atom influence the motions of 
electrons in its neighbors. The instantaneous dipole on one atom can induce an instan- 
taneous dipole on an adjacent atom, causing the atoms to be attracted to each other as 
shown in Figure 11.4(c). This attractive interaction is called the dispersion force (also 
called London dispersion forces or induced dipole-induced dipole interactions). It is significant 
only when molecules are very close together. 

The strength of the dispersion force depends on the ease with which the charge dis- 
tribution in a molecule can be distorted to induce an instantaneous dipole. The ease with 
which the charge distribution is distorted is called the molecule’s polarizability. We 
can think of the polarizability of a molecule as a measure of the “squashiness” of its elec- 
tron cloud: The greater the polarizability, the more easily the electron cloud can be dis- 
torted to give an instantaneous dipole. Therefore, more polarizable molecules have larger 
dispersion forces. 


Electrostatic attraction 


e va e — 
e e -in 
@ (J ® e © 
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Atom A Atom B Atom A Atom B Atom A Atom B 
(J © © 
Atom A Atom B Atom A Atom B Atom A Atom B 
(a) Two helium atoms, no polarization (b) Instantaneous dipole on atom B (c) Induced dipole on atom A 


A Figure 11.4 Dispersion forces. “Snapshots” of the charge distribution for a pair of helium atoms 


at three instants. 


SECTION 11.2 Intermolecular Forces 523 


VY Go Figure Why is the boiling point of the halogen in each period greater 
than the noble gas? 


Ne (27 K) 
F, (85 K) 


N 


Ar (87 K) 
Cl, (239 K) 


Kr (121 K) 
Br, (332 K) 


Xe (166 K) 


0 100 200 300 400 500 
Boiling point (K) 


A Figure 11.5 Boiling points of the halogens and noble gases. This plot shows how the boiling 
points increase due to stronger dispersion forces as the atomic/molecular weight increases. 


In general, polarizability increases as the number of electrons in an atom or mole- 
cule increases. The strength of dispersion forces therefore tends to increase with increas- 
ing atomic or molecular size. Because molecular size and mass generally parallel each 
other, dispersion forces tend to increase in strength with increasing molecular weight. We can 
see this in the boiling points of the halogens and noble gases (Figure 11.5), where dis- 
persion forces are the only intermolecular forces at work. In both families the atomic/ 
molecular weight increases on moving down the periodic table. The higher atomic/ 
molecular weights translate into stronger dispersion forces, which in turn lead to higher 
boiling points. 

Molecular shape also influences the magnitude of dispersion forces. For exam- 
ple, pentane and dimethylpropane (Figure 11.6) have the same molecular formula 
(C5H,,), yet the boiling point of pentane is about 27 K higher than that of dimethyl- 
propane. The difference can be traced to the different shapes of the two molecules. 
Intermolecular attraction is greater for pentane because the molecules can come in 
contact over the entire length of the long, somewhat cylindrical molecules. Less con- 
tact is possible between the more compact and nearly spherical dimethylpropane 
molecules. 


Dipole-Dipole Interactions 


The presence of a permanent dipole moment in polar molecules gives rise to dipole- 
dipole interactions. These interactions originate from electrostatic attractions 
between the partially positive end of one molecule and the partially negative end of a 
neighboring molecule. Repulsions can also occur when the positive (or negative) ends of 
two molecules are in close proximity. Dipole-dipole interactions are effective only when 
molecules are very close together. 

To see the effect of dipole-dipole interactions, we compare the boiling points of 
two compounds of similar molecular weight: acetonitrile (CH3CN, MW 41 u, bp 355 K) 
and propane (CH3;CH,CH3, MW 44 u, bp 231 K). Acetonitrile is a polar molecule, with a 
dipole moment of 3.9 D, so dipole-dipole interactions are present. However, propane is 
essentially nonpolar, which means that dipole-dipole interactions are absent. Because 
acetonitrile and propane have similar molecular weights, dispersion forces are similar for 
these two molecules. Therefore, the higher boiling point of acetonitrile can be attributed 
to dipole-dipole interactions. 


Linear molecule—larger 
surface area enhances 


intermolecular contact and 
increases dispersion force. 


Pentane (C5H;2) 
bp = 309.4 K 


Spherical molecule—smaller 
surface area diminishes 
intermolecular contact and 
decreases dispersion force. 


~ 


Dimethylpropane (C5H12) 
bp = 282.7 K 


A Figure 11.6 Molecular shape affects 
intermolecular attraction. Molecules of 
n-pentane make more contact with each 
other than do neopentane molecules. Thus, 
n-pentane has stronger intermolecular 
attractive forces and therefore a higher 
boiling point. 
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and (b) liquid CH3CN. 


(a) Solid CH3CN 
A Figure 11.7 Dipole—dipole interactions. The dipole-dipole interactions in (a) crystalline CH3CN 


A 


Attractive dipole-dipole interaction (red) 


Repulsive dipole-dipole interaction (blue) 


(b) Liquid CH;CN 


To better understand these forces, consider how CH3CN molecules pack together in 
the solid and liquid states. In the solid [Figure 11.7(a)], the molecules are arranged with the 
negatively charged nitrogen end of each molecule close to the positively charged — CH; 
ends of its neighbors. In the liquid [Figure 11.7(b)], the molecules are free to move with 
respect to one another, and their arrangement becomes more disordered. This means 
that, at any given instant, both attractive and repulsive dipole-dipole interactions are 
present. However, not only are there more attractive interactions than repulsive ones, but 
also molecules that are attracting each other spend more time near each other than do 
molecules that are repelling each other. The overall effect is a net attraction strong enough 
to keep the molecules in liquid CH3CN from moving apart to form a gas. 

For molecules of approximately equal mass and size, the strength of intermolecular attrac- 
tions increases with increasing polarity, a trend we see in Figure 11.8. Notice how the boiling 
point increases as the dipole moment increases. 


Hydrogen Bonding 


Figure 11.9 shows the boiling points of the binary compounds that form between hydrogen 
and the elements in Groups 14 through 17. The boiling points of the compounds containing 


YW Go Figure Moving from left to right, do the dispersion forces get stronger, get 


weaker, or stay roughly the same in the molecules shown here? 


Propane Dimethyl ether Acetaldehyde Acetonitrile 
CH;CH,CH, CHOCH; CH;CHO CH3CN 
MW = 44u MW = 46u MW = 44u MW = 41u 

w=01D u=13D u=27D u=39D 
bp = 231K bp = 248 K bp = 294K bp = 355K 


Increasing polarity 
Increasing dipole-dipole interactions 


Figure 11.8 Molecular weights, dipole moments, and boiling points of several simple organic 


substances. 
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Go Figure 


Explain the difference in boiling points between PH3 and AsH3. 


y 


400 


350 


300 


250 


200 


Boiling point (K) 


150 


0 25 50 75 100 125 150 
Molecular weight (u) 


A Figure 11.9 Boiling points of the covalent hydrides of the elements in Groups 14-17 as a function 
of molecular weight. 


Group 14 elements (CH, through SnH,, all nonpolar) increase systematically moving down 
the group. This is the expected trend because polarizability and, hence, dispersion forces 
generally increase as molecular weight increases. The heavier members of Groups 15, 16, and 
17 follow the same trend, but NH3, H20, and HF have boiling points that are much higher 
than expected. In fact, these three compounds also have many other characteristics that dis- 
tinguish them from other substances of similar molecular weight and polarity. For example, 
water has a high melting point, a high specific heat, and a high heat of vaporization. Each of 
these properties indicates that the intermolecular forces are abnormally strong. 

The strong intermolecular attractions in HF, H20, and NH; result from hydrogen bond- 
ing. A hydrogen bond is an attraction between a hydrogen atom attached to a highly electro- 
negative atom (usually F, O, or N) and a nearby small electronegative atom in another molecule or 
chemical group. Thus, H— F, H— O, or H—N bonds in one molecule can form hydrogen 
bonds with an F, O, or N atom in another molecule. Several examples of hydrogen bonds 
are shown in Figure 11.10, including the hydrogen bond that exists between the H atom in 
an H2O molecule and the O atom of an adjacent HO molecule. Notice in each case that 
the H atom in the hydrogen bond interacts with a nonbonding electron pair. 

Hydrogen bonds can be considered a special type of dipole-dipole attraction. 
Because N, O, and F are so electronegative, a bond between hydrogen and any of these 
elements is quite polar, with hydrogen at the positive end (remember the + on the right- 
hand side of the dipole symbol represents the positive end of the dipole): 


— c cc 
N—H O—H F—H 


The hydrogen atom has no inner electrons. Thus, the positive side of the dipole has 
the concentrated charge of the nearly bare hydrogen nucleus. This positive charge is 
attracted to the negative charge of an electronegative atom in a nearby molecule. Because 
the electron-poor hydrogen is so small, it can approach an electronegative atom very 
closely and, thus, interact strongly with it. 

Hydrogen bonding plays important roles in many chemical systems, especially those of 
biological significance. For example, hydrogen bonding helps stabilize the three-dimensional 
structure of proteins, which is critical to their function. Hydrogen bonding is also responsible 
for the double-helical structure of DNA, which is key to its genetic function. 


W Go Figure 


To form a hydrogen bond, what 


525 


must the nonhydrogen atom (N, O, 
or F) involved in the bond possess? 


Covalent bond, 
intramolecular 


A Figure 11.10 Hydrogen bonding. 
Hydrogen bonding occurs between an 
H atom that is bonded to N, O, or F in 


Hydrogen bond, 
intermolecular 


one molecule and an N, O, or F atom in 


another molecule. 
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Sample Exercise 11.1 
Identifying Substances That Can Form Hydrogen Bonds 


In which of these substances is hydrogen bonding likely to play an important role in determining physical properties: methane 
(CH4), hydrazine (H2NNHo), fluoromethane (CH3F), hydrogen sulfide (H2S)? 


SOLUTION each N atom, telling us hydrogen bonds can exist between the 


Analyze We are given the chemical formulas of four compounds molecules; 


and asked to predict whether they can participate in hydrogen 

bonding. All the compounds contain H, but hydrogen bonding | | | | 

usually occurs only when the hydrogen is covalently bonded to :N—N:----->H—N—N: 

N, O, or E. | | G | 
H H H 


Plan We analyze each formula to see if it contains N, O, or F 
directly bonded to H. There also needs to be a nonbonding pair 
of electrons on an electronegative atom (usually N, O, or F) in a 
nearby molecule, which can be revealed by drawing the Lewis 
structure for the molecule. 


Check Although we can generally identify substances that par- 
ticipate in hydrogen bonding based on their containing N, O, 
or F covalently bonded to H, drawing the Lewis structure for the 
interaction provides a way to check the prediction. 

Solve The foregoing criteria eliminate CH, and H3S, which do not 

contain H bonded to N, O, or F. They also eliminate CH3F, whose 


Lewis structure shows a central C atom surrounded by three H > Practice Exercise 

atoms and an F atom. (Carbon always forms four bonds, whereas Which of the following substances is most likely to be a 
hydrogen and fluorine form one each.) Because the molecule liquid at room temperature? 

contains a C—F bond and not an H—F bond, it does not form (a) formaldehyde, H,CO (b) fluoromethane, CH3F 
hydrogen bonds. In H2NNH2, however, we find N—H bonds, (c) hydrogen cyanide, HCN (d) hydrogen peroxide, H203 
and the Lewis structure shows a nonbonding pair of electrons on (e) hydrogen sulfide, H3S 


One remarkable consequence of hydrogen bonding is seen in the densities of ice and 
liquid water. In most substances the molecules in the solid are more densely packed than 
those in the liquid, making the solid phase denser than the liquid phase. By contrast, the 
density of ice at 0°C (0.917 g/mL) is less than that of liquid water at 0°C (1.00 g/mL), so 
ice floats on liquid water. 

The lower density of ice can be understood in terms of hydrogen bonding. In ice, 
the H,O molecules assume the ordered, open arrangement shown in Figure 11.11. This 


YW TNT What is the approximate H—O--- H bond angle in ice, where H—O is 
the covalent bond and O - --H is the hydrogen bond? 


100pm 180pm 


one 


Covalent Hydrogen 
bond bond 


A Figure 11.11 Hydrogen bonding in ice. The empty channels in the structure of ice make water 
less dense as a solid than as a liquid. 
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arrangement optimizes hydrogen bonding between molecules, with each H2O mole- 
cule forming hydrogen bonds to four neighboring H2O molecules. These hydrogen 
bonds, however, create the cavities seen in the middle image of Figure 11.11. When 
ice melts, the motions of the molecules cause the structure to collapse. The hydrogen 
bonding in the liquid is more random than that in the solid but is strong enough to 
hold the molecules close together. Consequently, liquid water has a denser structure 
than ice, meaning that a given mass of water occupies a smaller volume than the same 
mass of ice. 

The expansion of water upon freezing (Figure 11.12) is responsible for many phe- 
nomena we take for granted. It causes icebergs to float and water pipes to burst in cold 
weather. The lower density of ice compared to liquid water also profoundly affects life on 
Earth. Because ice floats, it covers the top of the water when a lake freezes, thereby insu- 
lating the water. If ice were denser than water, ice forming at the top of a lake would sink 
to the bottom, and the lake could freeze solid. Most aquatic life could not survive under 
these conditions. 


Ion—Dipole Forces 


An ion-dipole force exists between an ion and a polar molecule (Figure 11.13). 
Cations are attracted to the negative end of a dipole, and anions are attracted to 
the positive end. The magnitude of the attraction increases as either the ionic charge 
or the magnitude of the dipole moment increases. Ion-dipole forces are especially 
important for solutions of ionic substances in polar liquids, such as a solution of NaCl 
in water. 


Comparing Intermolecular Forces 


We can identify the intermolecular forces operative in a substance by consider- 
ing its composition and structure. Dispersion forces are found in all substances. The 
strength of these attractive forces increases with increasing molecular weight and 
depends on molecular shapes. With polar molecules dipole-dipole interactions are 
also operative, but these interactions often make a smaller contribution to the total 
intermolecular attraction than do dispersion forces. For example, in liquid HCl, dis- 
persion forces are estimated to account for more than 80% of the total attraction 
between molecules, while dipole-dipole attractions account for the rest. Hydrogen 
bonds, when present, make an important contribution to the total intermolecular 
interaction. 

In general, the energies associated with dispersion forces are 0.1-30 kJ/mol. The 
wide range reflects the wide range in polarizabilities of molecules. By comparison, the 
energies associated with dipole-dipole interactions and hydrogen bonds are approxi- 
mately 2-15 kJ/mol and 10-40 kJ/mol, respectively. lon-dipole forces tend to be stron- 
ger than the aforementioned intermolecular forces, with energies typically exceeding 
50 kJ/mol. All these interactions are considerably weaker than covalent and ionic bonds, 
which have energies that are hundreds of kilojoules per mole. 

Figure 11.14 presents a systematic way of identifying the intermolecular forces in a 
particular system. 

It is important to realize that the effects of all these attractions are additive. For 
example, acetic acid, CHCOOH, and 1-propanol, CH3CH,CH,OH, have the same 
molecular weight, 60 u, and both are capable of forming hydrogen bonds. However, a 
pair of acetic acid molecules can form two hydrogen bonds, whereas a pair of 1-propanol 
molecules can form only one (Figure 11.15). Hence, the boiling point of acetic acid is 
higher. These effects can be important, especially for very large polar molecules such as 
proteins, which have multiple dipoles and hydrogen-bonding groups over their surfaces. 
These molecules can be held together in solution to a surprisingly high degree due to the 
presence of multiple attractive interactions. 


A Figure 11.12 Expansion of water upon 
freezing. 


Why does the O side of H20 point 
toward the Na* ion? 


Positive ends of polar molecules are 
oriented toward negatively charged 


Negative ends of polar molecules are 
oriented toward positively charged 
cation. 


A Figure 11.13 lon—dipole forces. 
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molecules? 


Dispersion forces 
(0.1-30 kJ/mol) 


YW. Go Figure Can the energies of multiple dispersion forces between two molecules 
be larger than the energy of hydrogen bonding between the two 


Dipole—-dipole 


interactions 
(2-15 kJ/mol) 


Hydrogen bonding 
(10-40 kJ/mol) 


Ion-dipole 
interactions 
(>50 kJ/mol) 


substances. 
Each molecule can form two 
hydrogen bonds with a neighbor. 


o 


Acetic acid, CH;COOH 
MW = 60u 
bp = 391K 


Each molecule can form one 
hydrogen bond with a neighbor. 


$ 


1-Propanol, CH3CH,CH,OH 
MW = 60u 
bp = 370K 


A Figure 11.15 Hydrogen bonding in acetic 
acid and 1-propanol. The greater the number 
of hydrogen bonds possible, the more 
tightly the molecules are held together and, 
therefore, the higher the boiling point. 


A Figure 11.14 Checklist for determining intermolecular forces. Multiple types of intermolecular 
forces can be operating in a given substance or mixture. Note that dispersion forces occur in all 


When comparing the relative strengths of intermolecular attractions, consider these 
generalizations: 


1. When the molecules of two substances have comparable molecular 
weights and shapes, dispersion forces are approximately equal in the 
two substances. Differences in the magnitudes of the intermolecular forces are 
due to differences in the strengths of dipole-dipole attractions. The intermolecular 
forces get stronger as molecule polarity increases, with those molecules capable of 
hydrogen bonding having the strongest interactions. 


2. When the molecules of two substances differ widely in molecular weights, 
and there is no hydrogen bonding, dispersion forces tend to determine 
which substance has the stronger intermolecular attractions. Intermo- 
lecular attractive forces are generally higher in the substance with higher molecular 
weight. 


Self-Assessment Exercise 
11.5 Rank the following molecules from lowest to highest boiling 
point: CH,CH,CH,OH, CH,CH,CH,CH,, CH,;CH,OCH, 
(a) CH,CH,CH,OH < CH,CH,CH,CH, < CH,CH,OCH, 
(b) CH,CH,CH,CH, < CH,CH,OCH, < CH;CH,CH,OH 
(c) CH,CH,OCH, < CH,CH,CH,CH, < CH,CH,CH,OH 
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rr 


Exercises 


11.6 


11.7 


11.8 


(a) Which is generally stronger, intermolecular interactions 
or intramolecular interactions? (b) Which of these kinds of 
interactions are broken when a liquid is converted to a gas? 


Which type of intermolecular force accounts for each of 
these differences? (a) Acetone, (CH3)2CO, boils at 56 °C; 
dimethyl sulfoxide or DMSO, (CH3) SO, boils at 189°C. 
(b) CCl; is a liquid at atmospheric pressure and room tem- 
perature, whereas CH, isa gas under the same conditions. (c) 
H,0 boils at 100 °C but H,S boils at —60 °C. (d) 1-propanol 
(CH,CH,CH,OH) boils at 97°C, whereas 2-propanol 
(CH,CH(OH)CH,) boils at 82.6 °C. 


O O 
| I 
HC “CH; me “CH, 
Acetone DMSO 


True or false: (a) Molecules containing polar bonds must 
be polar molecules and have dipole-dipole forces. (b) For 
the halogen gases, the dispersion forces decrease while the 
boiling points increase as you go down the column in the 
periodic table. (c) In terms of the total attractive forces 
for a given substance, the more polar bonds there are in 
a molecule, the stronger the dipole-dipole interaction. 
(d) All other factors being the same, total attractive forces 


11.9 


11.10 


11.11 


11.12 


11.3 | Select Properties of Liquids 


between linear molecules are greater than those between 
molecules whose shapes are nearly spherical. (e) The more 
electronegative the atom, the more polarizable it is. 


Which member in each pair has the stronger intermolecu- 
lar dispersion forces? (a) H,O or CH3OH, (b) CBr3CBr3 or 
CCl3CCl, (c) C(CH3)4 or CH3CH,CH,CH2CH3. 


(a) What atoms must a molecule contain to participate 
in hydrogen bonding with other molecules of the same 
kind? (b) Which of the following molecules can form hy- 
drogen bonds with other molecules of the same kind: 
CH3F, CH3NHp, CH30H, CH3Br? 


Based on the type or types of intermolecular forces, predict 
the substance in each pair that has the higher boiling point: 
(a) propane (C3Hg) or n-butane (C4H10), (b) diethyl ether 
(CH3CH,OCH,CHs3) or 1-butanol (CH3CH,CH,CH,0OH) , 
(c) sulfur dioxide (SO2) or sulfur trioxide (SO3), (d) phos- 
gene (Cl,CO) or formaldehyde (H,CO). 


Freon, CCl,F,, and dichloromethane, CH2Cl,, are common 
organic substances. Freon is a gas with a normal boiling 
point of —29.8 °C; dichloromethane’s normal boiling point 
is 39.6 °C. Which statement is the best explanation of 
these data? (a) Dichloromethane can form hydrogen bonds, 
but freon cannot. (b) Dichloromethane has a larger dipole 
moment than freon. (c) Freon is more polarizable than 
dichloromethane. 


$9S1919Xq JUBWSSASsy-}[9S 0} SIaMSUY 
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Honey is an example of a non-Newtonian fluid; that is, one in which viscosity changes 
with the applied stress. Another that you may be familiar with is a suspension of corn 
starch in water. In the case of honey, its viscosity increases as a sheer force is applied. Dip 
a spoon into a honey jar and try and stir it rapidly and you find the honey acts as a very 
viscous material. Remove the spoon and the honey flows smoothly off the spoon. 
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b> Sample Exercise 11.2 


SOLUTION 


SAE 40 SAE 10 

higher number lower number 
higher viscosity lower viscosity 
slower pouring faster pouring 


A Figure 11.16 Comparing viscosities. The 
Society of Automotive Engineers (SAE) has 
established a numeric scale to indicate 
motor-oil viscosity. 


Analyze We need to assess the intermolecular forces in these sub- 
stances and use that information to determine the relative boiling 


The intermolecular attractions we have just discussed can help us understand many 
familiar properties of liquids. In this section, we examine three: viscosity, surface ten- 
sion, and capillary action. 

By the end of this section, you should be able to 


e Explain the concepts of viscosity, surface tension, and capillary action. 


D Predicting Types and Relative Strengths of Intermolecular Attractions 


List the substances BaCl», H2, CO, HF, and Ne in order of increasing boiling point. 


molecular weight. Finally, Ne, which is nonpolar, should have the 
lowest boiling point of these three. The predicted order of boiling 
points is, therefore, 


points. H; < Ne < CO < HF < BaCl, 

Plan The boiling point depends in part on the attractive forces Check The boiling points reported in the literature are 

in each substance. We need to order these substances according H,, 20 K; Ne, 27 K; CO, 83 K; HF, 293 K; and BaCl,, 1813 K—in 
to the relative strengths of the different kinds of intermolecular agreement with our predictions. 

attractions. 


Solve The attractive forces are stronger for ionic substances than 
for molecular ones, so BaCl, should have the highest boiling 


point. The intermolecular forces of the remaining substances > Practice Exercise 
depend on molecular weight, polarity, and hydrogen bonding. List the substances Ar, Cl), CH4, and CH3COOH in order of 
The molecular weights are H3, 2 u; CO, 28 u; HF, 20 u; and increasing strength of intermolecular attractions. 
Ne, 20 u. The boiling point of Hz should be the lowest be- (a) CH; < Ar < CHCOOH < Cl, 
cause it is nonpolar and has the lowest molecular weight. The (b) Cl} < CHCOOH < Ar < CH, 
molecular weights of CO, HF and Ne are similar. Because HF can (c) CH; < Ar < Cl} < CHCOOH 
hydrogen-bond, it should have the highest boiling point of the (d) CHCOOH < Cl, < Ar < CH, 
three. Next is CO, which is slightly polar and has the highest (e) Ar < Cl < CH4 < CH;COOH 
Viscosity 


Some liquids, such as molasses and motor oil, flow very slowly; others, such as water and 
gasoline, flow easily. The resistance of a liquid to flow is called viscosity. The greater a 
liquid’s viscosity, the more slowly it flows. Viscosity can be measured by timing how long 
it takes a certain amount of the liquid to flow through a thin vertical tube (Figure 11.16). 
Viscosity can also be determined by measuring the rate at which steel balls fall through 
the liquid. The balls fall more slowly as the viscosity increases. The SI unit for viscosity 
is kg/m s. 

The viscosity of a liquid is related to how easily its molecules flow past one another. 
It depends on the attractive forces between molecules and on whether the shapes and 
flexibility of the molecules are such that they tend to become entangled (for example, 
long molecules can become tangled like spaghetti). For a series of related compounds, 
viscosity increases with molecular weight, as illustrated in Table 11.3. 


TABLE 11.3 Viscosities of a Series of Hydrocarbons at 20 °C 


Substance Formula Viscosity (kg/m-s) 
Hexane CH3CH ,CH,CH2CH,CH3 Sonal Ome 
Heptane CH3CH,CH,CH,CH2,CH,CH3 4.09 x 1074 
Octane CH3CH2CH2CH2CH2CH2CH2CH3 5.42 x 10-4 
Nonane CH3CH,CH,CH,CH,CH,CH,CH,CH3 7.11 x 10-4 


Decane CH3CH,CH,CH,CH,CH,CH,CH,CH,CH3 1.42 x 10:3 
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CHEMISTRY PUT TO WORK Watt j 


The strong electrostatic attractions between cations and anions 3 3 Jm 
explain why most ionic compounds are solids at room tempera- TABLE 11.4 Melting Point and Decomposition 


ture, with high melting and boiling points. However, the melting Temperature of Four 1-Butyl-3- 


point of an ionic compound can be low if the ionic charges are e. e : n 
not too high and the cation-anion distance is sufficiently large. Methylimidazolium (bmim ) Salts 


For example, the melting point of NHyNO3, where both cation Melting Decomposition 

and anion are larger polyatomic ions, is 170°C. If the ammonium Cation Anion Point (°C) Temperature (°C) 
cation is replaced by the even larger ethylammonium cation, pamm 
CH3CH,NH;’, the melting point drops to 12°C, making ethylam- bmim c il at 
monium nitrate a liquid at room temperature. Ethylammonium bmim* r —72 265 
nitrate is an example of an ionic liquid: a salt that is a liquid at 


room temperature. bmim* PE 10 349 
Not only is CH3CH2NH;° larger than NH4; but also it is less sym- bmim* BE, —81 403 
metric. In general, the larger and more irregularly shaped the ions 
in an ionic substance, the better the chances of forming an ionic 
liquid. Among the cations that form ionic liquids, one of the most Common anions found in ionic liquids include the PF¢ , BF; , 
widely used is the 1-butyl-3-methylimidazolium cation (abbreviated and halide ions. 
bmimř, Figure 11.17 and Table 11.4), which has two arms of different Ionic liquids have many useful properties. Unlike most mo- 


lengths coming off a five-atom central ring. This feature givesbmim* Jecylar liquids, they are nonvolatile (that is, they don’t evap- 

an irregular shape, which makes it difficult for the molecules to pack grate readily) and nonflammable. They tend to remain in the 

together in a solid. liquid state at temperatures up to about 400 °C. Most molecular 

substances are liquids only at much lower 

temperatures, 100°C or less in most cases. 

[r= H JF Because ionic liquids are good solvents for a 

l F F = he a of Deedee ionic ie can 

e used for a variety of reactions and separa- 

HC ~^ Cs — CH2CH;CH;CH; Er, F a tions. These properties make them attractive 

\ / ma | Np PYG NF replacements for volatile organic solvents in 

C=C F F many industrial processes. Relative to tradi- 

/ \ L z tional organic solvents, ionic liquids offer 

L H H a the promise of reduced volumes, safer han- 

BF47 dling, and easier reuse, thereby reducing the 

environmental impact of industrial chemi- 
cal processes. 


A Figure 11.17 Representative ions found in ionic liquids. Related Exercises: 11.59, 11.17, 11.89 


1-Butyl-3-methylimidazolium (bmim*) PF, 
cation anion anion 


The viscosity of a substance decreases with increasing temperature. This can be seen 
in the viscosity of octane: 


7.06 x 10 +kg/msat0°C 
4.33 x 10 kg/m s at 40°C 


At higher temperatures, the greater average kinetic energy of the molecules overcomes 
the attractive forces between molecules. 


Surface Tension 


The surface of water behaves almost as if it had an elastic skin, as evidenced by the abil- 
ity of certain insects to “walk” on water. This behavior is due to an imbalance of inter- 
molecular forces at the surface of the liquid. As shown in Figure 11.18, molecules in the 
interior are attracted equally in all directions, but those at the surface experience a net 
inward force. This net force tends to pull surface molecules toward the interior, thereby 
reducing the surface area and making the molecules at the surface pack closely together. 

Because spheres have the smallest surface area for their volume, water droplets 
assume an almost spherical shape. This explains the tendency of water to “bead up” when 
it contacts a surface made of nonpolar molecules, like a lotus leaf or a newly waxed car. 

A measure of the net inward force that must be overcome to expand the surface area 
of a liquid is given by its surface tension. Surface tension is the energy required to 
increase the surface area of a liquid by a unit amount. For example, the surface tension 
of water at 20°C is 7.29 x 107? J/m?, which means that an energy of 7.29 x 107° J must 
be supplied to increase the surface area of a given amount of water by 1 m?. Water has a 
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On any surface molecule, 
there is no upward force to 
cancel the downward force, 
which means each surface 
molecule “feels” a net 
downward pull. 


On any interior molecule, each force is 
balanced by a force pulling in the opposite 
direction, which means that interior 
molecules ‘feel’ no net pull in any 


A Figure 11.18 Molecular-level view of surface tension. The high 
surface tension of water keeps the water strider from sinking. 


W Go Figure 


mercury meniscus change? 


Water 


H,O-glass 
adhesive forces 


Because adhesive > cohesive, 
H2O molecules adhere to the 
wall more than to each other, 
forming concave surface. 


high surface tension because of its strong hydrogen bonds. The surface 
tension of mercury is even higher (4.6 x 10-'J/m’) because of even 
stronger metallic bonds between the atoms of mercury. 


Capillary Action 


Intermolecular forces that bind similar molecules to one another, 
such as the hydrogen bonding in water, are called cohesive forces. Inter- 
molecular forces that bind a substance to a surface are called adhesive 
forces. Water placed in a glass tube adheres to the glass because the 
adhesive forces between the water and the glass are greater than the 
cohesive forces between water molecules; glass is principally SiO}, 
which has a very polar surface. The curved surface, or meniscus, of 
the water is therefore U-shaped (Figure 11.19). For mercury, however, 
the situation is different. Mercury atoms can form bonds with one 
another but not with the glass. As a result, the cohesive forces are 
much greater than the adhesive forces and the meniscus is shaped 
like an inverted U. 

When a small-diameter glass tube, or capillary, is placed in water, 
water rises in the tube. The rise of liquids up very narrow tubes is called 
capillary action. The adhesive forces between the liquid and the 
walls of the tube tend to increase the surface area of the liquid. The sur- 
face tension of the liquid tends to reduce the area, thereby pulling the 
liquid up the tube. The liquid climbs until the force of gravity on the 
liquid balances the adhesive and cohesive forces. 

Capillary action is widespread. For example, towels absorb liq- 
uid, and “stay-dry” synthetic fabrics move sweat away from the skin 
by capillary action. Capillary action also plays a role in moving 
water and dissolved nutrients upward through plants. 


If the inside surface of each tube were coated with wax, would the general 
shape of the water meniscus change? Would the general shape of the 


H,O-H,0 
cohesive forces 


Because cohesive > adhesive, 
Hg atoms at the surface 


adhere to the wall less than 
to each other, forming 
convex surface. 


A Figure 11.19 Meniscus shapes for water and mercury in glass tubes. 
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Self-Assessment Exercise 


11.13 


As the temperature increases, how do you expect the surface 
tension of a liquid to change? 


(a) It would increase 
(b) It would decrease 
(c) It would stay the same 


Exercises 


11.14 


11.15 


11.16 


11.17 


Based on their composition and structure, list CH;COOH, 
CH3COOCHs3, and CH3CH2OH in order of (a) increasing 
intermolecular forces, (b) increasing viscosity, (c) increas- 
ing surface tension. 


Hydrazine (HzNNH2), hydrogen peroxide (HOOH), and 
water (H20) all have exceptionally high surface tensions 
compared with other substances of comparable molecular 
weights. (a) Draw the Lewis structures for these three com- 
pounds. (b) What structural property do these substances 
have in common, and how might that account for the high 
surface tensions? 


(a) Would you expect the viscosity of 2-propanol, 
(CH3)2CHOH, to be larger or smaller than the viscosity of 
ethanol, CH3;CH2OH? (b) Would you expect the viscosity 
of 2-propanol to be smaller or larger than the viscosity of 
1-propanol, CH,CH,CH,OH? 

The generic structural formula for a 1-alkyl-3-methylimid- 
azolium cation is 


11.4 | Phase Changes 


where R is a —CH 2(CHz),CH3 alkyl group. The melt- 
ing points of the salts that form between the 1-alkyl- 
3-methylimidazolium cation and the PF, anion are 
as follows: R= CHCH; (m.p. = 60°C), R= CH,CH2CH3 
(m.p. = 40°C), R = CH,CH,CH,CH3(m.p. = 10°C), and 
R = CH,CH,CH,CH,CH,CH3 (m.p. = —61°C). Why does 
the melting point decrease as the length of alkyl group 
increases? 


(q) Sb LE 
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YW Go Figure 


How is energy evolved in deposition 


related to those for 
and freezing? 


Heat packs are often used for the on-site treatment of sports 
injuries. They consist of a flexible thick plastic bag divided into 
two compartments, one containing water and the other a salt. 
Breaking the seal between the compartments allows the salt to 
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| Vaporization 
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Gas 


Condensation 


Sublimation 


Freezing 


Solid 


dissolve, and this is accompanied by a temperature change. Hot 
packs typically have magnesium sulfate or calcium chloride as 
the salt, which dissolves exothermically, while cold packs use 
ammonium nitrate or urea. These packs are for a single use. A 
variation is a reusable hot pack that contains a supercooled solu- 
tion of sodium acetate and a small strip of metal. When the metal 
is bent, small changes on its surface initiate the crystallization of 
Deposition the sodium acetate from solution, releasing heat. The pack may 
be reused by heating it in boiling water to redissolve the sodium 
acetate, putting it aside and, without disturbing it, allowing it to 
cool to room temperature. 
By the end of this section, you should be able to 


e List the names of the various changes of state for a pure sub- 
stance and indicate which are endothermic and which are 
exothermic. 


— Exothermic process (energy released from substance) 


— Endothermic process (energy added to substance) 


Liquid water left uncovered in a glass eventually evaporates. 
An ice cube left in a warm room quickly melts. Solid CO, (sold 


A Figure 11.20 Phase changes and the names associated with them. as a product called dry ice) sublimes at room temperature; that 


is, it changes directly from solid to gas. In general, each state of 

matter—solid, liquid, gas—can transform into either of the other 
two states. Figure 11.20 shows the names associated with these transformations, which 
are called either phase changes or changes of state. 


Energy Changes Accompany Phase Changes 


Every phase change is accompanied by a change in the energy of the system. In a solid, 
for example, the particles (molecules, ions, or atoms) are in more or less fixed positions 
with respect to one another and closely arranged to minimize the energy of the sys- 
tem. As the temperature of the solid increases, the particles vibrate about their equilib- 
rium positions with increasing energetic motion. When the solid melts, the particles 
begin moving freely relative to one another, which means their average kinetic energy 
increases. 

Melting is called (somewhat confusingly) fusion. The increased freedom of motion 
of the particles requires energy, measured by the heat of fusion or enthalpy of fusion, 
AHius- The heat of fusion of ice, for example, is 6.01 kJ/mol: 


H20(s) => H20(1) A Hius = 6.01 kJ 


As the temperature of the liquid increases, the particles move about more vig- 
orously. The increased motion allows some particles to escape into the gas phase. As 
a result, the concentration of gas-phase particles above the liquid surface increases 
with temperature. These gas-phase particles exert a pressure called vapor pressure. We 
explore vapor pressure in Section 11.5. For now we just need to understand that vapor 
pressure increases with increasing temperature until it equals the external pressure 
above the liquid, typically atmospheric pressure. At this point the liquid boils— 
bubbles of the vapor form within the liquid. The energy required to cause the transi- 
tion of a given quantity of the liquid to the vapor is called either the heat of vapor- 
ization or the enthalpy of vaporization, AFHyap. For water, the heat of vaporization is 
40.7 kJ/mol. 


H,O(1) — H,0(g)  AHyap = 40.7 KJ 


Why does water have a higher heat of vaporization than 


A Go Figure 
diethyl ether? 


< 


P] Heat of fusion 


[E] Heat of vaporization 


Heat of sublimation 


Heat of phase change (kJ/mol) 


Water Mercury 
(H20) (Hg) 


Diethyl ether 
(C2H5OC2H5) 


Butane 
(C4H0) 


A Figure 11.21 Heats of fusion, vaporization, and sublimation. 


Figure 11.21 shows AHj,; and AH,ap Values for four substances. The values of AHyap tend 
to be larger than the values of AHj,; because in the transition from liquid to gas, particles 
must essentially sever all their interparticle attractions, whereas in the transition from 
solid to liquid, many of these attractive interactions remain operative. 

The particles of a solid can move directly into the gaseous state. The enthalpy 
change required for this transition is called the heat of sublimation, denoted AH,,. 
As illustrated in Figure 11.20, AH,yp is the sum of AHjy, and AAyapy. Thus, AH;up for water is 
approximately 47 kJ/mol. 

Phase changes show up in important ways in our everyday experiences. When we 
use ice cubes to cool a drink, for instance, the heat of fusion of the ice cools the liquid. 
We feel cool when we step out of a swimming pool or a warm shower because the liquid 
water’s heat of vaporization is drawn from our bodies as the water evaporates from our 
skin. Our bodies use this mechanism to regulate body temperature, especially when we 
exercise vigorously in warm weather. A refrigerator also relies on the cooling effects of 
vaporization. Its mechanism contains an enclosed gas that can be liquefied under pres- 
sure. The liquid absorbs heat as it subsequently evaporates, thereby cooling the interior 
of the refrigerator. 

What happens to the heat absorbed when the liquid refrigerant vaporizes? Accord- 
ing to the first law of thermodynamics, this absorbed heat must be released when the 
gas condenses to liquid. As this phase change occurs, the heat released is dissipated 
through cooling coils in the back of the refrigerator. Just as for a given substance the 
heat of condensation is equal in magnitude to the heat of vaporization and has the 
opposite sign, so too the heat of deposition for a given substance is exothermic to the 
same degree that the heat of sublimation is endothermic; the heat of freezing is exother- 
mic to the same degree that the heat of fusion is endothermic (see Figure 11.20). 


Heating Curves 


When we heat an ice cube initially at —25 °C and 101.3 kPa, the temperature of the ice 
increases. As long as the temperature is below 0 °C, the ice cube remains in the solid state. 
When the temperature reaches 0 °C, the ice begins to melt. Because melting is an endo- 
thermic process, the heat we add at 0 °C is used to convert ice to liquid water, and the 
temperature remains constant until all the ice has melted. Once all the ice has melted, adding 
more heat causes the temperature of the liquid water to increase. 
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points C and D? 


125°C at a constant pressure of 101.3 kPa. Eve 
being added continuously, the system temperatu 
during the two phase changes (red lines). 


YW. Go Figure What process is occurring between 


A graph of temperature versus amount of heat added is 
called a heating curve. Figure 11.22 shows the heating curve for 
transforming ice, H,O(s), initially at —25 °C to steam, H20(8), 
Vaporization—temperature at 125°C. As heat is added at a constant rate, the heating curve 


does not change until al 
H,O(/) becomes H,O(g) 


| forms distinct regions: 


125 e Line AB: Heating increases the temperature of H,O(s) from 
-25 to 0 °C. 
100 e Line BC: Heating converts H20(s) to H2O(1) as the ice melts 
at a constant temperature of 0 °C. 
9 75 e Line CD: Heating increases the temperature of the H,O(/) 
D from 0°C to 100 °C. 
3 e Line DE: Heating converts H2O(/) to H2O(g) as the water 
5 20 Liquid water boils at a constant temperature of 100 °C. 
S e Line EF: Heating increases the temperature of the H,O(g) 
È 25 to 125°C. 
Melting—temperature does We can calculate the enthalpy change of the system for 
0 not change until all H0(s) each region of the heating curve. Lines AB, CD, and EF show 
becomes Fot). the heating of a single phase from one temperature to another. 
-25 As we saw in Section 5.5, the amount of heat needed to raise the 
Heat added temperature of a substance is given by the product of the spe- 
A Figure 11.22 Heating curve for water. Changes that occur when cific heat, mass, and temperature change (Equation 5.21). The 
1.00 mol of H20 is heated from H20(s) at —25 °C to H20(8) at greater the specific heat of a substance, the more heat we must 


n though heat is 


add to accomplish a certain temperature increase. Because the 
re does not change 


specific heat of water is greater than that of ice, the slope of 

line CD is less than that of line AB. This lesser slope means the 

amount of heat we must add to a given mass of liquid water to 
achieve a 1°C temperature change is greater than the amount we must add to achieve 
a 1°C temperature change in the same mass of ice. 

Lines BC and DE show the conversion of one phase to another at a constant tem- 
perature. The temperature remains constant during these phase changes because the 
added energy is used to overcome the attractive forces between molecules rather than to 
increase their average kinetic energy. For line BC, the enthalpy change can be calculated 
by using AHj,s, and for line DE we can use AA yap. 

If we start with 1 mol of steam at 125°C and cool it, we move right to left across 
Figure 11.22. We first lower the temperature of the H,O(g) (F —> E), then condense it 
(E — D) to H,O(/), and so forth. 

Sometimes as we remove heat from a liquid, we can temporarily cool it below its 
freezing point without forming a solid. This phenomenon, called supercooling, occurs 
when the heat is removed so rapidly that the molecules have no time to assume the 
ordered structure of a solid. A supercooled liquid is unstable; particles of dust enter- 
ing the solution or gentle stirring is often sufficient to cause the substance to solidify 
quickly. 


Critical Temperature and Pressure 


A gas normally liquefies at some point when pressure is applied. Suppose we have a cyl- 
inder fitted with a piston and the cylinder contains water vapor at 100 °C. If we increase 
the pressure on the water vapor, liquid water will form when the pressure is 101.3 kPa. 
However, if the temperature is 110 °C, the liquid phase does not form until the pressure is 
143.3 kPa. At 374 °C the liquid phase forms only at 22.06 MPa. Above this temperature, no 
amount of pressure causes a distinct liquid phase to form. Instead, as pressure increases, 
the gas becomes steadily more compressed. The highest temperature at which a distinct 
liquid phase can form is called the critical temperature. The critical pressure is the 
pressure required to bring about liquefaction at this critical temperature. 

The critical temperature is the highest temperature at which a liquid can exist. 
Above the critical temperature, the kinetic energies of the molecules are greater than 
the attractive forces that lead to the liquid state regardless of how much the substance is 


= Sample Exercise 11.3 
\ Calculating AH for Temperature and Phase Changes 


and A Map = 40.67 kJ/mol. 


SOLUTION 


Analyze Our goal is to calculate the total heat required to convert 1 
mol of ice at —25 °C to steam at 125 °C. 


Solve 


For line AB in Figure 11.22, we are adding enough heat to ice to 
increase its temperature by 25 °C. A temperature change of 25 °C is 
the same as a temperature change of 25 K, so we can use the specific 
heat of ice to calculate the enthalpy change during this process: 
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Calculate the enthalpy change upon converting 1.00 mol of ice at —25 °C to steam at 125°C under a constant pressure of 1 atm. 
The specific heats of ice, liquid water, and steam are 2.03, 4.18, and 1.84 J/g K, respectively. For H20, AH, = 6.01 kJ/mol 


Plan We can calculate the enthalpy change for each segment and then 


sum them to get the total enthalpy change (Hess’s law, Section 5.6). 


AB: AH = (1.00 mol)(18.0 g/mol) (2.03 J/g K)(25 K) 
= 914J = 0.91 kJ 


For line BC in Figure 11.22, in which we convert ice to water at 
0°C, we can use the molar enthalpy of fusion directly: 


BC: AH = (1.00 mol)(6.01 kJ/mot) = 6.01 kJ 


The enthalpy changes for lines CD, DE, and EF can be calculated 
in similar fashion: 


The total enthalpy change is the sum of the changes of the 


Check The components of the total enthalpy change are reason- 
able relative to the horizontal lengths (heat added) of the lines 
in Figure 11.22. Notice that the largest component is the heat of 
vaporization. 


CD: AH = (1.00 mol)(18.0 g/mot) (4.18 J/g K)(100 K) 
= 7520) = 7.52kJ 


DE: AH = (1.00 mot) (40.67 kJ/mol) = 40.7 kJ 
EF: AH = (1.00 mol)(18.0 g/mol) (1.84J/g K)(25 K) 
= 830J = 0.83KJ 


AH = 0.91kJ + 6.01kJ + 7.52kJ + 40.7kJ + 0.83kJ = 56.0kJ 


individual steps: 


> Practice Exercise 
What information about water is needed to calculate the 
enthalpy change for converting 1 mol H,O(g) at 100 °C to 
H,O(/) at 80 °C? 
(a) heat of fusion (b) heat of vaporization (c) heat of vapor- 
ization and specific heat of H2O(g) (d) heat of vaporization 
and specific heat of H,O(/) (e) heat of fusion and specific 
heat of H,O(/) 


compressed to bring the molecules closer together. The greater the intermolecular forces, the 


higher the critical temperature of a substance. 


Several experimentally determined critical temperatures and pressures are listed in 


Table 11.5. Notice that nonpolar, low-molecular-weight substances, which have weak 
intermolecular attractions, have lower critical temperatures and pressures than sub- 
stances that are polar or of higher molecular weight. Notice also that water and ammonia 
have exceptionally high critical temperatures and pressures as a consequence of strong 
intermolecular hydrogen-bonding forces. 

Because they provide information about the conditions under which gases liquefy, 
critical temperatures and pressures are often of considerable importance to engineers 
and other people working with gases. Sometimes we want to liquefy a gas; other times we 
want to avoid liquefying it. It is useless to try to liquefy a gas by applying pressure if the 
gas is above its critical temperature. For example, O; has a critical temperature of 154.4 K. 
It must be cooled below this temperature before it can be liquefied by pressure. In con- 
trast, ammonia has a critical temperature of 405.6 K. Thus, it can be liquefied at room 
temperature (approximately 295 K) by applying sufficient pressure. 

When the temperature exceeds the critical temperature and the pressure exceeds the 
critical pressure, the liquid and gas phases are indistinguishable from each other, and 
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TABLE 11.5 Critical Temperatures and Pressures of Selected Substances 


Substance 

Nitrogen, No 

Argon, Ar 

Oxygen, O7 
Methane, CH4 
Carbon dioxide, CO2 
Phosphine, PH3 


Propane, CH3;CH,CH3; 
Hydrogen sulfide, H2S 


Ammonia, NH; 
Water, H,O 


Critical Temperature (K) Critical Pressure (MPa) 


126.1 Sho’) 
150.9 4.86 
154.4 5.04 
190.0 4.60 
304.3 7.40 
324.4 6.54 
370.0 4.26 
373.5 9.01 
405.6 11.30 
647.6 22.06 


the substance is in a state called a supercritical fluid. A supercritical fluid expands to 
fill its container (like a gas), but the molecules are still quite closely spaced (like a liquid). 
Like liquids, supercritical fluids can behave as solvents dissolving a wide range of 
substances. Using supercritical fluid extraction, the components of mixtures can be sepa- 
rated from one another. Supercritical fluid extraction has been successfully used to sep- 
arate complex mixtures in the chemical, food, pharmaceutical, and energy industries. 
Supercritical CO, is a popular choice because it is relatively inexpensive and, if used in 
closed-loop systems, may be a way to reduce CO, emissions into the atmosphere. 


Self-Assessment Exercise 


11.18 


What phases and enthalpy change are described by the term 
deposition? 
(a) Gas to liquid, exothermic change 


(b) Gas to solid, exothermic change 


(a) Gas to solid, endothermic change 


(b) Liquid to solid, exothermic change 


Exercises 


11.19 


11.20 


11.21 


Name the phase transition in each of the following situa- 
tions and indicate whether it is exothermic or endother- 
mic: (a) Iodine solid turns to iodine gas when it is heated. 
(b) Snowflakes turn into water when they fall on an open 
palm. (c) Droplets of water appear on grass in a cold hu- 
mid morning. (d) Dry ice gradually disappears when left at 
room temperature for some period of time. 


Chloroethane (C3HsCl) boils at 12 °C. When liquid C2HsCl 
under pressure is sprayed on a room-temperature (25 °C) 
surface in air, the surface is cooled considerably. (a) What 
does this observation tell us about the specific heat of 
C,HsCl(g) as compared with that of C,H;Cl(/)? (b) Assume 
that the heat lost by the surface is gained by chloroethane. 
What enthalpies must you consider if you were to calculate 
the final temperature of the surface? 

CHCIEF, is a type of hydrochlorofluorocarbon (HCFC) that 
has a comparatively lower damaging effect on the ozone 
layer. It is used as a replacement for chlorofluorocarbons 
(CFCs). The heat of vaporization is 233.95 kJ/g. What mass 
of this substance must evaporate to freeze 15 g of water 


11.22 


11.23 


initially at 15°C? (The heat of fusion of water is 334 J/g; 
the specific heat of water is 4.18 J/g- K.) 


Acetone, CH3;COCH3, is a common organic solvent with 
relatively low melting point (178 K) and boiling point 
(329 K). The enthalpy of fusion of acetone is 5.72 kJ/mol, 
and its enthalpy of vaporization is 29.1 kJ/mol. The spe- 
cific heats of solid and liquid acetone are 96 J/mol K and 
125.5 J/mol K respectively. (a) How much heat is required 
to convert 23.0 g of acetone at 273 K to the vapor phase at 
329 K? (b) How much heat is required to convert the same 
amount of acetone at 77 K to the vapor phase at 329 K? 


Indicate whether each statement is true or false: (a) The crit- 
ical pressure of a substance is the pressure at which it turns 
into a solid at room temperature. (b) The critical tempera- 
ture of a substance is the highest temperature at which the 
liquid phase can form. (c) Generally speaking, the higher 
the critical temperature of a substance, the lower its criti- 
cal pressure. (d) In general, the more intermolecular forces 
there are in a substance, the higher its critical temperature 
and pressure. 
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Smelling salts have a long history—there is mention of them in the writings of Pliny as 
well as Chaucer. Traditionally, they were used to revive someone that had fainted, but, 
in modern times, have been used to ‘freshen up’ athletes before a sporting fixture and to 
revive athletes on the field that have suffered an injury. This is no longer a recommended 
treatment as it may mask, or delay, the diagnosis of more serious neurological damage 
caused by concussion. The active component is ammonium carbonate, but this is often 
dissolved in a water-alcohol solution and accompanied by perfumes or pleasantly smell- 
ing compounds such as eucalyptus oil. The ammonium carbonate forms ammonia, 
which stimulates the respiratory system. It can also burn the tissue lining the nose and 
windpipe, so cautious use is required. 

The volatility of a compound is the focus of this section, by the end of which you 
should be able to 


e Understand what factors affect the volatility of a compound 


Molecules can escape from the surface of a liquid into the gas phase by evapora- 
tion. Suppose we place a quantity of ethanol (CH3;CH,OH) in an evacuated, closed con- 
tainer, as in Figure 11.23. The ethanol quickly begins to evaporate. As a result, the pressure 


Liquid 
ethanol 


S 
P increasing 


p= = vapor pressure 
System 
N Add comes to / 
ethanol equilibrium 
° ` A i \ ai ` ! 
Evacuated flask, Molecules begin to Molecules leave and 
pressure zero vaporize, pressure enter liquid at equal 
increases rates, pressure reaches 


steady-state value 
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< Figure 11.23 Vapor pressure over a liquid. 
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exerted by the vapor in the space above the liquid increases. After a short time, the pres- 


sure of the vapor attains a constant value, which we call the vapor pressure. 

At any instant, some of the ethanol molecules at the liquid surface possess sufficient 
kinetic energy to overcome the attractive forces of their neighbors and, therefore, escape 
into the gas phase. As the number of gas-phase molecules increases, however, the proba- 


W Go Figure 


As the temperature increases, does the rate of molecules 
escaping into the gas phase increase or decrease? 


Lower temperature 


Higher temperature 


F Minimum kinetic 
energy needed 
to escape 


Fraction of molecules 


Kinetic energy 


Blue area = fraction of molecules 
having enough energy to evaporate 
at lower temperature 


Red + blue areas = fraction of 
molecules having enough energy to 
evaporate at higher temperature 


A Figure 11.24 The effect of temperature on the distribution of 
kinetic energies in a liquid. 


YW Go Figure 


What is the vapor pressure of ethylene glycol at its 
normal boiling point? 


120 
101.3 
Normal boiling 
f point 
90 |— Diethyl 
ether 

Ethyl alcohol 


(ethanol) 


Vapor pressure (kPa) 
D 
© 


30 
Ethylene 
glycol 
0 
0 20 40 60 80 100 


Temperature (°C) 


A Figure 11.25 Vapor pressure for four liquids as a function of 
temperature. 


bility increases that a molecule in the gas phase will strike the liquid 
surface and be recaptured by the liquid, as shown in the flask on the 
right in Figure 11.23. Eventually, the rate at which molecules return 
to the liquid equals the rate at which they escape. The number of 
molecules in the gas phase then reaches a steady value, and the pres- 
sure exerted by the vapor becomes constant. 

The condition in which two opposing processes occur simulta- 
neously at equal rates is called dynamic equilibrium (or simply 
equilibrium). Chemical equilibrium, which we encountered in Sec- 
tion 4.1, is a kind of dynamic equilibrium in which the opposing 
processes are chemical reactions. 

A liquid and its vapor are in dynamic equilibrium when evap- 
oration and condensation occur at equal rates. It may appear that 
nothing is occurring at equilibrium because there is no net change 
in the system. In fact, though, a great deal is happening as molecules 
continuously pass from liquid state to gas state and from gas state to 
liquid state. The vapor pressure of a liquid is the pressure exerted by its 
vapor when the liquid and vapor are in dynamic equilibrium. 


Volatility, Vapor Pressure, and Temperature 


When vaporization occurs in an open container, as when water evap- 
orates from a bowl, the vapor moves away from the liquid. Little, if 
any, is recaptured at the surface of the liquid. Equilibrium never 
occurs, and the vapor continues to form until the liquid evaporates to 
dryness. Substances with high vapor pressure (such as gasoline) evap- 
orate more quickly than substances with low vapor pressure (such as 
motor oil). Liquids that evaporate readily are said to be volatile. 

Hot water evaporates more quickly than cold water because 
vapor pressure increases with increasing temperature. To see why 
this statement is true, we begin with the fact that the molecules of a 
liquid move at various speeds. Figure 11.24 shows the distribution of 
kinetic energies of the molecules at the surface of a liquid at two tem- 
peratures. (The curves are like those shown for gases in Section 10.6.) 
As the temperature is increased, the molecules move more energeti- 
cally and more of them can break free from their neighbors and enter 
the gas phase, increasing the vapor pressure. 

Figure 11.25 depicts the variation in vapor pressure with tem- 
perature for four common substances that differ greatly in volatility. 
Note that the vapor pressure in all cases increases nonlinearly with 
increasing temperature. The weaker the intermolecular forces in 
the liquid, the more easily molecules can escape and, therefore, the 
higher the vapor pressure at a given temperature. 


Vapor Pressure and Boiling Point 


The boiling point of a liquid is the temperature at which its vapor 
pressure equals the external pressure, acting on the liquid surface. 
At this temperature, the thermal energy of the molecules is great 
enough for the molecules in the interior of the liquid to break free 
from their neighbors and enter the gas phase. As a result, bubbles 
of vapor form within the liquid. The boiling point increases as the 
external pressure increases. The boiling point of a liquid at 101.3 kPa 
pressure is called its normal boiling point. From Figure 11.25 we 
see that the normal boiling point of water is 100°C. 
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The time required to cook food in boiling water depends on the water temperature. 
In an open container, that temperature is 100 °C, but it is possible to boil at higher tem- 
peratures. Pressure cookers work by allowing steam to escape only when it exceeds a 
predetermined pressure; the pressure above the water can therefore increase above atmo- 
spheric pressure. The higher pressure causes the water to boil at a higher temperature, 
thereby allowing the food to get hotter and to cook more rapidly. 

The effect of pressure on boiling point also explains why it takes longer to cook food 
at high elevations than it does at sea level. The atmospheric pressure is lower at higher 
altitudes, so water boils at a temperature lower than 100 °C, and foods generally take lon- 


ger to cook. 
A CLOSER LOOK QU GHHETSTRSA ENT eo 
Notice that the plots in Figure 11.25 have a distinct shape: For each 7 


substance, the vapor-pressure curves sharply upward with increasing 
temperature. The relationship between vapor pressure and tempera- 
ture is given by the Clausius—Clapeyron equation: 


Slope = —AH,,,,/R 


AH. vap 
ie [11.1] 6 
RT 


where P is the vapor pressure, T is the absolute temperature, R is the 

gas constant (8.314 J/mol K), AH, p is the molar enthalpy of vaporiza- 

tion, and C is a constant. This equation predicts that a graph ofInP InP 5 
versus 1/T should give a straight line with a slope equal to AHyap/R. 

Using this plot, we can determine the enthalpy of vaporization of a 

substance: 


InP= 


AHyap = slope X R 4 


As an example of how we use the Clausius-Clapeyron equa- 
tion, the vapor-pressure data for ethanol shown in Figure 11.25 are 
graphed as In P versus 1/T in Figure 11.26. The data lie on a straight 
line with a negative slope. We can use the slope to determine AHyap 3 
for ethanol, 38.56 kJ/mol. We can also extrapolate the line to obtain 0.0028 0.0030 0.0032 0.0034 
the vapor pressure of ethanol at temperatures above and below the 
temperature range for which we have data. 1/T (1/8) 
Related Exercises: 11.91-11.93 


A Figure 11.26 The natural logarithm of vapor pressure versus 1/T 
for ethanol. 


> Sample Exercise 11.4 > 


D Relating Boiling Point to Vapor Pressure 


Use Figure 11.25 to estimate the boiling point of diethyl ether under an external pressure of 80 kPa atm. 


SOLUTION Comment We can make a flask of diethyl ether boil at room tem- 

Analyze We are asked to read a graph of vapor pressure versus perature byusing a Vacuum pump'to ower thé préssureaboveithe 
f A : liquid to about 81 kPa. 

temperature to determine the boiling point of a substance at a par- 

ticular pressure. The boiling point is the temperature at which the 

vapor pressure is equal to the external pressure. 

Plan We estimate the location of that pressure on the graph, > Practice Exercise 

OVE: horizontally to the YAPO F DESssure curve, and then drop Use Figure 11.25 to determine the external pressure if ethanol 

vertically from the curve to estimate the temperature. boils at 60°C 


Solve The pressure equals 81 kPa. From Figure 11.25 we see that 
the boiling point at this pressure is about 27 °C, which is close to 
room temperature. 
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Self-Assessment Exercise 
11.24 Which compound is more volatile at 25 °C: CC14 or CBr4? 


(a) CCl, 
(b) CBr, 
Exercises 
11.25 Hydrogen peroxide, H207, has a normal boiling point of the air pressure is significantly less than 101.3 kPa, so the 
150°C. Based on the data given in Figure 11.25, would you boiling point of water is much lower than at sea level. 
expect hydrogen peroxide to have a higher or lower vapor (d) High in the mountains, the air pressure is significantly 
pressure than water at 25 °C? less than 101.3 kPa, so the boiling point of water is much 
11.26 True or false: (a) CBr, is more volatile than CCl,. (b) CBr, higher than at sea level. 
has a higher boiling point than CCl. (c) CBr, has weaker 11.28 Appendix B lists the vapor pressure of water at various 
intermolecular forces than CCly. (d) CBr, has a higher va- external pressures. (a) Plot the data in Appendix B, va- 
por pressure at the same temperature than CCl4. por pressure versus temperature (°C). From your plot, 
11.27 You are high up in the mountains and boil water to make estimate the vapor pressure of water at body tempera- 


some tea. However, when you drink your tea, it is not as hot 
as it should be. You try again and again, but the water is just 
not hot enough to make a hot cup of tea. Which is the best 
explanation for this result? (a) High in the mountains, it is 
probably very dry, and so the water is rapidly evaporating 
from your cup and cooling it. (b) High in the mountains, it 
is probably very windy, and so the water is rapidly evaporat- 
ing from your cup and cooling it. (c) High in the mountains, 


ture, 37 °C. (b) Explain the significance of the data point 
at 101.3 kPa, 100°C. (c) A city at an altitude of 1525 m 
above sea level has a barometric pressure of 84.3 kPa. To 
what temperature would you have to heat water to boil 
it in this city? (d) A city at an altitude of 150 m below sea 
level would have a barometric pressure of 103.14 kPa. To 
what temperature would you have to heat water to boil it 
in this city? 
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11.6 | Phase Diagrams 


Who would have thought that ice skating is all about the solid-liquid phase change 
in water! The weight of a person bearing on the thin blade of an ice skate generates a 
considerable pressure under the blade. Sufficient to temporarily melt the ice and dras- 
tically reduce the friction under the blade. The skater can glide fast and apparently 
effortlessly across the rink. As soon as the pressure on the water is released, it refreezes. 
By the end of this section, you should be able to 


e Interpret the phase diagram of a substance 


The equilibrium between a liquid and its vapor is not the only dynamic equilib- 
rium that can exist between states of matter. Under appropriate conditions, a solid can 
be in equilibrium with its liquid or even with its vapor. The temperature at which solid 
and liquid phases coexist at equilibrium is the melting point of the solid or the freezing 
point of the liquid. Solids can also undergo evaporation and therefore possess a vapor 
pressure. 

A phase diagram is a graphic way to summarize the conditions under which equi- 
libria exist between the different states of matter. Such a diagram also allows us to predict 
which phase of a substance is present at any given temperature and pressure. 

The phase diagram for any substance that can exist in all three phases of matter 
is shown in Figure 11.27. The diagram contains three important curves, each of which 
represents the temperature and pressure at which the various phases can coexist at equi- 
librium. The only substance present in the system is the one whose phase diagram is 
under consideration. The pressure shown in the diagram is either the pressure applied 
to the system or the pressure generated by the substance. The curves may be described 
as follows: 


1. The red curve is the vapor-pressure curve of the liquid, representing equilibrium be- 
tween the liquid and gas phases. The point on this curve where the vapor pressure 
is 101.3 kPa is the normal boiling point of the substance. The vapor-pressure curve 
ends at the critical point (C), which corresponds to the critical temperature and 


about the temperature? 
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W CA Imagine that the pressure on the solid phase in the figure is decreased at 
constant temperature. If the solid eventually sublimes, what must be true 


Melting 


F $ 
Solid reezing 


Pressure 


Vaporization 


A Figure 11.27 Generic phase diagram for a pure substance. The green line is the sublimation 
curve, the blue line is the melting curve, and the red line is the vapor-pressure curve. 


Supercritical | 


Temperature 
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> Figure 11.28 Phase diagram of H20. 
Note that a linear scale is used to represent 
temperature and a logarithmic scale to 
represent pressure. 


critical pressure of the substance. At temperatures and pressures beyond the critical 
point, the liquid and gas phases are indistinguishable from each other, and the sub- 
stance is a supercritical fluid. 


2. The green curve, the sublimation curve, separates the solid phase from the gas phase 
and represents the change in the vapor pressure of the solid as it sublimes at dif- 
ferent temperatures. Each point on this curve represents a condition of equilibrium 
between the solid and the gas. 


3. The blue curve, the melting curve, separates the solid phase from the liquid phase 
and represents the change in melting point of the solid with increasing pressure. 
Each point on this curve represents an equilibrium between the solid and the liq- 
uid. This curve usually slopes slightly to the right as pressure increases for most 
substances because the solid form is denser than the liquid form. An increase in 
pressure usually favors the more compact solid phase; thus, higher temperatures are 
required to melt the solid at higher pressures. The melting point at 101.3 kPa is the 
normal melting point. 


Point T, where the three curves intersect, is the triple point, and here all three 
phases are in equilibrium. Any other point on any of the three curves represents equi- 
librium between two phases. Any point on the diagram that does not fall on one of the 
curves corresponds to conditions under which only one phase is present. The gas phase, 
for example, is stable at low pressures and high temperatures, whereas the solid phase is 
stable at low temperatures and high pressures. Liquids are stable in the region between 
the other two. 


The Phase Diagrams of H2O and CO, 


Figure 11.28 shows the phase diagram of H,O. Because of the large range of pressures cov- 
ered in the diagram, a logarithmic scale is used to represent pressure. The melting curve 
(blue line) of H,O is atypical, slanting slightly to the left with increasing pressure, indi- 
cating that for water the melting point decreases with increasing pressure. This unusual 
behavior occurs because water is among the very few substances whose liquid form is 
more compact than its solid form, as we learned in Section 11.2. 

If the pressure is held constant at 101.3 kPa, it is possible to move from the solid 
to liquid to gaseous regions of the phase diagram by changing the temperature, as 
we expect from our everyday encounters with water. The triple point of H,O falls at 
a relatively low pressure, 0.611 kPa. Below this pressure, liquid water is not stable and 
ice sublimes to water vapor on heating. This property of water is used to “freeze-dry” 
foods and beverages. The food or beverage is frozen to a temperature below 0 °C. Next 
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< Figure 11.29 Phase diagram of C03. 
Note that a linear scale is used to represent 
temperature and a logarithmic scale to 
Supercritical represent pressure. 


Pressure (kPa) 


1 E See 
—200 —100 0 100 200 
Temperature (°C) 


it is placed in a low-pressure chamber (below 0.611 kPa) and then warmed so that the 
water sublimes, leaving behind dehydrated food or beverage. 

The phase diagram for CO; is shown in Figure 11.29. The melting curve (blue line) 
behaves typically, slanting to the right with increasing pressure, telling us that the 
melting point of CO, increases with increasing pressure. Because the pressure at the tri- 
ple point is relatively high, 517.8 kPa, CO, does not exist as a liquid at 101.3 kPa, which 
means that solid CO, does not melt when heated, but instead sublimes. Thus, CO, does 
not have a normal melting point; instead, it has a normal sublimation point, —78.5 °C. 
Because CO, sublimes rather than melts as it absorbs energy at ordinary pressures, solid 
CO, (dry ice) is a convenient coolant. 


Sample Exercise 11.5 


Interpreting a Phase Diagram 


Use the phase diagram for methane, CH4, shown in Figure 11.30 
to answer the following questions. (a) What are the approximate : tae 
temperature and pressure of the critical point? (b) What are 10 Supercritical 


ud 


the approximate temperature and pressure of the triple point? 4 
(c) Is methane a solid, liquid, or gas at 100 kPa and 0 °C? 10 
(d) If solid methane at 100 kPa is heated while the pressure 
is held constant, will it melt or sublime? (e) If methane at 
100 kPa and 0°C is compressed until a phase change 
occurs, in which state is the methane when the compression 
is complete? 


Pressure (kPa) 
m. 
=] 
N 


SOLUTION 


Analyze We are asked to identify key features of the phase diagram 
and to use it to deduce what phase changes occur when specific 
pressure and temperature changes take place. 


Plan We must identify the triple and critical points on the dia- 1072 a! 
gram and also identify which phase exists at specific temperatures —200 —100 0 100 
and pressures. Temperature (°C) 
A Figure 11.30 Phase diagram of CH4. Note that a linear scale is used 
to represent temperature and a logarithmic scale to represent pressure. 


Continued 
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Solve 
(a) The critical point is the point where the liquid, gaseous, and 


(b 


= 


(c) 


(d 


Sa 


supercritical fluid phases coexist. It is marked point 3 in the 
phase diagram and located at approximately —80 °C and 
5066 kPa. 

The triple point is the point where the solid, liquid, and gas- 
eous phases coexist. It is marked point 1 in the phase diagram 
and located at approximately —180 °C and 10 kPa. 

The intersection of 0°C and 1 atm is marked point 2 in the 
phase diagram. It is well within the gaseous region of the 
phase diagram. 

If we start in the solid region at P = 100 kPa and move 
horizontally (this means we hold the pressure constant), we 
cross first into the liquid region, at T ~ —180°C, and then 
into the gaseous region, at T ~ —160°C. Therefore, solid 
methane melts when the pressure is 100 kPa. (For methane 
to sublime, the pressure must be below the triple point 
pressure.) 


Self-Assessment Exercise 


11.29 What phases are present at the triple point of a phase 


diagram? 

(a) solid and liquid 

(b) solid and gas 

(c) liquid and gas 

(d) solid, liquid, and gas 


(e) Moving vertically up from point 2, which is 100 kPa and 
0°C, the first phase change we come to is from gas to super- 
critical fluid. This phase change happens when we exceed 
the critical pressure (~ 5066 kPa). 


Check The pressure and temperature at the critical point 

are higher than those at the triple point, which is expected. 
Methane is the principal component of natural gas. So it seems 
reasonable that it exists as a gas at 1 atm and 0°C. 


> Practice Exercise 
Use the phase diagram of methane to answer the following 
questions. (a) What is the normal boiling point of methane? 
(b) Over what pressure range does solid methane sublime? 
(c) Above what temperature does liquid methane not exist? 


Exercises 


11.30 (a) What is the significance of the critical point in a phase 


11.31 


diagram? (b) Why does the line that separates the gas and 
liquid phases end at the critical point? 


Referring to Figure 11.29, describe the phase changes (and 
the temperatures at which they occur) when CO, is heated 
from —80 to —20°C at (a) a constant pressure of 300 kPa, 
(b) a constant pressure of 600 kPa. 


11.32 The phase diagram for neon is 


Liquid Supercritical 


fluid 


Critical point 


Pressure (kPa) 


Temperature (K) 


11.33 


Use the phase diagram to answer the following questions. 
(a) What is the approximate value of the normal melting 
point? (b) Over what pressure range will solid neon sub- 
lime? (c) At room temperature (T = 25 °C) can neon be 
liquefied by compressing it? 


At 25°C gallium is a solid with a density of 5.91 g/cm’, Its 
melting point, 29.8 °C, is low enough that you can melt it 
by holding it in your hand. The density of liquid gallium 
just above the melting point is 6.1 g/cm’. Based on this in- 
formation, what unusual feature would you expect to find 
in the phase diagram of gallium? 
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11.7 | Liquid Crystals 


Electronic paper (e-paper) is based on cholesteric liquid crystal technology. It is able to 
mimic the appearance of ordinary ink on paper and has numerous potential uses includ- 
ing thin displays on walls, electronic labels, and electronic book readers. It takes very lit- 
tle power to change the orientation of the liquid crystal molecules and, hence, affect the 
optical properties of the device. 

By the end of this section, you should be able to 


e Recognize the features of a molecule that make it a potential liquid crystal and the 
different liquid crystal phases that it may adopt. 


In 1888, Friedrich Reinitzer, an Austrian botanist, discovered that the organic 
compound cholesteryl benzoate has an interesting and unusual property, shown in 
Figure 11.31. Solid cholesteryl benzoate melts at 145 °C, forming a viscous milky liquid; 
then at 179°C the milky liquid becomes clear and remains that way at temperatures 
above 179 °C. When cooled, the clear liquid turns viscous and milky at 179 °C, and the 
milky liquid solidifies at 145 °C. 

Reinitzer’s work represents the first systematic report of what we call a liquid crys- 
tal, the term we use today for the viscous, milky state that some substances exhibit 
between the liquid and solid states. 

This intermediate phase has some of the structure of solids and some of the freedom 
of motion of liquids. Because of the partial ordering, liquid crystals may be viscous and 
possess properties intermediate between those of solids and those of liquids. The region 
in which they exhibit these properties is marked by sharp transition temperatures, as in 
Reinitzer’s sample. Just like solid, liquid, and gas phases, the liquid crystalline phase is 
represented by a distinct region on a phase diagram. 

Today liquid crystals are used as pressure and temperature sensors and as liquid crys- 
tals displays (LCDs) in such devices as digital watches, televisions, and computers. They 
can be used for these applications because the weak intermolecular forces that hold the 
molecules together in the liquid crystalline phase are easily affected by changes in tem- 
perature, pressure, and electric fields. 


Types of Liquid Crystals 


Substances that form liquid crystals are often composed of rod-shaped molecules that 
are somewhat rigid. In the liquid phase, these molecules are oriented randomly. In the 
liquid crystalline phase, by contrast, the molecules are arranged in specific patterns as 
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145 °C < T < 179°C 
Liquid crystalline phase 


T >179°C 
Liquid phase 


A Figure 11.31 Cholesteryl benzoate in its 
liquid and liquid crystalline states. 
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Nematic liquid Smectic A liquid Smectic C liquid Cholesteric liquid 
crystalline phase crystalline phase crystalline phase crystalline phase 
Long axes of Molecules aligned Molecules aligned Molecules pack into 


molecules 


aligned, but ends 


are not aligned 


in layers, long 
axes of molecules 
perpendicular to 
layer planes 


in layers, long 
axes of molecules 
inclined with 
respect to layer 
planes 


layers, long axes of 
molecules in one layer 
rotated relative to the 
long axes in the layer 
above it 


A Figure 11.32 Molecular order in nematic, smectic, and cholesteric liquid crystals. In the liquid phase 
of any substance, the molecules are arranged randomly, whereas in the liquid crystalline phases the 
molecules are arranged in a partially ordered way. 


Double bonds 
provide rigidity 


Gio py C=N K CHo  21-47°C | | 
Sa 7 f — = - sf = 


a ~ 


illustrated in Figure 11.32. Depending on the nature of the ordering, liquid crystals are 
classified as nematic, smectic A, smectic C, or cholesteric. 

In a nematic liquid crystal, the molecules are aligned so that their long axes tend 
to point in the same direction but the ends are not aligned with one another. In smec- 
tic A and smectic C liquid crystals, the molecules maintain the long-axis alignment 
seen in nematic crystals, but in addition they pack into layers. 

Two molecules that exhibit liquid crystalline phases are shown in Figure 11.33. 
The lengths of these molecules are much greater than their widths. The double 
bonds, including those in the benzene rings, add rigidity to the molecules, and the 
rings, because they are flat, help the molecules stack with one another. The polar 
—OCH;3 and —COOH groups give rise to dipole-dipole interactions and promote 
alignment of the molecules. Thus, the molecules order themselves quite naturally 
along their long axes. They can, however, rotate around their axes and slide paral- 
lel to one another. In smectic liquid crystals, the intermolecular forces (dispersion 


Benzene rings allow 
molecules to stack easily 
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A Figure 11.33 Molecular structure and liquid crystal temperature range for two typical liquid 


crystalline materials. 
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forces, dipole-dipole attractions, and hydrogen bonding) limit the ability of the 
molecules to slide past one another. 

In a cholesteric liquid crystal, the molecules are arranged in layers, with 
their long axes parallel to the other molecules within the same layer.* Upon moving 
from one layer to the next, the orientation of the molecules rotates by a fixed angle, 
resulting in a spiral pattern. These liquid crystals are so named because many deriva- 


tives of cholesterol adopt this structure. 


CHEMISTRY AND LIFE WACTER Se SENS 


Liquid crystals displays (LCDs) are widely used in electronic devices 
such as watches, calculators and computer screens. These applica- 
tions are possible because an applied electrical field changes the 
orientation of liquid crystal molecules and thus affects the optical 
properties of the device. 

LCDs come in a variety of designs, but the structure illustrated 


in Figure 11.34 is typical. A thin layer (5-20 pm) of liquid crystalline 
material is placed between electrically conducting, transparent glass 
electrodes. Ordinary light passes through a vertical polariser that per- 
mits light in only the vertical plane to pass. Using a special process 
during fabrication, the liquid crystal molecules are oriented so that 
the molecules at the front electrode are oriented vertically and those 
at the back electrode horizontally. The orientation of the molecules 
in between the two electrodes varies systematically from vertical to 
horizontal, as shown in Figure 11.34. The plane of polarisation of the 
light is turned by 90° as it passes through the liquid crystal layer and 
is thus in the correct orientation to pass through the horizontal pola- 
riser. In a watch display, a mirror reflects the light back, and the light 


Voltage off (bright) 


Ordinary Liquid crystal 


light 


(a) 1 eee 
Vertical Front Back 
polariser electrode electrode polariser | 
— 
b) <j—- Gf 


Liquid crystal 
Voltage on (dark) 


Horizontal Reflector 


retraces its path, allowing the device to look bright. When a voltage 
is applied to the plates the liquid crystalline molecules align with the 
voltage, as shown in Figure 11.34. The light rays thus are not properly 
oriented to pass through the horizontal polariser, and the device ap- 
pears dark. Displays of this kind are called ‘twisted nematic’. As the 
name implies, materials that order as nematic liquid crystals are used 
for this application. 

Liquid crystal displays for computer and televisions employ a 
light source in place of the reflector, but the principle is the same. 
The screen is divided into a large number of tiny cells, with the volt- 
ages at points on the screen surface controlled by transistors made 
from thin films of amorphous silicon. Red-green-blue colour filters 
are employed to provide full colour. The entire display is refreshed at 
a frequency of about 60 Hz, so the display can change rapidly with re- 
spect to the response time of the human eye. Displays of this kind are 
remarkable technical achievements based on a combination of basic 
scientific discovery and creative engineering. 

Related Exercises: 11.86, 11.87 


< FIGURE 11.34 Schematic illustration of the operation 
of a twisted nematic liquid crystal display (LCD). (a) 
When the voltage is off, the molecules in the liquid 
crystal are aligned so that they rotate the polarisation 
of the light by 90°. This alignment allows light to pass 
through both the vertical and horizontal polarisers 
before being reflected and retracing its path to give 

a bright display. (b)When a voltage is applied to the 
electrodes the liquid crystal molecules align parallel to 
the light path. In this state the light retains the vertical 
polarisation and cannot pass through the horizontal 
polariser. The area covered by the front electrode 
therefore appears dark. 


f 


The molecular arrangement in cholesteric liquid crystals produces unusual coloring 


patterns with visible light. Changes in temperature and pressure change the order and, 
hence, the color. Cholesteric liquid crystals are used to monitor temperature changes in 
situations where conventional methods are not feasible. For example, they can detect hot 
spots in microelectronic circuits, which may signal the presence of flaws. They can also 
be fashioned into thermometers for measuring the skin temperature of infants. Because 
cholesteric liquid crystal displays can be built that draw very little power, they are also 
being investigated for use in electronic paper. Such applications are possible because 
an applied electrical field changes the orientation of liquid crystal molecules and thus 
affects the optical properties of the device. 


*Cholesteric liquid crystals are sometimes called chiral nematic phases because the molecules 
within each plane adopt an arrangement similar to a nematic liquid crystal. 
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SA Sample Exercise 11.6 
lt Properties of Liquid Crystals 


Which of these substances is most likely to exhibit liquid crystalline behavior? 


CH; 


| fe) fe) 
CH,;— CH,—C—CH,— CH; | | 
| CH;CH; N=N C—OCH, CH)—C—O-Nat 
CH; 


(i) (ii) 


SOLUTION 


Analyze We have three molecules with different structures, and 
we are asked to determine which one is most likely to be a liquid 
crystalline substance. 


Plan We need to identify all structural features that might induce 
liquid crystalline behavior. 


Solve Molecule (i) is not likely to be liquid crystalline because 

the absence of double and/or triple bonds makes this molecule 
flexible rather than rigid. Molecule (iii) is ionic, and the generally 
high melting points of ionic materials make it unlikely that this 
substance is liquid crystalline. Molecule (ii) possesses the charac- 
teristic long axis and the kinds of structural features often seen 

in liquid crystals: The molecule has a rod-like shape, the double 
bonds and benzene rings provide rigidity, and the polar COOCH; 
group creates a dipole moment. 


a Sample Integrative Exercise 
D Putting Concepts Together 


(iii) 


> Practice Exercise 


Liquid crystalline phases are produced by which of the 
following? 

(a) short, flexible molecules 

(b) complete lack of order among molecules 

(c) three-dimensional order among molecules 

(d) highly branched molecules 

(e) rod-shaped molecules 


The substance CS, has a melting point of -110.8°C and a boiling point of 46.3 °C. Its density at 20°C is 1.26 g/cm?. It is 
highly flammable. (a) What is the name of this compound? (b) List the intermolecular forces that CS molecules exert on one 
another. (c) Write a balanced equation for the combustion of this compound in air. (You will have to decide on the most likely 
oxidation products.) (d) The critical temperature and pressure for CS» are 552 K and 7903.3 kPa, respectively. Compare these 
values with those for CO; in Table 11.5 and discuss the possible origins of the differences. 


SOLUTION 


(a) The compound is named carbon disulfide, in analogy with the 
naming of other binary molecular compounds such as carbon 
dioxide. 


(b) Because there is no H atom, there can be no hydrogen bond- 
ing. If we draw the Lewis structure, we see that carbon forms 
double bonds with each sulfur: 


s=C=§ 


Using the VSEPR model, we conclude that the molecule is 
linear and therefore has no dipole moment. Thus, there are no 
dipole-dipole forces. Only dispersion forces operate between 
the CS, molecules. 


(c) The most likely products of the combustion will be CO, and 
SO,. Under some conditions, SO might be formed, but this 
would be the less likely outcome. Thus, we have the following 
equation for combustion: 


CS2(1) + 3 Ox(g) > CO2(g) + 2 SO2(g) 


(d) The critical temperature and pressure of CS, (552 K and 
7903.3 kPa, respectively) are both higher than those given for 
CO, in Table 11.5 (304 K and 7396.7 kPa, respectively). The 
difference in critical temperatures is especially notable. The 
higher values for CS, arise from the greater dispersion attrac- 
tions between the CS, molecules compared with CO3. These 
greater attractions are due to the larger size of the sulfur com- 
pared to oxygen and, therefore, its greater polarizability. 
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Self-Assessment Exercise 


11.34 Which of the following substances is most likely to form a 
liquid crystal phase? 


/ 
(a) N 


(b) 


O 
Ç? 
Lo 


Exercises 
11.35 In terms of the arrangement and freedom of motion of the (a) One of these graphs shows data for a liquid crystalline 
molecules, how are the nematic liquid crystalline phase and material. Which one? (b) In graph A, what process does the 
an ordinary liquid phase similar? How are they different? 2-3 line segment correspond to? (c) In graph B, what pro- 


cess does the 2-3 line segment correspond to? (d) In graph 
A, what process does the 3-4 line segment correspond to? 
(e) In graph B, what process does the 3-4 line segment 
correspond to? 


11.36 Two heating curves, A and B, are shown. In both cases, 
point 1 corresponds to the crystalline solid phase. 


f 11.37 Describe how a cholesteric liquid crystalline phase differs 
from a smectic A liquid crystalline phase. 

11.38 The smectic liquid crystalline phase can be said to be more 
5 highly ordered than the nematic phase. In what sense is 
S this true? 

a. 
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; 


Chapter Summary and Key Terms 


A MOLECULAR COMPARISON OF GASES, LIQUIDS, AND SOLIDS 
(SECTION 11.1) Substances that are gases or liquids at room tem- 
perature are usually composed of molecules. In gases, the intermolec- 
ular attractive forces are negligible compared to the kinetic energies 
of the molecules; thus, the molecules are widely separated and un- 
dergo constant, chaotic motion. In liquids, the intermolecular forces 
are strong enough to keep the molecules in close proximity; never- 
theless, the molecules are free to move with respect to one another. 
In solids, the intermolecular attractive forces are strong enough to re- 
strain molecular motion and to force the particles to occupy specific 
locations in a three-dimensional arrangement. 


INTERMOLECULAR FORCES (SECTION 11.2) Threetypes ofintermo- 
lecular forces exist between neutral molecules: dispersion forces, dipole— 
dipole interactions, and hydrogen bonding. Dispersion forces operate be- 
tween all molecules (and atoms, for atomic substances such as He, Ne, 
Ar, and so forth). As molecular weight increases, the polarizability of a 
molecule increases, which results in stronger dispersion forces. Molec- 
ular shape is also an important factor. Dipole-dipole forces increase in 
strength as the polarity of the molecule increases. Hydrogen bonding 
occurs in compounds containing O—H, N—H, and F—H bonds. 
Hydrogen bonds are generally stronger than dipole-dipole or disper- 
sion forces. lon-dipole forces are important in solutions in which ionic 
compounds are dissolved in polar solvents. 


SELECT PROPERTIES OF LIQUIDS (SECTION 11.3) The stronger 
the intermolecular forces, the greater is the viscosity, or resistance to 
flow, of a liquid. Surface tension is a measure of the tendency of a liq- 
uid to maintain a minimum surface area. The surface tension of a liq- 
uid also increases as intermolecular forces increase in strength. The 
adhesion of a liquid to the walls of a narrow tube and the cohesion of 
the liquid account for capillary action. 


PHASE CHANGES (SECTION 11.4) A substance may exist in more 
than one state of matter, or phase. Phase changes are transformations 
from one phase to another. Changes of a solid to liquid (melting), 
solid to gas (sublimation), and liquid to gas (vaporization) are all 
endothermic processes. Thus, the heat of fusion (melting), the heat 
of sublimation, and the heat of vaporization are all positive quantities. 
The reverse processes (freezing, deposition, and condensation) are 
exothermic. 

A gas cannot be liquefied by application of pressure if the tem- 
perature is above its critical temperature. The pressure required to 


liquefy a gas at its critical temperature is called the critical pressure. 
When the temperature exceeds the critical temperature and the pres- 
sure exceeds the critical pressure, the liquid and gas phases coalesce 
to form a supercritical fluid. 


VAPOR PRESSURE (SECTION 11.5) The vapor pressure of a liquid 
is the partial pressure of the vapor when it is in dynamic equilibrium 
with the liquid. At equilibrium the rate of transfer of molecules from 
the liquid to the vapor equals the rate of transfer from the vapor to 
the liquid. The higher the vapor pressure of a liquid, the more read- 
ily it evaporates and the more volatile it is. Vapor pressure increases 
with temperature. Boiling occurs when the vapor pressure equals the 
external pressure. Thus, the boiling point of a liquid depends on pres- 
sure. The normal boiling point is the temperature at which the vapor 
pressure equals 101.3 kPa. 


PHASE DIAGRAMS (SECTION 11.6) The equilibria between the 
solid, liquid, and gas phases of a substance as a function of temperature 
and pressure are displayed on a phase diagram. A line indicates equilib- 
ria between any two phases. The line through the melting point usu- 
ally slopes slightly to the right as pressure increases, because the solid 
is usually more dense than the liquid. The melting point at 101.3 kPa 
is the normal melting point. The point on the diagram at which all three 
phases coexist in equilibrium is called the triple point. The critical point 
corresponds to the critical temperature and critical pressure. Beyond 
the critical point, the substance is a supercritical fluid. 


LIQUID CRYSTALS (SECTION 11.7) A liquid crystal is a substance 
that exhibits one or more ordered phases at a temperature above the 
melting point of the solid. In a nematic liquid crystal the molecules 
are aligned along a common direction, but the ends of the mole- 
cules are not lined up. In a smectic liquid crystal the ends of the mol- 
ecules are lined up so that the molecules form layers. In smectic A 
liquid crystals the long axes of the molecules line up perpendicular to 
the layers. In smectic C liquid crystals the long axes of molecules are 
inclined with respect to the layers. A cholesteric liquid crystal is com- 
posed of molecules that align parallel to each other within a layer, as 
they do in nematic liquid crystalline phases, but the direction along 
which the long axes of the molecules align rotates from one layer 
to the next to form a helical structure. Substances that form liquid 
crystals are generally composed of molecules with fairly rigid, elon- 
gated shapes, as well as polar groups to help align molecules through 
dipole-dipole interactions. 


Learning Outcomes After studying this chapter, you should be able to: 


e Identify the intermolecular attractive interactions (dispersion, 
dipole-dipole, hydrogen bonding, ion-dipole) that exist between 
molecules or ions based on their composition and molecular 
structure and compare the relative strengths of these intermolec- 
ular forces. (Section 11.2) Related Exercises: 11.7, 11.10, 11.51, 11.56 


e Explain the concept of polarizability and how it relates to 
dispersion forces. (Section 11.2) Related Exercises: 11.8, 11.9, 
11.52, 11.53 


e Explain the concepts of viscosity, surface tension, and capillary 
action. (Section 11.3) Related Exercises: 11.15, 11.61 


e List the names of the various changes of state for a pure sub- 
stance and indicate which are endothermic and which are exo- 
thermic. (Section 11.4) Related Exercises: 11.19, 11.75 


e Interpret heating curves and calculate the enthalpy changes re- 
lated to temperature changes and phase changes. (Section 11.4) 
Related Exercises: 11.22, 11.66 


e Define critical pressure, critical temperature, vapor pres- 
sure, normal boiling point, normal melting point, criti- 
cal point, and triple point. (Sections 11.4, 11.5, and 11.6) 
Related Exercises: 11.23, 11.26, 11.67, 11.69 


e Interpret and sketch phase diagrams. Explain how water’s 
phase diagram differs from most other substances and why. 
(Section 11.6) Related Exercises: 11.30, 11.31, 11.72, 11.73 


e Describe how the molecular arrangements characteristic of 
nematic, smectic, and cholesteric liquid crystals differ from 
ordinary liquids and from each other. Recognize the features 
of molecules that favor formation of liquid crystalline phases. 
(Section 11.7) Related Exercises: 11.35, 11.78, 11.79 
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Exercises 


Visualizing Concepts 


11.39 (a) Does the diagram best describe a crystalline solid, a liq- 
uid, or a gas? (b) Explain. [Section 11.1] 


@ 
@ 
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11.40 (a) Which kind of intermolecular attractive force is shown 
in each case here? 


(i) >... > n- 
o@Q---@Q D-O 


(b) Predict which of the four interactions is the weakest. 
[Section 11.2] 


11.41 (a) Do you expect the viscosity of glycerol, C3H;(OH)s, 
to be larger or smaller than that of 1-propanol, C3H7OH? 
(b) Explain. [Section 11.3] 


CPD AQ 


Glycerol 1-Propanol 

11.42 If 42.0 kJ of heat is added to a 32.0 g sample of liquid meth- 
ane under 101.3 kPa of pressure at a temperature of —170 °C, 
what are the final state and temperature of the methane 
once the system equilibrates? Assume no heat is lost to 
the surroundings. The normal boiling point of methane is 
—161.5 °C. The specific heats of liquid and gaseous meth- 
ane are 3.48 and 2.22 J/g K, respectively. [Section 11.4] 


P = 101.3 kPa 


— 


32.0 g CH, 
AH yap = 8.20 kJ/mol 
T= —170°C 


11.43 Using this graph of CS, data, 
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Temperature (°C) 


determine (a) the approximate vapor pressure of CS, 
at 30°C, (b) the temperature at which the vapor pres- 
sure equals 45 kPa, (c) the normal boiling point of CS». 
[Section 11.5] 


11.44 The molecules 


o e © a na 


Propanol Ethyl methyl ether 


have the same molecular formula (C3HgO) but different 
chemical structures. (a) Which molecule(s), if any, can 
engage in hydrogen bonding? (b) Which molecule do you 
expect to have a larger dipole moment? (c) One of these mol- 
ecules has a normal boiling point of 97.2 °C, while the other 
one has a normal boiling point of 10.8 °C. Assign each mole- 
cule to its normal boiling point. [Sections 11.2 and 11.5] 


11.45 The phase diagram of a hypothetical substance is 


100 F 


50 f 


Pressure (kPa) 


0 100 200 300 400 
Temperature (K) 


(a) Estimate the normal boiling point and freezing point of 
the substance. (b) Whatis the physical state of the substance 
under the following conditions? (i) T = 150K, P = 20 kPa; 
(ii) T=100K,P=80kPa; (iii) T = 300K,P = 100 kPa. 
(c) What is the triple point of the substance? [Section 11.6] 
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11.46 At three different temperatures, T,, T, and B, the molecules 
in a liquid crystal align in these ways: 


Nil 
J 


<= f Butane 2-Methylpropane 
11.55 1-Propanol(CH3CH,CH,OH) and 2-propanol[(CH3)CHOH], 
whose space-filling models are shown, have boiling points of 
97.2 and 82.5°C, respectively. Explain why the boiling point 
of 1-propanol is higher, even though both have the molecular 


(a) At which temperature or temperatures is the substance 
in a liquid crystalline state? At those temperatures, which 
type of liquid crystalline phase is depicted? (b) Which is the 
highest of these three temperatures? [Section 11.7] 


Molecular Comparisons of Gases, Liquids, and 
Solids (Section 11.1) 


11.47 


11.48 


11.49 


List the three states of matter in order of (a) increasing 
molecular disorder and (b) increasing intermolecular attrac- 
tion. (c) Which state of matter is most easily compressed? 


As a metal such as lead melts, what happens to (a) the aver- 
age kinetic energy of the atoms and (b) the average distance 
between the atoms? 


Benzoic acid, C6H5COOH, melts at 122°C. The density 
in the liquid state at 130°C is 1.08 g/cm?. The density of 
solid benzoic acid at 15 °C is 1.266 g/cm*. (a) In which of 
these two states is the average distance between molecules 
greater? (b) If you converted a cubic centimeter of liquid 
benzoic acid into a solid, would the solid take up more, or 
less, volume than the original cubic centimeter of liquid? 


Intermolecular Forces (Section 11.2) 


11.50 


(a) Which type of intermolecular attractive force operates 
between all molecules? (b) Which type of intermolecular 
attractive force operates only between polar molecules? 
(c) Which type of intermolecular attractive force operates 
only between the hydrogen atom of a polar bond and a 
nearby small electronegative atom? 


11.56 


11.57 


11.58 


formula, C3HgO. 


1-Propanol 


2-Propanol 


Rationalize the difference in boiling points in each pair: 
(a) (CH3)20(—23°C) and CH3CH,OH (78°C), (b) 
CO, (—78.5 °C) and CS, (46.2 °C), (c) CH3COCHS3 (50.5 °C) 
and CHCOOH (101 °C). 


Ethylene glycol (HOCH,CH,OH), the major substance in 
antifreeze, has a normal boiling point of 198°C. By 
comparison, ethanol (CH3;CH2OH) boils at 78°C at 
atmospheric pressure. Ethylene glycol dimethyl ether 
(CH30CH,CH,0OCHs3) has a normal boiling point of 83 °C, 
and ethyl methyl ether (CH;CH2,OCH3) has a normal 
boiling point of 11°C. (a) Explain why replacement of a 
hydrogen on the oxygen by a CH; group generally results 
in a lower boiling point. (b) What are the major factors 
responsible for the difference in boiling points of the two 
ethers? 


Look up and compare the normal boiling points and nor- 
mal melting points of H2O and H3S. Based on these physical 
properties, which substance has stronger intermolecular 
forces? What kinds of intermolecular forces exist for each 
molecule? 


11.59 A number of salts containing the tetrahedral polyatomic 
11.51 Describe the intermolecular forces that must be overcome anion, BF,, are ionic liquids, whereas salts containing the 
to convert these substances from a liquid to a gas: (a) CF4, somewhat larger tetrahedral ion $O,7~ do not form ionic 
(b) NH3, (c) BCl3. liquids. Explain this observation. 
11.52 (a) List the following molecules in order of increasing polar- 
izability: GeCl,, CHa, SiCl,, SiH4, and GeBry. (b) Predict the Select Properties of Liquids (Section 11.3) 
order öfboiling poms ofthe substances: part (a); 11.60 (a) What is the relationship between surface tension and 
11.53 Which member in each pair has the greater dispersion temperature? (b) What is the relationship between viscos- 
forces? (a) CHOH or CH3CH,OH, (b) NH; or N(CH3)3, ity and temperature? (c) Why do substances with high sur- 
(c) CH2Clz or CH2Brp. face tension also tend to have high viscosities? 
11.54 Butane and 2-methylpropane, whose space-filling mod- 11.61 Liquids can interact with flat surfaces just as they can with 


els are shown here, are both nonpolar and have the same 
molecular formula, C4yHj9, yet butane has the higher boil- 
ing point (—0.5 °C compared to —11.7 °C). Explain. 


capillary tubes; the cohesive forces within the liquid can be 
stronger or weaker than the adhesive forces between liquid 
and surface: 


(i) 


p-  — N 


(ii) 


(a) In which of these diagrams, i or ii, do the adhesive forces 
between surface and liquid exceed the cohesive forces 
within the liquid? (b) Which of these diagrams, i or ii, rep- 
resents what happens when water is on a nonpolar surface? 
(c) Which of these diagrams, i or ii, represents what hap- 
pens when water is on a polar surface? 


11.62 The boiling points, surface tensions, and viscosities of 
water and several alcohols are as shown in this table: 


Boiling Surface 


Point Tension Viscosity 

(°c) (i/m?) (kg/m s) 
Water, 3O 100 73x10? 09x10% 
Ethanol, CH3;CH,0H 78 23x102 1.1 x 10% 
1-Propanol, CH;CH,CH,OH SW Dal se Or2 BD s< 10-2 


1-Butanol, CH;CH,CH,CH,OH 117 2.6 x 102 2.6 Xx 10° 
Ethylene glycol, HOCH,CH,OH 197 4.8 x 10% 26x 10% 


(a) From ethanol to 1-propanol to 1-butanol the boiling 
points, surface tensions, and viscosities all increase. What 
is the reason for this increase? (b) How do you explain 
the fact that 1-propanol and ethylene glycol have sim- 
ilar molecular weights (60 versus 62 u), yet the viscosity 
of ethylene glycol is more than 10 times larger than 
1-propanol? (c) How do you explain the fact that water 
has the highest surface tension but the lowest viscosity? 


Phase Changes (Section 11.4) 


11.63 Name the phase transition in each of the following situa- 
tions and indicate whether it is exothermic or endothermic: 
(a) Ice-cream melts at room temperature. (b) Potato slices 
become crisp when fried. (c) Droplets of water appear on 
the lid of a food container containing freshly baked bread. 
(d) You can see your own breath on a cold day. 


11.64 (a) What phase change is represented by the “heat of vapor- 
ization” of a substance? (b) Is the process of vaporization 
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endothermic or exothermic? (c) If you compare a sub- 
stance’s heat of vaporization to the amount of heat released 
during condensation, which one is generally larger (con- 
sider the numerical value only)? 


11.65 For many years drinking water has been cooled in hot cli- 
mates by evaporating it from the surfaces of canvas bags or 
porous clay pots. How many grams of water can be cooled 
from 35 to 20°C by the evaporation of 60 g of water? (The 
heat of vaporization of water in this temperature range is 
2.4kJ/g. The specific heat of water is 4.18 J/g K.) 


11.66 Due to the environmental concern of fluorocarbons as refrig- 
erants, a refrigerant based on a mixture of hydrocarbons was 
used as a replacement. It is a patented blend of ethane, pro- 
pane, butane, and isobutane. Isobutane has a normal boiling 
point of —12 °C. The molar specific heat of liquid phase and 
gas phase isobutane are 129.7 J/mol K and 95.2 J/mol K 
respectively. The heat of vaporization for this compound is 
21.3 kJ/mol. Calculate the heat required to convert 25.0 g of 
isobutane from a liquid at —50 °C to a gas at 40 °C. 


11.67 The critical temperatures and pressures of a series of haloge- 
nated methanes are as follows: 


Compound CCI3F CCILF, CCIF; CF, 
Critical temperature (K) 471 385 302 227 
Critical pressure (MPa) 4.41 4.11 3.87 3.75 


(a) List the intermolecular forces that occur for each 
compound. (b) Predict the order of increasing intermo- 
lecular attraction, from least to most, for this series of 
compounds. (c) Predict the critical temperature and pres- 
sure for CCl, based on the trends in this table. Look up 
the experimentally determined critical temperatures and 
pressures for CCl, using a source such as the CRC Hand- 
book of Chemistry and Physics, and suggest a reason for any 
discrepancies. 


Vapor Pressure (Section 11.5) 


11.68 Which of the following affects the vapor pressure of a liq- 
uid? (a) Volume of the liquid, (b) surface area, (c) intermo- 
lecular attractive forces, (d) temperature, (e) density of the 
liquid. 

11.69 (a) Place the following substances in order of increasing 
volatility: CH4, CBr4, CH2C12, CH3Cl, CHBr3, and CH Br. 
(b) How do the boiling points vary through this series? 
(c) Explain your answer to part (b) in terms of intermolec- 
ular forces. 


11.70 (a) Two pans of water are on different burners of a stove. 
One pan of water is boiling vigorously, while the other is 
boiling gently. What can be said about the temperature of 
the water in the two pans? (b) A large container of water 
and a small one are at the same temperature. What can be 
said about the relative vapor pressures of the water in the 
two containers? 


11.71 Using the vapor-pressure curves in Figure 11.25, (a) estimate 
the boiling point of diethyl ether at an external pressure 
of 133.7 kPa, (b) estimate the external pressure at which 
ethylene glycol will boil at 100°C, (c) estimate the boiling 
point of ethanol at 26.7 kPa, (d) estimate the external pres- 
sure at which water will boil at 80 °C. 
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Phase Diagrams (Section 11.6) 


11.72 (a) What is the significance of the triple point in a phase 
diagram? (b) Could you measure the triple point of 
water by measuring the temperature in a vessel in which 
water vapor, liquid water, and ice are in equilibrium under 
101.32 kPa of air? Explain. 


11.73 Referring to Figure 11.28, describe all the phase changes 
that would occur in each of the following cases: (a) Water 
vapor originally at 500 Pa and —0.5°C is slowly com- 
pressed at constant temperature until the final pressure is 
2000 kPa. (b) Water originally at 100.0°C and 50 kPa is 
cooled at constant pressure until the temperature is —10 °C. 


11.74 Use the phase diagram of neon to answer the following 
questions. (a) What would you observe when the pressure 
of neon is reduced from 101.3 kPa to 0.1013 kPa at 20 K? 
(b) What can you say about the strength of the intermolec- 
ular forces in neon and krypton based on the critical points 
of Ne and Kr (see Table 11.5)? 


11.75 The fact that water on Earth can readily be found in all 
three states (solid, liquid, and gas) is in part a consequence 
of the fact that the triple point of water (T = 0.01°C, 
P = 608 Pa) falls within a range of temperatures and pres- 
sures found on Earth. Saturn’s largest moon Titan has a con- 
siderable amount of methane in its atmosphere. The condi- 
tions on the surface of Titan are estimated to be P = 162 kPa 
and T = —178°C. As seen from the phase diagram of meth- 
ane (Figure 11.30), these conditions are not far from the tri- 
ple point of methane, raising the tantalizing possibility that 


solid, liquid, and gaseous methane can be found on Titan. 
(a) In what state would you expect to find methane on the 
surface of Titan? (b) On moving upward through the atmo- 
sphere, the pressure will decrease. If we assume that the tem- 
perature does not change, what phase change would you 
expect to see as we move away from the surface? 


Liquid Crystals (Section 11.7) 


11.76 What observations made by Reinitzer on cholesteryl 
benzoate suggested that this substance possesses a liquid 
crystalline phase? 


11.77 Indicate whether each statement is true or false: (a) The 
liquid crystal state is another phase of matter, just like 
solid, liquid, and gas. (b) Liquid crystalline molecules are 
generally spherical in shape. (c) Molecules that exhibit 
a liquid crystalline phase do so at well-defined tempera- 
tures and pressures. (d) Molecules that exhibit a liquid 
crystalline phase show weaker-than-expected intermo- 
lecular forces. (e) Molecules containing only carbon and 
hydrogen are likely to form liquid crystalline phases. 
(£) Molecules can exhibit more than one liquid crystal- 
line phase. 

11.78 For a given substance, the liquid crystalline phase tends to 
be more viscous than the liquid phase. Why? 


11.79 It often happens that a substance possessing a smectic liq- 
uid crystalline phase just above the melting point passes 
into a nematic liquid crystalline phase at a higher tempera- 
ture. Account for this type of behavior. 


Additional Exercises 


11.80 As the intermolecular attractive forces between molecules 
increase in magnitude, do you expect each of the following 
to increase or decrease in magnitude? (a) Vapor pressure, 
(b) heat of vaporization, (c) boiling point, (d) freezing point, 
(e) viscosity, (f) surface tension, (g) critical temperature. 

11.81 This table lists the density of substance X at various tem- 
peratures and at 101.3 kPa. The normal melting point of 
substance X is 80 K. 


Temperature (K) Density (mol/L) 


90 252 
100 33.8 
110 32 
120 0.136 
140 0.110 
160 0.0893 
180 0.0796 


(a) Over what temperature range is substance X a solid? (b) 
Over what temperature range is X a liquid? (c) Over what 
temperature range in the table is X a gas? (d) Estimate the 
normal boiling point of X. (e) Given that X is a nonpolar 
molecule, suggest the kind of intermolecular forces in X. 


11.82 Suppose you have two colorless molecular liquids A and B 
whose boiling points are 78°C and 112°C respectively and 
both are at atmospheric pressure. Which of the following 
statements is correct? For each statement that is not cor- 
rect, modify the statement so that it is correct. (a) Both 
A and B are liquids with identical vapor pressure at room 
temperature of 25°C. (b) Liquid A must consist of nonpo- 
lar molecules with lower molecular weight than B. (c) Both 
liquids A and B have higher total intermolecular forces than 


water. (d) Liquid A is more volatile than liquid B because it 
has a lower boiling point. (e) At 112°C both liquids have a 
vapor pressure of 1 atm. 


11.83 Two isomers of butenedioic acid with the planar structures 
are shown here: 


H `MH HO” 


cis-isomer trans-isomer 


(a) Which of the two isomers will have the stronger inter- 
molecular hydrogen bonding? (b) One isomer has a melt- 
ing point of 135 °C and the other 287 °C. Which isomer has 
which melting point? 


11.84 This table shows some physical properties of compounds 
containing O-H groups. 


Molecular Experimental 


Liquid Weight Dipole Moment Boiling Point 
CH30H 32.04 I7 64.7 °C 
CH3CH,CH,OH 74.12 1.66 117.7°C 
HOCH,CH,0OH 62.07 1.5 TOE 


Which of the following statements best explains these data? 
(a) The larger the dipole moment, the stronger the intermo- 
lecular forces, and therefore the boiling point is lowest for 
the molecule with the largest dipole moment. (b) The dis- 


persion forces increase from CHOH CH3;CH,CH,OH and 
HOCH,CH208; since the boiling point also increases in this 
order, the dispersion forces must be the major contributing 
factor for the boiling point trend; (c) HOCH,CH,OH has two 
groups capable of hydrogen bonding per molecule, where- 
as CHOH and CH3;CH,CH,OH have only one; therefore, 
HOCH,CH,0OH has the highest boiling point. 


11.85 This table shows the normal boiling points of some com- 


pounds containing C=O groups. 


Normal 
Boiling 
Compound Structure Point (°C) 
O 
C>H,O (ethanal) | 20.2 
C 
ZN 
H3C H 
CHO, (methanoic acid) q 100.8 
C 
ZTN 
H OH 
PENET O 
C2H40, (ethanoic acid) | 118.1 
C 
ZTN 
H;C OH 
O 
C3H,¢O>2 (methyl ethanoate) | 56.9 
ZTN 
HC `OCH, 


(a) Which of these compounds exhibit dispersion interac- 
tions? (b) Which of these compounds exhibit dipole-dipole 
interactions? (c) Which of these compounds exhibit hydro- 
gen bonding? (d) Why is the boiling point of ethanoic acid 
higher than that of methanoic acid? (e) Why is the boiling 
point of ethanal the lowest of all? 


11.86 The DNA double helix (opening picture of section 9.2) at the 


atomic level looks like a twisted ladder, where the “rungs” of 
the ladder consist of molecules that are hydrogen-bonded 
together. Sugar and phosphate groups make up the sides of 
the ladder. Shown are the structures of the adenine-thymine 
(AT) “base pair” and the guanine-cytosine (GC) base pair: 


CH; O% H—NH N 
5 


f PEE N N 


Thymine Adenine 
H 
N—He-e*sO N 
È 
ff ee a E 
. = 


Cytosine 
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You can see that AT base pairs are held together by two hydrogen 
bonds and the GC base pairs are held together by three hydro- 
gen bonds. Which base pair is more stable to heating? Why? 


Ethylene glycol (HOCH ,CH,OH) and pentane (C;Hj,) are 
both liquids at room temperature and room pressure, and 
have about the same molecular weight. (a) One of these liq- 
uids is much more viscous than the other. Which one do 
you predict is more viscous? (b) One of these liquids has a 
much lower normal boiling point (36.1 °C) compared to the 
other one (198 °C). Which liquid has the lower normal boil- 
ing point? (c) One of these liquids is the major component 
in antifreeze in automobile engines. Which liquid would 
you expect to be used as antifreeze? (d) One of these liquids 
is used as a “blowing agent” in the manufacture of polysty- 
rene foam because it is so volatile. Which liquid would you 
expect to be used as a blowing agent? 


Use the normal boiling points 


propane (C3Hg) —42.1°C 
butane (C4Hjo) =0,5 "G 
pentane (C5H12) 36.1°C 
hexane (C,H,4) 68.7 °C 
heptane (C7Hj¢) 98.4 °C 


to estimate the normal boiling point of octane (CgHj). 
Explain the trend in the boiling points. 


One of the attractive features of ionic liquids is their low vapor 
pressure, which in turn tends to make them nonflammable. 
Why do you think ionic liquids have lower vapor pressures 
than most room-temperature molecular liquids? 


(a) When you exercise vigorously, you sweat. How does this 
help your body cool? (b) A flask of water is connected to a 
vacuum pump. A few moments after the pump is turned 
on, the water begins to boil. After a few minutes, the water 
begins to freeze. Explain why these processes occur. 


The following table gives the vapor pressure of tetrahydro- 
furan (C4HgO) as a function of temperature: 


Temperature (°C) Vapor Pressure (Pa) 


=) 99 
—10 3630 
0 6390 
30 26,800 
50 58,600 


(a) By plotting these data in a suitable fashion, determine 
whether the Clausius-Clapeyron equation (Equation 11.1) 
is obeyed. If it is obeyed, use your plot to determine AHyap 
for C4H0. (b) Use these data to determine the boiling 
point of the compound. 


Suppose the vapor pressure of a substance is measured at two 
different temperatures. (a) By using the Clausius—Clapeyron 
equation (Equation 11.1) derive the following relationship 
between the vapor pressures, P, and P, and the absolute tem- 
peratures at which they were measured, q and 7}: 


P, e(l L) 
P, R A & 


(b) Gasoline is a mixture of hydrocarbons, a component 
of which is octane (CH3CH,;CH,CH,CH,CH,CH2CH3). 
Octane has a vapor pressure of 1.86 kPa at 25 °C and a vapor 
pressure of 19.3 kPa at 75 °C. Use these data and the equation 
in part (a) to calculate the heat of vaporization of octane. (c) 
By using the equation in part (a) and the data given in part 
(b), calculate the normal boiling point of octane. Compare 
your answer to the one you obtained from Exercise 11.88. 
(d) Calculate the vapor pressure of octane at —30 °C. 
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The following data present the temperatures at which cer- 
tain vapor pressures are achieved for dichloromethane 
(CH,Cl,) and methyl iodide (CH3]I): 


Vapor Pressure 


(kPa) 1.33 5.33 13.33 53.33 
TTO Sik Sk G A 
T for CHI (°C) 45.8 -24.2 -7.0 25.3 


(a) Which of the two substances is expected to have the 
greater dipole-dipole forces? Which is expected to have the 
greater dispersion forces? Based on your answers, explain 
why it is difficult to predict which compound would be 
more volatile. (b) Which compound would you expect 
to have the higher boiling point? Check your answer in a 
reference book such as the CRC Handbook of Chemistry and 
Physics. (c) The order of volatility of these two substances 
changes as the temperature is increased. What quantity 
must be different for the two substances for this phenom- 
enon to occur? (d) Substantiate your answer for part (c) by 
drawing an appropriate graph. 

Solid CO; is called dry ice. It sublimes at an atmospheric 
pressure of —78.5 °C. The triple point of CO, is —56.6 °C 


11.95 
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at 517.8 kPa. CO; becomes a supercritical fluid at 31 °C and 
7.487 MPa. Using these data, construct a phase diagram for 
CO, labeling all the regions of your diagram. 


A watch with a liquid crystal display (LCD) does not func- 
tion properly when it is exposed to low temperatures during 
a trip to Antarctica. Explain why the LCD might not func- 
tion well at low temperature. 


A particular liquid crystalline substance has the phase 
diagram shown in the figure. By analogy with the phase 
diagram for a nonliquid crystalline substance, identify the 
phase present in each area. 


Integrative Exercises 
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In Table 11.3, we saw that the viscosity of a series of hydro- 
carbons increased with molecular weight, doubling from 
the six-carbon molecule to the ten-carbon molecule. 
(a) The eight-carbon hydrocarbon, octane, has an isomer, 
isooctane. Would you predict that isooctane would have 
a larger or smaller viscosity than octane? Why? (b) Predict 
the relative order of boiling points of the hydrocarbons in 
Table 11.4, from lowest to highest. (c) The surface tension of 


ri 

| 

HC— C—C Cc, 
| | | 


H H CH, 
2,2,4-Trimethylpentane or isooctane 


the hydrocarbon liquids in Table 11.4 does increase from 
hexane to decane, but only by a rather small amount (20% 
overall, compared to the doubling of viscosity). Which of 
these statements is the most likely explanation for this 
phenomenon? (i) The flexibility of the molecules has a 
much larger effect on viscosity than on surface tension. 
(ii) Viscosity only depends on molecular weight, but sur- 
face tension depends on molecular weight and on inter- 
molecular forces. (iii) Larger molecules can make larger 
liquid droplets and therefore have lower surface tension. 
(d) Nonane has a viscosity of 7.11 x 107+ kg/m s at 20 °C. 
n-octyl alcohol, CH3(CH2)7OH, has almost the same molec- 
ular weight as nonane, but its viscosity is 1.01 X 107 kg/m s 
at 20 °C. Which of the following statements is the most 
likely explanation for this phenomenon? (i) The stronger 
the intermolecular forces in a liquid, the smaller its viscos- 
ity. (ii) The stronger the intermolecular forces in a liquid, the 
larger its viscosity. 

Rubbing alcohol is the common name for 2-propanol 
(CH,CH(OH)CH,). (a) Draw the three-dimensional struc- 
ture of the 2-propanol molecule and predict the geometry 
around each carbon atom. (b) Is the 2-propanol mole- 
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cule polar or nonpolar? (c) What kinds of intermolecular 
attractive forces exist between the 2-propanol molecules? 
(d) The isomer 1-propanol has the same molecular weight as 
2-propanol, yet 2-propanol boils at 82.6 °C and 1-propanol 
boils at 97.2 °C. Explain the difference. 


The table shown here lists the molar heats of vaporization 
for several organic compounds. Use specific examples from 
this list to illustrate how the heat of vaporization varies 
with (a) molar mass, (b) molecular shape, (c) molecular 
polarity, (d) hydrogen-bonding interactions. Explain these 
comparisons in terms of the nature of the intermolecular 
forces at work. (You may find it helpful to draw out the 
structural formula for each compound.) 


Compound Heat of Vaporization (kJ/mol) 
CH3CH,CH; 19.0 
CH3CH,CH,CH,CH; 27.6 
CH3CHBrCH, 31.8 
CH;COCH; 32.0 
CH3CH ,CH»Br 33.6 
CH3CH,CH,OH 47.3 


11.100 The vapor pressure of acetone (CH3COCH3) at 19°C is 


5.33 kPa. A 3.50-g sample of acetone is placed in a 2.00 L 
container at 22°C. If the container is closed and the ace- 
tone is allowed to reach equilibrium with its vapor, how 
many grams of liquid acetone remain? (Assume that the 
vapor behaves like an ideal gas.) 


11.101 Propane (C3Hg) is pressurized into liquid and stored in cyl- 


inders to be used as a fuel. The normal boiling point of pro- 
pane is listed as —42 °C. (a) When converting propane into 
liquid at room temperature of 25 °C, would you expect the 
pressure in the tank to be greater or less than atmospheric 
pressure? How does the pressure within the tank depend 
on how much liquid propane is in it? (b) Suppose the fuel 
tank leaks and a few liters of propane escape rapidly. What 
do you expect would happen to the temperature of the 


remaining liquid propane in the tank? Explain. (c) How 
much heat must be added to vaporize 20 g of propane if its 
heat of vaporization is 18.8 kJ/mol? What volume does this 
amount of propane occupy at 100 kPa and 25 °C? 


11.102 Using information in Appendices B and C, calculate the 
minimum grams of methane, CH4, that must be com- 
busted to provide the energy necessary to convert 0.20 kg 
of ice at —10 °C to liquid water at 70 °C. 


11.103 The vapor pressure of a volatile liquid can be determined by 
slowly bubbling a known volume of gas through it ata known 
temperature and pressure. In an experiment, 8.00 L of argon 
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gas is passed through 11.7872 g of liquid hexane C,H, at 
30.0°C. The mass of the remaining liquid after the experi- 
ment is 4.875 g. Assuming that the gas becomes saturated with 
hexane vapor and that the total gas volume and temperature 
remain constant, what is the vapor pressure of hexane? 


11.104 The relative humidity of air is calculated by the ratio of the 
partial pressure of water in the air to the equilibrium vapor 
pressure of water at the same temperature times 100%. The 
average temperature and humidity of the Sahara are 40 °C 
and 25%, respectively. How many molecules of water are 
present in 1 m? of air in the Sahara? 


Design an Experiment 


Intermolecular forces are very important for predicting the phys- 
ical properties of molecular substances. Sometimes, however, it is 
difficult to explain or predict trends in these properties because 
all the possible intermolecular forces can be operating at the same 
time, and there is a wide range of energies for these interactions. 
Consider ammonia, NH3. It is a gas at P = 101.3 kPa, T = 25 °C. 
Ammonia can be liquefied at —33.5 °C (P = 101.3 kPa). Methyl- 
amine, CH3NHg, is a derivative of ammonia and is also a gas at 


P = 101.3 kPa, T = 25 °C. Methylamine can be liquefied at 
-6.4°C (P = 101.3 kPa). 


Use these experimental data to determine which molecule has 
the stronger intermolecular attractive interactions, ammonia or 
methylamine; and suggest reasons for your conclusion. Based on 
your reasons, what other experiments could you do with these 
molecules, or related molecules, to test your hypothesis? 
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12.1 | Classification of Solids 
rya 


Modern devices like computers and cell phones are built from solids with very specific 
physical properties. For example, the integrated circuit that is at the heart of many elec- 
tronic devices is built from semiconductors like silicon, metals like copper, and insula- 
tors like hafnium oxide. 

Scientists and engineers turn almost exclusively to solids for materials used in many 
other technologies: alloys for magnets and airplane turbines, semiconductors for solar 
cells and light-emitting diodes, and polymers for packaging and biomedical applications. 
Chemists have contributed to the discovery and development of new materials either 
by inventing new substances or by developing the means to process natural materials to 


SECTION 12.1 Classification of Solids 


form substances that have specific electrical, magnetic, optical, catalytic, or mechanical 
properties. In this chapter, we explore the structures and properties of solids. As we do so, 
we will examine some of the solid materials used in modern technology. 

By the end of this section, you should be able to 


e Classify solids based on their bonding/intermolecular forces and understand how 


differences in bonding relate to physical properties. 
e Describe the difference between crystalline and amorphous solids. 


e Understand the terms used to describe a crystal lattice, recognize the five two-di- 
mensional and the seven three-dimensional primitive lattices, and describe the 
locations of lattice points for body-centered and face-centered lattices. 


Solids can be as hard as diamond or as soft as wax. Some readily conduct electricity, 
whereas others do not. The shapes of some solids can easily be manipulated, while others 
are brittle and resistant to any change in shape. The physical properties as well as the 
structures of solids are dictated by the types of bonds that hold the atoms in place. We 
can classify solids according to those bonds (Figure 12.1). 

Metallic solids are held together by a delocalized “sea” of collectively shared valence 
electrons. This form of bonding allows metals to conduct electricity. It is also responsible 
for the fact that most metals are relatively strong without being brittle. lonic solids are 
held together by the mutual electrostatic attraction between cations and anions. Differ- 
ences between ionic and metallic bonding make the electrical and mechanical properties 
of ionic solids very different from those of metals: Ionic solids do not conduct electricity 
well and are brittle. Covalent-network solids are held together by an extended net- 
work of covalent bonds. This type of bonding can result in materials that are extremely 
hard, like diamond, and it is also responsible for the unique properties of semiconductors. 
Molecular solids are held together by the intermolecular forces we studied in Chapter 11: 
dispersion forces, dipole-dipole interactions, and hydrogen bonds. Because these forces 
are relatively weak, molecular solids tend to be soft and have low melting points. 

We will also consider two classes of solids that do not fall neatly into the preceding 
categories: polymers and nanomaterials. Polymers contain long chains of atoms (usu- 
ally carbon), where the atoms within a given chain are connected by covalent bonds and 
adjacent chains are held to one another largely by weaker intermolecular forces. Polymers 
are normally stronger and have higher melting points than molecular solids, and they 


Metallic solids Ionic solids 
Extended networks of atoms held Extended networks of ions held together 
together by metallic bonding (Cu, Fe) by cation—anion interactions (NaCl, MgO) 


Covalent-network solids Molecular solids 
Extended networks of atoms held Discrete molecules held together by 
together by covalent bonds (C, Si) intermolecular forces (HBr, H,O) 


A Figure 12.1 Classification and examples of solids according to predominant bonding type. 
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Iron pyrite (FeS,), a crystalline solid 


Obsidian (ca. 70% SiOz), an 
amorphous solid 


A Figure 12.2 Examples of crystalline and 
amorphous solids. The atoms in crystalline 
solids repeat in an orderly, periodic fashion 
that leads to well-defined faces at the 
macroscopic level. This order is lacking in 
amorphous solids like obsidian (volcanic 
glass). 


e e e 
b 
e e 
a 
° ° ° e Lattice 
point 
Unit cell 


A Figure 12.3 A crystalline lattice in two 
dimensions. An infinite array of lattice 
points is generated by adding together the 
lattice vectors a and b. The unit cell is a 
parallelogram defined by the lattice vectors. 


are more flexible than metallic, ionic, or covalent-network solids. Nanomaterials are 
solids in which the dimensions of individual crystals have been reduced to the order of 
1-100 nm. As we will see, the properties of conventional materials change when their 
crystals become this small. 


Crystalline and Amorphous Solids 


Solids contain large numbers of atoms. For example, a 1-carat diamond has a volume of 
57 mm? and contains 1.0 x 107? carbon atoms. How can we hope to describe such a large 
collection of atoms? Fortunately, the structures of many solids have patterns that repeat 
over and over in three dimensions. We can visualize the solid as being formed by stacking 
a large number of small, identical structural units, much like a wall can be built by stack- 
ing identical bricks. 

Solids in which atoms are arranged in an orderly repeating pattern are called crys- 
talline solids. These solids usually have flat surfaces, or faces, that make definite angles 
with one another. The orderly arrangements of atoms that produce these faces also 
cause the solids to have highly regular shapes (Figure 12.2). Examples of crystalline solids 
include sodium chloride, quartz, and diamond. 

Amorphous solids (from the Greek words for “without form”) lack the order 
found in crystalline solids. At the atomic level the structures of amorphous solids are 
similar to the structures of liquids, but the molecules, atoms, and/or ions lack the free- 
dom of motion they have in liquids. Amorphous solids do not have the well-defined 
faces and shapes of a crystal. Familiar amorphous solids are rubber, glass, and obsidian 
(volcanic glass). 


Unit Cells and Crystal Lattices 


In a crystalline solid, there is a relatively small repeating unit, called a unit cell, that is 
made up of a unique arrangement of atoms and embodies the structure of the solid. The 
structure of the crystal can be built by stacking this unit over and over in all three dimen- 
sions. Thus, the structure of a crystalline solid is defined by (a) the size and shape of the 
unit cell and (b) the locations of atoms within the unit cell. 

The geometrical pattern of points on which the unit cells are arranged is called a 
crystal lattice. The crystal lattice is, in effect, an abstract (that is, not real) scaffolding for 
the crystal structure. We can imagine forming the entire crystal structure by first building 
the scaffolding and then filling in each unit cell with the same atom or group of atoms. 

Before describing the structures of solids, we need to understand the properties of 
crystal lattices. It is useful to begin with two-dimensional lattices because they are sim- 
pler to visualize than three-dimensional ones. Figure 12.3 shows a two-dimensional array 
of lattice points. Each lattice point has an identical environment. The positions of the 
lattice points are defined by the lattice vectors a and b. Beginning from any lattice 
point, it is possible to move to any other lattice point by adding together whole-number 
multiples of the two lattice vectors.* 

The parallelogram formed by the lattice vectors, the shaded region in Figure 12.3, 
defines the unit cell. In two dimensions the unit cells must tile, or fit together in space, 
in such a way that they completely cover the area of the lattice with no gaps. In three 
dimensions, the unit cells must stack together to fill all space. 

In a two-dimensional lattice, the unit cells can take only one of the five shapes 
shown in Figure 12.4. The most general type of lattice is the oblique lattice. In this lattice, 
the lattice vectors are of different lengths and the angle y between them is of arbitrary 
size, which makes the unit cell an arbitrarily shaped parallelogram. The square lattice, 
rectangular lattice, hexagonal lattice,** and rhombic lattice have a unique combination 


*A vector is a quantity involving both a direction and a magnitude. The magnitudes of the 
vectors in Figure 12.3 are indicated by their lengths, and their directions are indicated by the 
arrowheads. 


**You may wonder why the hexagonal unit cell is not shaped like a hexagon. Remember that the 
unit cell is by definition a parallelogram whose size and shape are defined by the lattice vectors a and b. 
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Oblique lattice (a + b, y = arbitrary) 


Hexagonal lattice (a = b, y = 120°) Rhombic lattice (a = b, y = arbitrary) 
Centered rectangular lattice 


A Figure 12.4 The five two-dimensional lattices. The primitive unit cell for each lattice is shaded in 
blue. For the rhombic lattice the centered rectangular unit cell is shaded in green. Unlike the primitive 
rhombic unit cell, the centered cell has two lattice points per unit cell. 


of y angle and relationship between the lengths of lattice vectors a and b (shown in 
Figure 12.4). For a rhombic lattice an alternative unit cell can be drawn, a rectangle with 
lattice points on its corners and its center (shown in green in Figure 12.4). Because of this, 


W Go Figure 


Why is there a centered rectangular 
lattice but not a centered square 


the rhombic lattice is commonly referred to as a centered rectangular lattice. The lattices ieee 
attice? 


in Figure 12.4 represent five basic shapes: squares, rectangles, hexagons, rhombuses (dia- 
monds), and arbitrary parallelograms. Other polygons, such as pentagons, cannot cover 
space without leaving gaps, as Figure 12.5 shows. 

To understand real crystals, we must consider three dimensions. A three-dimen- 
sional lattice is defined by three lattice vectors a, b, and c (Figure 12.6). These lattice 


vectors define a unit cell that is a parallelepiped (a six-sided figure whose faces are all par- 
allelograms) and is described by the lengths a, b, c of the cell edges and the angles a, B, y 
between these edges. There are seven possible shapes for a three-dimensional unit cell, as 
shown in Figure 12.6. 

If we place a lattice point at each corner of a unit cell, we get a primitive lattice. 


All seven lattices in Figure 12.6 are primitive lattices. It is also possible to generate 


f pa 
the. 
a~ Y j 


A Figure 12.5 Not all shapes tile space. 
Tiling means covering a surface entirely, 
which is impossible for some geometric 
shapes, as shown here for pentagons. 


Cubic Tetragonal Orthorhombic 

a=b=c a=b#c atb#c 
a = B = y = 90° œ = B = y = 90° a=B=y=90° 

Rhombohedral Hexagonal Monoclinic Triclinic 
a=b=c a=b#c atbF#c a#tbF#c 
a=B=y#90° a= B = 90°, y = 120° aœ = y = 90°, B + 90° atBy 


A Figure 12.6 The seven three-dimensional primitive lattices. 
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what are called centered lattices by placing additional lattice points in specific loca- 
tions in the unit cell. This is illustrated for a cubic lattice in Figure 12.7. A body- 
centered cubic lattice has one lattice point at the center of the unit cell in addition 
to the lattice points at the eight corners. A face-centered cubic lattice has one lat- 
tice point at the center of each of the six faces of the unit cell in addition to the lattice 
points at the eight corners. Centered lattices exist for other types of unit cells as well. 
For the crystals discussed in this chapter we need consider only the lattices shown in 
Figures 12.6 and 12.7. 


Lattice points only at corners 


Primitive cubic lattice 


Filling the Unit Cell 
Lattice points at corners plus 


one lattice point in the center The lattice by itself does not define a crystal structure. To generate a crystal structure, 
of unit cell we need to associate an atom or group of atoms with each lattice point. In the simplest 
case, the crystal structure consists of identical atoms, and each atom lies directly on 
a lattice point. When this happens, the crystal structure and the lattice points have 
identical patterns. Many metallic elements adopt such structures, as we will see in 
Section 12.2. Only for solids in which all the atoms are identical can this occur; in 
other words, only elements can form structures of this type. For compounds, even if we 
were to put an atom on every lattice point, the points would not be identical because 
Body-centered cubic lattice the atoms are not all the same. 
In most crystals, the atoms are not exactly coincident with the lattice points. 
i ; Instead, a group of atoms, called a motif, is associated with each lattice point. The unit 
Lattice points at corners plus F ois : : : 
one lattice point at the center cell contains a specific motif of atoms, and the crystal structure is built up by repeat- 
of each face ing the unit cell over and over. This process is illustrated in Figure 12.8 for a two-dimen- 
sional crystal based on a hexagonal unit cell and a two-carbon-atom motif. The resulting 
infinite two-dimensional honeycomb structure is a two-dimensional crystal called 


<|. i graphene, a material that has so many interesting properties that its modern discoverers 


won the Nobel Prize in Physics in 2010. Each carbon atom is covalently bonded to three 
neighboring carbon atoms in what amounts to an infinite sheet of interconnected hex- 
A agonal rings. 

Face-centered cubic lattice The crystal structure of graphene illustrates two important characteristics of crys- 
tals. First, we see that no atoms lie on the lattice points. While most of the structures we 
discuss in this chapter do have atoms on the lattice points, there are many examples, like 
graphene, where this is not the case. Thus, to build up a structure you must know the 
location and orientation of the atoms in the motif with respect to the lattice points. Sec- 
ond, we see that bonds can be formed between atoms in neighboring unit cells and the 
bonds between atoms need not be parallel to the lattice vectors. 


A Figure 12.7 The three types of cubic 
lattices. 


No atom falls on Atoms from neighboring 
a lattice point unit cells can bond 


\ 


Lattice points at Motif inside 
corners of unit cell unit cell 


Begin with a single hexagonal Tile unit walle together to create The interconnected hexagonal rings become 
unit cell containing a motif of g apparent when we connect atoms from 

the crystal structure. : : . 
two carbon atoms. neighboring unit cells. 


A Figure 12.8 Two-dimensional structure of graphene built up from a single unit cell. 
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When light waves pass through a narrow slit, they are scattered in such 
a way that the wave seems to spread out. This physical phenomenon 
is called diffraction. When light passes through many evenly spaced 
narrow slits (a diffraction grating), the scattered waves interact to form 
a series of bright and dark bands, known as a diffraction pattern. The 
bright bands correspond to constructive overlapping of the light 
waves, and the dark bands correspond to destructive overlapping of 
the light waves. The most effective diffraction of light occurs when 
the wavelength of the light and the width of the slits are similar in 
magnitude. 

The spacing of the layers of atoms in solid crystals is usually 
about 0.2-2 nm. The wavelengths of X rays are also in this range. 
Thus, a crystal can serve as an effective diffraction grating for X rays. 
X-ray diffraction results from the scattering of X rays by a regular 
arrangement of atoms, molecules, or ions. Much of what we know 
about crystal structures has been obtained by looking at the diffrac- 
tion patterns that result when X rays pass through a crystal, a tech- 
nique known as X-ray crystallography. As shown in Figure 12.9 a mono- 
chromatic beam of X rays is passed through a crystal. The diffraction 
pattern that results is recorded. For many years the diffracted X rays 
were detected by photographic film. Today, crystallographers use an 


Incident beam 


Diffracted X rays 


X-ray detector 


Crystalline 
solid 


array detector, a device analogous to that used in digital cameras, to 
capture and measure the intensities of the diffracted rays. 

The pattern of spots on the detector in Figure 12.9 depends on the 
particular arrangement of atoms in the crystal. The spacing and symme- 
try of the bright spots, where constructive interference occurs, provide 
information about the size and shape of the unit cell. The intensities 
of the spots provide information that can be used to determine the 
locations of the atoms within the unit cell. When combined, these two 
pieces of information give the atomic structure that defines the crystal. 

X-ray crystallography is used extensively to determine the struc- 
tures of molecules in crystals. The instruments used to measure X-ray 
diffraction, known as X-ray diffractometers, are now computer con- 
trolled, making the collection of diffraction data highly automated. 
The diffraction pattern of a crystal can be determined very accurately 
and quickly (sometimes in a matter of hours), even though thou- 
sands of diffraction spots are measured. Computer programs are then 
used to analyze the diffraction data and determine the arrangement 
and structure of the molecules in the crystal. X-ray diffraction is an 
important technique in industries ranging from steel and cement 
manufacture to pharmaceuticals. 

Related Exercises: 12.120-12.122 


X-ray tube 
source 


10,000- 
40,000 volts 
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A Figure 12.9 Diffraction of X rays by a crystal. A monochromatic X-ray beam is passed through 
a crystal. The X rays are diffracted, and the resulting interference pattern is recorded. The crystal 
is rotated and another diffraction pattern recorded. Analysis of many diffraction patterns gives the 
positions of the atoms in the crystal. 


Self-Assessment Exercises 


12.1 How would you classify wax? 
(a) Metallic solid 
(b) Ionic solid 
(c) Molecular solid 


12.2 Is soot an amorphous or crystalline form of carbon? 
(a) Amorphous 
(b) Crystalline 
12.3 How would you describe the lattice portrayed for the metal- 
(d) Covalent-network solid lic solid in Figure 12.1? 
(a) Body-centered cubic lattice 


(b) Face-centered cubic lattice 
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a 


Exercises 


12.4 


12.5 


12.6 


12.7 


12.8 


Silicon is the fundamental component of integrated circuits. 
Si has the same structure as diamond. (a) Is Si a molecular, 
metallic, ionic, or covalent-network solid? (b) Silicon readily 
reacts to form silicon dioxide, SiO. which is quite hard and is 
insoluble in water. Is SiOz most likely a molecular, metallic, 
ionic, or covalent-network solid? 


Which type (or types) of crystalline solid is characterized 
by each of the following? (a) High mobility of electrons 
throughout the solid; (b) softness, relatively low melting 
point; (c) high melting point and poor electrical conductiv- 
ity; (d) network of covalent bonds. 


You are given a white substance that melts at 1500 °C. The 
substance is brittle and soluble in water. Both the molten 
solid and the solution is a conductor of electricity. Which 
type of solid (molecular, metallic, covalent-network, or 
ionic) might this substance be? 


Two patterns of packing two different circles of the same 
size are shown here. For each structure (a) draw the two- 
dimensional unit cell; (b) determine the angle between the 
lattice vectors, y, and determine whether the lattice vectors 
are of the same length or of different lengths; (c) determine 
the type of two-dimensional lattice (from Figure 12.4). 


(ii) 


Imagine the primitive cubic lattice. Now imagine grabbing 
opposite corners and stretching it along the body diagonal 
while keeping the edge lengths equal. The three angles be- 
tween the lattice vectors remain equal but are no longer 90°. 
What kind of primitive lattice have you made? 


— 7 


12.9 


12.10 


12.11 


Besides the cubic unit cell, which other unit cell(s) has edge 
lengths that are all equal to each other? (a) Orthorhom- 
bic, (b) hexagonal, (c) rhombohedral, (d) triclinic, (e) both 
rhombohedral and triclinic. 


What is the minimum number of atoms that could be con- 
tained in the unit cell of an element with a face-centered cu- 
bic lattice? (a) 1, (b) 2, (c) 3, (d) 4, (e) 5. 

The unit cell of a compound containing potassium, alumi- 
num, and fluorine is shown here. (a) What type of lattice 
does this crystal possess (all three lattice vectors are mutually 
perpendicular)? (b) What is the empirical formula? 


(0) FZL 


NZ 


(a) Sh (e) 2S 
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12.2 | Metallic Solids 


Nitinol is a 1:1 nickel-titanium alloy that has ‘shape memory’. This remarkable prop- 
erty was discovered by accident when the alloy was presented to a management meet- 
ing of the US Naval Ordnance Laboratory (from where it derived its name: Ni-Ti-N-O-L) 
in 1961. The folded wire was passed around the room and one of the participants used 
a cigarette lighter to heat the sample. To the astonishment of those present, the wire 
uncoiled and took on its original shape. The wire has two crystal structures that are eas- 
ily interconverted but that are stable at different temperatures. Heating the wire while 
holding the desired shape fixes the shape and crystal structure. On cooling, the wire may 
be deformed into another shape and transform to a more complicated crystal structure. 
Subsequent warming reforms the original crystal lattice and shape. 

There are several applications of nitinol in dentistry and medicine. For example, 
stents used to treat heart conditions can be ‘set’ in their open, functioning shape before 
cooling and compacting for easy insertion into a blocked coronary artery. At body tem- 
perature, the nitinol reforms its open shape, allowing blood to flow more freely. 

By the end of this section, you should be able to 


e Describe the lattice structure of metals and alloys 
e Relate the physical properties of metals to the bonding present 


Metallic solids, also simply called metals, consist entirely of metal atoms. The bond- 
ing in metals is too strong to be due to dispersion forces, and yet there are not enough 
valence electrons to form covalent bonds between atoms. The bonding, called metallic 
bonding, happens because the valence electrons are delocalized throughout the entire 
solid. That is, the valence electrons are not associated with specific atoms or bonds but 
are spread throughout the solid. In fact, we can visualize a metal as an array of positive 
ions immersed in a “sea” of delocalized valence electrons. 

The chemical bonding in metals is reflected in their properties. You have probably 
held a length of copper wire or an iron bolt. Perhaps you have even seen the surface 
of a freshly cut piece of sodium metal. These substances, though distinct from one 
another, share certain similarities that enable us to classify them as metallic. A clean 
metal surface has a characteristic luster. Metals have a cold feeling when you touch 
them, related to their high thermal conductivity (ability to conduct heat). Metals also 
have high electrical conductivity, which means that electrically charged particles flow 
easily through them. The thermal conductivity of a metal usually parallels its electri- 
cal conductivity. Silver and copper, for example, which possess the highest electrical 
conductivities among the elements, also possess the highest thermal conductivities. 

Most metals are malleable, which means that they can be hammered into thin 
sheets, and ductile, which means that they can be drawn into wires (Figure 12.10). These 
properties indicate that the atoms are capable of slipping past one another. Ionic and 
covalent-network solids do not exhibit such behavior; they are typically brittle. 
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A Figure 12.10 Malleability and ductility. 
Gold leaf demonstrates the characteristic 
malleability of metals, and copper wire 
demonstrates their ductility. 
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Motif 


Crystal 
lattice 


Crystal 
structure 


Metal atom 


Primitive 
cubic lattice 


(a) Primitive 
cubic metal 


Metal atom Metal atom 
TH 
< j 
Body-centered Face-centered 
cubic lattice cubic lattice 
fal 
= 
(b) Body-centered (c) Face-centered (d) Corner atoms are 
cubic metal cubic metal shared by eight unit cells 


A Figure 12.11 The structures of (a) primitive cubic, (b) body-centered cubic, and (c) face-centered cubic 
metals. Each structure can be generated by the combination of a single-atom motif and the appropriate 
lattice. (d) Corner atoms (one shown in red) are shared among eight neighboring cubic unit cells. 


The Structures of Metallic Solids 


The crystal structures of many metals are simple and can be generated by placing a sin- 
gle atom on each lattice point. The structures corresponding to the three cubic lattices 
are shown in Figure 12.11. Metals with a primitive cubic structure are rare, one of the few 
examples being the radioactive element polonium. Body-centered cubic metals include 
iron, chromium, sodium, and tungsten. Examples of face-centered cubic metals include 
aluminum, lead, copper, silver, and gold. 

Notice in the bottom row of Figure 12.11 that the atoms on the corners and faces of 
a unit cell do not lie wholly within the unit cell. These corner and face atoms are shared 
by neighboring unit cells. An atom that sits at the corner of a unit cell is shared among 
eight unit cells, and only 1/8 of the atom is in one particular unit cell. Because a cube has 
eight corners, each primitive cubic unit cell contains (1/8) x 8 = 1 atom, as shown in 
Figure 12.12(a). Similarly, each body-centered cubic unit cell [Figure 12.12(b)] contains 
two atoms, (1/8) xX 8 = 1 from the corners and 1 at the center of the unit cell. Atoms 
that lie on the face of a unit cell, as they do in a face-centered cubic metal, are shared by 
two unit cells so that only one-half of the atom belongs to each unit cell. Therefore, a 
face-centered cubic unit cell [Figure 12.12(c)] contains four atoms, (1/8) x 8 = 1 atom 
from the corners and (1/2) X 6 = 3 atoms from the faces. 

Table 12.1 summarizes how the fractional part of each atom that resides within a 
unit cell depends on the atom’s location within the cell. 


Close Packing 


The shortage of valence electrons and the fact that they are collectively shared make it 
favorable for the atoms in a metal to pack together closely. Because we can consider the 
shape of an atom to be a sphere, we can understand the structures of metals by consider- 
ing how spheres pack. The most efficient way to pack one layer of equal-sized spheres is 
to surround each sphere by six neighbors, as shown at the top of Figure 12.13. To form a 
three-dimensional structure, we need to stack additional layers on top of this base layer. 
To maximize packing efficiency, the second layer of spheres must sit in the depressions 
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Which one of these unit cells would you expect to represent the densest packing of 
spheres? 


1 1 
z atom at z atom at 
8 corners 6 faces 


1 1 1 atom 
3 atom at g atom at at center 
8 corners 8 corners 


(a) Primitive cubic metal (b) Body-centered cubic metal (c) Face-centered cubic metal 
1 atom per unit cell 2 atoms per unit cell 4 atoms per unit cell 


A Figure 12.12 A space-filling view of unit cells for metals with a cubic structure. Only the portion of each atom that falls within 
the unit cell is shown. 


TABLE 12.1 Fraction of Any Atom as a Function of Location within the 
Unit Cell* 


Number of Unit Cells Fraction of Atom 
Atom Location Sharing Atom within Unit Cell 
Corner 8 1/8 or 12.5% 
Edge 4 1/4 or 25% 
Face 2 1/2 or 50% 
Anywhere else 1 1 or 100% 


*It is only the position of the center of the atom that matters. Atoms that reside near the 
boundary of the unit cell but not on a corner, edge, or face are counted as residing 100% 
within the unit cell. 


formed by the spheres in the first layer. We can either put the next layer of atoms into the 
depressions marked by the yellow dot or the depressions marked by the red dot (realizing 
that the spheres are too large to simultaneously fill both sets of depressions). For the sake 
of discussion we arbitrarily put the second layer in the yellow depressions. 

For the third layer, we have two choices for where to place the spheres. One possibil- 
ity is to put the third layer in the depressions that lie directly over the spheres in the first 
layer. This is done on the left-hand side of Figure 12.13, as shown by the dashed red lines 
in the side view. Continuing with this pattern, the fourth layer would lie directly over 
the spheres in the second layer, leading to the ABAB stacking pattern seen on the left, 
which is called hexagonal close packing (hcp). Alternatively, the third-layer spheres 
could lie directly over the depressions that were marked with red dots in the first layer. 
In this arrangement, the spheres in the third layer do not sit directly above the spheres 
in either of the first two layers, as shown by the dashed red lines on the lower right- 
hand side of Figure 12.13. If this sequence is repeated in subsequent layers, we derive an 
ABCABC stacking pattern shown on the right known as cubic close packing (ccp). 
In both hexagonal close packing and cubic close packing, each sphere has 12 equidistant 
nearest neighbors: six neighbors in the same layer, three from the layer above, and three 
from the layer below. We say that each sphere has a coordination number of 12. The 
coordination number is the number of atoms immediately surrounding a given atom in 
a crystal structure. 
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D4 Go Figure What type of two-dimensional lattice describes the structure of a single 


layer of close-packed atoms? 


Hexagonal close packing (hcp) Cubic close packing (ccp) 


First layer 
top view 


{v 


Second layer 
top view 


Third layer 
top view 
Spheres sit in depressions Spheres sit in depressions 
that lie directly over spheres of marked with red dots; centers of 
first layer, ABAB stacking. third-layer spheres offset from centers 
of spheres in first two layers, 
ABCABC stacking. 
Side view 


A Figure 12.13 Close packing of equal-sized spheres. Hexagonal (left) close packing and cubic 
(right) close packing are equally efficient ways of packing spheres. The red and yellow dots 
indicate the positions of depressions between atoms. 


Unit cell view 


(a) Hexagonal close-packed metal 
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< Figure 12.14 The unit cells for (a) a 
hexagonal close-packed metal and (b) a 
cubic close-packed metal. The solid lines 
indicate the unit cell boundaries. Colors are 
used to distinguish one layer of atoms from 
another. 


Side view 


Unit cell view 


(b) Cubic close-packed metal 


The extended structure of a hexagonal close-packed metal is shown in 
Figure 12.14(a). There are two atoms in the primitive hexagonal unit cell, one from each 
layer. Neither atom sits directly on the lattice points, which are located at the corners of 
the unit cell. The presence of two atoms in the unit cell is consistent with the two-layer 


ABAB stacking sequence associated with hcp packing. 


Although it is not immediately obvious, the structure that results from cubic close 
packing possesses a unit cell that is identical to the face-centered cubic unit cell we 
encountered earlier [Figure 12.11(c)]. The relationship between the ABC layer stacking 
and the face-centered cubic unit cell is shown in Figure 12.14(b). In this figure, we see 
that the layers stack perpendicular to the body diagonal of the cubic unit cell. 


= Sample Exercise 12.1 
D Calculating Packing Efficiency 


It is not possible to pack spheres together without leaving some void spaces between the spheres. Packing efficiency is the 
fraction of space in a crystal that is actually occupied by atoms. Determine the packing efficiency of a face-centered cubic metal. 


SOLUTION 


Analyze We must determine the volume taken up by the atoms 
that reside in the unit cell and divide this number by the volume 
of the unit cell. 


Plan We can calculate the volume taken up by atoms by multiply- 
ing the number of atoms per unit cell by the volume ofa sphere, 
47r? /3. To determine the volume of the unit cell, we must first 
identify the direction along which the atoms touch each other. 
We can then use geometry to express the length of the cubic unit 
cell edge, a, in terms of the radius of the atoms. Once we know the 
edge length, the cell volume is simply a. 


Solve As shown in Figure 12.12, a face-centered cubic metal has four 
atoms per unit cell. Therefore, the volume occupied by the atoms is 


16mr? 
3 


4 3 
Occupied volume = 4 X ( T ) 


For a face-centered cubic metal, the atoms touch along the diago- 
nal of a face of the unit cell: 


Therefore, a diagonal across a face of the unit cell is equal to four 
times the atomic radius, r. Using simple trigonometry, and the 
identity cos(45°) = V2/2, we can show that 


a = 4r cos(45°) = 4r(V2/2) = (2V2)r 


Finally, we calculate the packing efficiency by dividing the vol- 
ume occupied by atoms by the volume of the cubic unit cell, a’: 


Car? 


(2/2)373 


volume of atoms 
volume of unit cell 


Packing efficiency 


= 0.74 or 74% 
Continued 
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> Practice Exercise unit cell, times 100%. What is the packing efficiency for a 
Consider the two-dimensional square lattice of Figure 12.4. square lattice for atoms of radius a/2 that are centered at the 
The “packing efficiency” for a two-dimensional structure lattice points? 
would be the area of the atoms divided by the area of the (a) 3.14% (b) 15.7% (c) 31.8% (d) 74.0% (e) 78.5% 


Alloys 


An alloy is a material that contains more than one element and has the characteristic 
properties of a metal. The alloying of metals is of great importance because it is one of the 
primary ways of modifying the properties of pure metallic elements. Nearly all the com- 
mon uses of iron, for example, involve alloy compositions (for example, stainless steel). 
Bronze is formed by alloying copper and tin, while brass is an alloy of copper and zinc. 
Pure gold is too soft to be used in jewelry, but alloys of gold are much harder (see “Chem- 
istry Put to Work: Alloys of Gold”). Other common alloys are described in Table 12.2. 
Alloys can be divided into four categories: substitutional alloys, interstitial alloys, het- 
erogeneous alloys, and intermetallic compounds. Substitutional and interstitial alloys are 
both homogeneous mixtures in which components are dispersed randomly and uniformly 
(Figure 12.15). Solids that form homogeneous mixtures are called solid solutions. When 
atoms of the solute in a solid solution occupy positions normally occupied by a solvent 
atom, we have a substitutional alloy. When the solute atoms occupy interstitial posi- 
tions in the “holes” between solvent atoms, we have an interstitial alloy (Figure 12.15). 


TABLE 12.2 Some Common Alloys 


Name Primary Element Typical Composition (by Mass) Properties Uses 

Wood’s metal Bismuth 50% Bi, 25% Pb, 12.5% Sn, 12.5% Cd Low melting point (70°C) Fuse plugs, automatic 
sprinklers 

Yellow brass Copper 67% Cu, 33% Zn Ductile, takes polish Hardware items 

Bronze Copper 88% Cu, 12% Sn Tough and chemically stable Important alloy for 

in dry air early civilizations 

Stainless steel Iron 80.6% Fe, 0.4% C, 18% Cr, 1% Ni Resists corrosion Cookware, surgical 
instruments 

Plumber’s solder Lead 67% Pb, 33% Sn Low melting point (275 °C) Soldering joints 

Sterling silver Silver 92.5% Ag, 7.5% Cu Bright surface Tableware 

Dental amalgam Silver 70% Ag, 18% Sn, 10% Cu, 2% Hg Easily worked Dental fillings 

Pewter Tin 92% Sn, 6% Sb, 2% Cu Low melting point (230°C) Dishes, jewelry 


YW TTT) what determines which species in a solid solution is the solute 
and which is the solvent? 


Fe 


Substitutional alloy Interstitial alloy 
14-karat gold Steel 


A Figure 12.15 The distribution of solute and solvent atoms in a substitutional alloy and an 
interstitial alloy. Both types of alloys are solid solutions and, therefore, homogeneous mixtures. 


Fe metal 


Substitutional alloys are formed when the two metallic components have similar 
atomic radii and chemical-bonding characteristics. For example, silver and gold form 
such an alloy over the entire range of possible compositions. When two metals differ in 
radii by more than about 15%, solubility is generally more limited. 

For an interstitial alloy to form, the solute atoms must have a much smaller bond- 
ing atomic radius than the solvent atoms. Typically, the interstitial element is a non- 
metal that makes covalent bonds to the neighboring metal atoms. The presence of the 
extra bonds provided by the interstitial component causes the metal lattice to become 
harder, stronger, and less ductile. For example, steel, which is much harder and stronger 
than pure iron, is an alloy of iron that contains up to 3% carbon. Other elements may be 
added to form alloy steels. Vanadium and chromium may be added to impart strength, for 
instance, and to increase resistance to fatigue and corrosion. 

One of the most important iron alloys is stainless steel, which contains about 0.4% 
carbon, 18% chromium, and 1% nickel. The ratio of elements present in the steel may 
vary over a wide range, imparting a variety of specific physical and chemical properties 
to the materials. 

Ina heterogeneous alloy, the components are not dispersed uniformly. For example, 
the heterogeneous alloy pearlite contains two phases (Figure 12.16). One phase is essentially 
pure body-centered cubic iron, and the other is the compound Fe3C, known as cementite. 
In general, the properties of heterogeneous alloys depend on both the composition and the 
manner in which the solid is formed from the molten mixture. The properties of a heteroge- 
neous alloy formed by rapid cooling of a molten mixture, for example, are distinctly differ- 
ent from the properties of an alloy formed by slow cooling of the same mixture. 

Intermetallic compounds are compounds rather than mixtures. Because they are 
compounds, they have definite properties and their composition cannot be varied. Further- 
more, the different types of atoms in an intermetallic compound are ordered rather than 
randomly distributed. The ordering of atoms in an intermetallic compound generally leads 
to better structural stability and higher melting points than what is observed in the con- 
stituent metals. These features can be attractive for high-temperature applications. On the 
negative side, intermetallic compounds are often more brittle than substitutional alloys. 

Intermetallic compounds play many important roles in modern society. The 
intermetallic compound Ni3Al is a major component of jet aircraft engines because of 


nine Co atoms if the empirical formula is SmCo,? 


Ni Al Nb Sn 


Ni;Al Nb;Sn 


A Figure 12.17 Three examples of intermetallic compounds. 
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< Figure 12.16 Microscopic view of the 
structure of the heterogeneous alloy pearlite. 
The dark regions are body-centered cubic 
iron metal, and the lighter regions are 
cementite, Fe3C. 


A4 Go Figure In the unit cell drawing on the right, why do we see eight Sm atoms and 


SmCos 


574 CHAPTER 12 Solids and Modern Materials 


its strength at high temperature and its low density. Razor blades are often coated with 
Cr3Pt, which adds hardness, allowing the blade to stay sharp longer. Both compounds 
have the structure shown on the left-hand side of Figure 12.17. The compound Nb;Sn, 
also shown in Figure 12.17, is a superconductor, a substance that, when cooled below a 
critical temperature, conducts electricity with no resistance. In the case of Nb3Sn super- 
conductivity is observed only when the temperature falls below 18 K. Superconductors 
are used in the magnets in MRI scanners widely employed for medical imaging. The need 
to keep the magnets cooled to such a low temperature is part of the reason why MRI 
devices are expensive to operate. The hexagonal intermetallic compound SmCos, shown 
on the right-hand side of Figure 12.17, is used to make the permanent magnets found 
in lightweight headsets and high-fidelity speakers. A related compound with the same 
structure, LaNis, is used as the anode in nickel-metal hydride batteries. 


CHEMISTRY PUT TO WORK BAO A ath fi 


Gold has long been a metal of choice for decorative objects, jewelry, 
and coins. The popularity of gold is driven by its unusual color (for a 
metal), its resistance to many chemical reactions, and the fact that it 
can easily be worked. However, pure gold is too soft for many applica- 
tions, including jewelry. To increase its strength and hardness, as well 
as to modify its color, gold is often alloyed with other metals. In the 
jewelry trade pure gold is termed 24 carat. The carat number decreases 
as the mass percent of gold decreases. The most common alloys used in 
jewelry are 14 carat, which is (14/24) x 100 = 58% gold, and 18 carat, 
which is (18/24) x 100 = 75% gold. 

The color of gold varies depending on the metals it is alloyed with. 
Gold is typically alloyed with silver and/or copper. All three elements 
crystallize with a face-centered cubic structure. The fact that all three 
elements have similar radii (Au and Ag are nearly the same size; Cu is 
roughly 11% smaller) and crystallize with the same type of structure 
make it possible to form substitutional alloys with nearly any composi- 
tion. The variations in color of these alloys as a function of composition 
are shown in Figure 12.18. Gold alloyed with equal parts silver 
and copper (blue dot) takes on the golden yellow > A 
color we associate with 18-carat gold jewelry. Red 
(14-carat) or rose gold is a copper-rich alloy (red ~ White 
dot). Silver-rich alloys take on a greenish hue, even- | 
tually giving way to silvery-white colors as silver be- 20 40 60 80 
comes the majority constituent. 

Related Exercises: 12.17, 12.78, 12.124 


> Figure 12.18 Colors of Au-Ag-Cu alloys as a 


function of composition. 


Gold 
a = 407.8 pm 


18-carat gold 


14-carat gold 


Silver Copper 
a = 408.5 pm a = 361.5 pn 


Metallic Bonding 


Consider the elements of the third period of the periodic table (Na-Ar). Argon with 
eight valence electrons has a complete octet; as a result it does not form any bonds. 
Chlorine, sulfur, and phosphorus form molecules (Cl), Sg, and P4) in which the atoms 
make one, two, and three bonds, respectively (Figure 12.19). Silicon forms an extended 
network solid in which each atom is bonded to four equidistant neighbors. Each of 
these elements forms 8 — N bonds, where N is the number of valence electrons. This 
behavior can easily be understood through the application of the octet rule. 

If the 8 — N trend continued as we move left across the periodic table, we would 
expect aluminum (three valence electrons) to form five bonds. Like many other met- 
als, however, aluminum adopts a close-packed structure with 12 nearest neighbors. 
Magnesium and sodium also adopt metallic structures. What is responsible for this 
abrupt change in the preferred bonding mechanism? The answer, as noted earlier, is that 
metals do not have enough valence-shell electrons to satisfy their bonding requirements 
by forming localized electron-pair bonds. In response to this deficiency, the valence elec- 
trons are collectively shared. A structure in which the atoms are close-packed facilitates 
this delocalized sharing of electrons. 
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VY Go Figure Which of these drawings represent molecules? 


Group 13 Group 14 Group 15 Group 16 Group 17 


OR 


o © 


Py Ss Cl, 
12 nearest neighbors 4 valence electrons 5 valence electrons 6 valence electrons 7 valence electrons 
8 — 4 = 4bonds 8 — 5 = 3 bonds 8 — 6 = 2 bonds 8 — 7 = 1 bond 
per atom per atom per atom per atom 
\ ve AW v I 
Metallic bonding Covalent bonding 


A Figure 12.19 Bonding in Period 3 elements. 


Metal ion (nucleus 
Electron-Sea Model + core electrons) 


A simple model that accounts for some of the most important characteristics of metals is 
the electron-sea model, which pictures the metal as an array of metal cations in a “sea” 
of valence electrons (Figure 12.20). The electrons are confined to the metal by electrostatic 
attractions to the cations, and they are uniformly distributed throughout the structure. 
The electrons are mobile, however, and no individual electron is confined to any partic- 
ular metal ion. When a voltage is applied to a metal wire, the electrons, being negatively 
charged, flow through the metal toward the positively charged end of the wire. 

The high thermal conductivity of metals is also accounted for by the presence of 
mobile electrons. The movement of electrons in response to temperature gradients per- 
mits ready transfer of kinetic energy throughout the solid. 

The ability of metals to deform (their malleability and ductility) can be explained 
by the fact that metal atoms form bonds to many neighbors. Changes in the positions of 
the atoms brought about in reshaping the metal are partly accommodated by a redistri- 
bution of electrons. 


Sea of mobile 
valence electrons 


Molecular Orbital Model 


Although the electron-sea model works surprisingly well given its simplicity, it does not . i 
adequately explain many properties of metals. According to the model, for example, de localize to form à E ot mobile electrons 
that surrounds and binds together an 
the strength of bonding between metal atoms should steadily increase as the numberof extended array of metal ions. 
valence electrons increases, resulting in a corresponding increase in the melting points. 
However, elements near the middle of the transition metal series, rather than those at 
the end, have the highest melting points in their respective periods (Figure 12.21). This 
trend implies that the strength of metallic bonding first increases with increasing num- 
ber of electrons and then decreases. Similar trends are seen in other physical properties of 
the metals, such as the boiling point, heat of fusion, and hardness. 
To obtain a more accurate picture of the bonding in metals, we must turn to molecular 
orbital theory. In Sections 9.7 and 9.8, we learned how molecular orbitals are created from the 
overlap of atomic orbitals. Let’s briefly review some of the rules of molecular orbital theory: 


A Figure 12.20 Electron-sea model of 
metallic bonding. The valence electrons 


1. Atomic orbitals combine to make molecular orbitals that can extend over the entire 
molecule. 


2. Amolecular orbital can contain zero, one, or two electrons. 
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Which element in each period has 

the highest melting point? In each 

case, is the element you named at 
the beginning, middle, or end of its 
period? 


Period 5 metals 
(Rb-Cd) 


Period 6 metals 
(Cs-Hg) 


Period 4 metals 
(K-Zn) 


Melting point (kelvin) 


123 435 67 8 9 lll 
Group 


A Figure 12.21 The melting points of metals 
from Periods 4, 5, and 6. 
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3. The number of molecular orbitals in a molecule equals the number of atomic orbit- 
als that combine to form molecular orbitals. 


4. Adding electrons to a bonding molecular orbital strengthens bonding, while adding 
electrons to antibonding molecular orbitals weakens bonding. 


The electronic structures of crystalline solids and small molecules have similari- 
ties as well as differences. To illustrate, consider how the molecular orbital diagram for 
a chain of lithium atoms changes as we increase the length of the chain (Figure 12.22). 
Each lithium atom contains a half-filled 2s orbital in its valence shell. The molecular- 
orbital diagram for Li, is analogous to that of an Hz molecule: one filled bonding molecu- 
lar orbital and one empty antibonding molecular orbital with a nodal plane between the 
atoms. For Li,, there are four molecular orbitals, ranging from the lowest-energy orbital, 
where the orbital interactions are completely bonding (zero nodal planes), to the high- 
est-energy orbital, where all interactions are antibonding (three nodal planes). 

As the length of the chain increases, the number of molecular orbitals increases. 
Regardless of chain length, the lowest-energy orbitals are always the most bonding and 
the highest-energy orbitals always the most antibonding. Furthermore, because each 
lithium atom has only one valence shell atomic orbital, the number of molecular orbitals 
is equal to the number of lithium atoms in the chain. Because each lithium atom has one 
valence electron, half of the molecular orbitals are fully occupied and the other half are 
empty, regardless of chain length.* 


Electronic Band Structure Ifthe chain becomes very long, there are so many molec- 
ular orbitals that the energy separation between them becomes vanishingly small. As 
the chain length goes to infinity, the allowed energy states become a continuous band. 
For a crystal large enough to see with the eye (or even an optical microscope), the num- 
ber of atoms is extremely large. Consequently, the electronic structure of the crystal is 
like that of the infinite chain, consisting of bands, as shown on the right-hand side of 
Figure 12.22. 


Go Figure 


How does the energy spacing between molecular orbitals 
change as the number of atoms in the chain increases? 


A4 


Remember, dots represent 
nuclei and half-arrows 
represent electrons. 


z ) Most 
7 antibonding 


Energy 
| | 
\ My, 
"hy w% 
\ \ 

e A \ 
Filled MOs Empty MOs 

Band of molecular orbitals 


Li Li Li, 
Number of atoms increasing 


A Figure 12.22 Discrete energy levels in individual molecules become continuous energy bands in a 
solid. Occupied orbitals are shaded blue, and empty orbitals pink. 


*This is strictly true only for chains with an even number of atoms. 
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W Go Figure If the metal were potassium rather than nickel, which bands—4s, 4p, 
and/or 3d—would be partially occupied? 
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A Figure 12.23 The electronic band structure of nickel. 


The electronic structures of most metals are more complicated than those shown in 
Figure 12.22 because we have to consider more than one type of atomic orbital on each 
atom. Because each type of orbital can give rise to its own band, the electronic structure 
of a solid usually consists of a series of bands. The electronic structure of a bulk solid is 
referred to as a band structure. 

The band structure of a typical metal is shown schematically in Figure 12.23. The 
electron filling depicted corresponds to nickel metal, but the basic features of other met- 
als are similar. The electron configuration of a nickel atom is [Ar]4s?3d’, as shown on the 
left side of the figure. The energy bands that form from each of these orbitals are shown 
on the right side. The 4s, 4p, and 3d orbitals are treated independently, each giving rise 
to a band of molecular orbitals. In practice, these overlapping bands are not completely 
independent of each other, but for our purposes this simplification is reasonable. 

The 4s, 4p, and 3d bands differ from one another in the energy range they span (rep- 
resented by the heights of the rectangles on the right side of Figure 12.23) and in the 
number of electrons they can hold (represented by the area of the rectangles). The 4s, 4p, 
and 3d bands can hold 2, 6, and 10 electrons per atom, respectively, corresponding to two 
per orbital, as dictated by the Pauli exclusion principle. The energy range spanned by the 
3d band is smaller than the range spanned by the 4s and 4p bands because the 3d orbitals 
are smaller and, therefore, overlap with orbitals on neighboring atoms less effectively. 

Many properties of metals can be understood from Figure 12.23. We can think of 
the energy band as a partially filled container for electrons. The incomplete filling of 
the energy band gives rise to characteristic metallic properties. The electrons in orbitals 
near the top of the occupied levels require very little energy input to be “promoted” to 
higher-energy orbitals that are unoccupied. Under the influence of any source of exci- 
tation, such as an applied electrical potential or an input of thermal energy, electrons 
move into previously vacant levels and are thus freed to move through the lattice, giving 
rise to electrical and thermal conductivity. 

Without the overlap of energy bands, the periodic properties of metals could not 
be explained. In the absence of the d- and p-bands, we would expect the s-band to be 
half-filled for the alkali metals (Group 1) and completely filled for the alkaline-earth 
metals (Group 2). If that were true, metals like magnesium, calcium, and strontium would 
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not be good electrical and thermal conductors, in disagreement with experimental 
observations. 

While the conductivity of metals can be qualitatively understood using either 
the electron-sea model or the molecular orbital model, many physical proper- 
ties of transition metals, such as the melting points plotted in Figure 12.21, can be 
explained only with the latter model. The molecular orbital model predicts that 
bonding first becomes stronger as the number of valence electrons increases and the 
bonding orbitals are increasingly populated. Upon moving past the middle elements 
of the transition metal series, the bonds grow weaker as electrons populate antibo- 
nding orbitals. Strong bonds between atoms lead to metals with higher melting and 


boiling points, higher heats of fusion, higher hardness, and so forth. 


Self-Assessment Exercises 


12.12 


Sterling silver is 92.5% silver and 7.5% copper. Both pure 
metals crystalize with a face-centered cubic structure. What 
sort of alloy is sterling silver? 


(a) Substitution alloy 
(b) Interstitial alloy 
(c) Heterogeneous alloy 


(d) Intermetallic compound 


12.13 


Which element, Pt or Re, has the greater number of electrons 
in antibonding orbitals? Which one would you expect to 
have the higher melting point? 


(a) Pt has the greater number of electrons in antibonding 
orbitals and the lower melting point 

(b) Pt has the greater number of electrons in antibonding 
orbitals and the higher melting point 

(c) Re has the greater number of electrons in antibonding 
orbitals and the lower melting point 

(d) Re has the greater number of electrons in antibonding 
orbitals and the higher melting point 


———————————————————— 
Exercises 


12.14 The densities of the elements Cr, Mn, Fe, and Cu are 7.15, 


12.15 


12.16 


12.17 


7.30, 7.87, and 8.96 g/cm’, respectively. One of these ele- 
ments crystallizes in a face-centered cubic structure; the 
other three crystallize in a body-centered cubic structure. 
Which one crystallizes in the face-centered cubic structure? 
Justify your answer. 


Barium crystallizes in a body-centered cubic structure. 
(a) How many Ba atoms are contained in each unit cell? 
(b) How many nearest neighbors does each Ba atom possess? 
(c) Estimate the length of the unit cell edge, a, from the 
atomic radius of barium (0.215 nm). (d) Estimate the density 
of Ba metal at this temperature. 


Determine if each statement is true or false: (a) Substitu- 
tional alloys are solid solutions, but interstitial alloys are 
heterogenous alloys. (b) Substitutional alloys have “solute” 
atoms that replace “solvent” atoms in a lattice, but intersti- 
tial alloys have “solute” atoms that are in between the “sol- 
vent” atoms in a lattice. (c) The atomic radii of the atoms ina 
substitutional alloy are similar to each other, but in an inter- 
stitial alloy, the interstitial atoms are a lot smaller than the 
host lattice atoms. 


For each of the following alloy compositions, indicate 
whether you would expect it to be a substitutional alloy, an 
interstitial alloy, or an intermetallic compound: 


(a) Cuo662No.34, (b) Ag3Sn, (c) Tip.990o.01- 


12.18 


12.19 


12.20 


12.21 


Indicate whether each statement is true or false: 
(a) Intermetallic compounds have a fixed composition. 


(b) Copper is the majority component in both brass and 
bronze. 


(c) In stainless steel, the chromium atoms occupy intersti- 
tial positions. 


Imagine that you have a metal bar sitting half in the sun and 
half in the dark. On a sunny day, the part of the metal that 
has been sitting in the sun feels hot. If you touch the part of 
the metal bar that has been sitting in the dark, will it feel hot 
or cold? Justify your answer in terms of thermal conductivity. 


The molecular-orbital diagrams for two- and four-atom 
linear chains of lithium atoms are shown in Figure 12.22. 
Construct a molecular-orbital diagram for a chain contain- 
ing six lithium atoms and use it to answer the following 
questions: (a) How many molecular orbitals are there in 
the diagram? (b) How many nodes are in the lowest-energy 
molecular orbital? (c) How many nodes are in the highest- 
energy molecular orbital? (d) How many nodes are in the 
highest-energy occupied molecular orbital (HOMO)? (e) How 
many nodes are in the lowest-energy unoccupied molecular 
orbital (LUMO)? (f) How does the HOMO-LUMO energy gap 
for this case compare to that of the four-atom case? 


Which would you expect to be the more ductile element, 
(a) Ag or Cr, (b) Zn or Ge? In each case, explain your 
reasoning. 


(e) ZEZL 


y 


(e) EF'ZL 
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12.3 | Ionic Solids 


A piezoelectric crystal responds to applied pressure by generating a voltage difference 
across two crystal faces. The effect works in both directions as an applied voltage can 
cause a deformation of the crystal structure by up to 0.1%. There are many applica- 
tions that utilize the piezoelectric effect including gas ignition lighters, sonar, balances 
for weighing, ultrasound nozzles, ink-jet printers, amplification ‘pick-ups’ for musical 
instruments, clock generators to synchronize computer circuit boards and probes for 
scanning microscopes. While there is a wide range of types of material that show a piezo- 
electric effect, Rochelle salt (potassium sodium tartrate) was used in the early days for 
gramophone pick-ups as well as microphones and earpieces where the crystal could have 
an output of as much as 2 V. Unfortunately, the salt absorbs water easily and deteriorated 
quickly in humid climates. 

In this section, we examine the crystal structures of ionic solids, and, by the end of 
the section, you should be able to 


e Relate the structure of an ionic solid to its empirical formula 


Ionic solids are held together by the electrostatic attraction between cations and 
anions: ionic bonds. The high melting and boiling points of ionic compounds are a tes- 
tament to the strength of the ionic bonds. The strength of an ionic bond depends on the 
charges and sizes of the ions. As discussed in Chapters 8 and 11, the attractions between 
cations and anions increase as the charges of the ions increase. Thus NaCl, where the 
ions have charges of 1+ and 1-, melts at 801 °C, whereas MgO, where the ions have 
charges of 2+ and 2—, melts at 2852 °C. The interactions between cations and anions 
also increase as the ions get smaller, as we see from the melting points of the alkali metal 
halides in Table 12.3. These trends mirror the trends in lattice enthalpy discussed in 
Section 8.2. 

Although ionic and metallic solids both have high melting and boiling points, the 
differences between ionic and metallic bonding are responsible for important differences 
in their properties. Because the valence electrons in ionic compounds are confined to the 
anions, rather than being delocalized, ionic compounds are typically electrical insula- 
tors. They tend to be brittle, a property explained by repulsive interactions between ions 
of like charge. When stress is applied to an ionic solid, as in Figure 12.24, the planes of 


TABLE 12.3 Properties of the Alkali Metal Halides 


Cation—Anion Lattice Enthalpy 
Compound Distance (pm) (kJ/mol) Melting Point (°C) 
LiF 201 1030 845 
NaCl 283 788 801 
KBr 330 671 734 


RbI 367 632 674 
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W Go Figure 


Why don’t metals cleave in the way 
depicted here for ionic substances? 


i) A shear stress is applied to an ionic crystal. 


Cation 


Anion 


4 


Ə Planes of atoms slide in response to stress. 


©) Repulsive interactions between ions of like 
charge lead to separation of the layers. 


(a) 


(b) 


A Figure 12.24 Brittleness and faceting in ionic 
crystals. (a) When a shear stress (blue arrows) is 
applied to an ionic solid, the crystal separates along 
a plane of atoms as shown. (b) This property of ionic 
crystals is used to facet gemstones, such as rubies. 


atoms, which before the stress were arranged with cations next to anions, shift so 
that the alignment becomes cation-cation, anion-anion. The resulting repulsive 
interaction causes the planes to split away from each other, a property that lends 
itself to the carving of certain gemstones (such as ruby, composed principally of 
Al,O3). 


Structures of Ionic Solids 


Like metallic solids, ionic solids tend to adopt structures with symmetric, close- 
packed arrangements of atoms. However, important differences arise because we 
now have to pack together spheres that have different radii and opposite charges. 
Because cations are often considerably smaller than anions, the coordination 
numbers in ionic compounds are smaller than those in close-packed metals. Even 
if the anions and cations were the same size, the close-packed arrangements seen 
in metals cannot be replicated without letting ions of like charge come in contact 
with each other. The repulsions between ions of the same type make such arrange- 
ments unfavorable. The most favorable structures are those where the cation- 
anion distances are as close as those permitted by ionic radii, but the anion-anion 
and cation-cation distances are maximized. 

Three common ionic structure types are shown in Figure 12.25. The cesium 
chloride (CsCl) structure is based on a primitive cubic lattice. Anions sit on the 
lattice points at the corners of the unit cell, and a cation sits at the center of each 
cell. (Remember, there is no lattice point inside a primitive unit cell.) With this 
arrangement, both cations and anions are surrounded by a cube of eight ions of the 
opposite type. 

The sodium chloride (NaCl; also called the rock salt structure) and zinc blende 
(ZnS) structures are based on a face-centered cubic lattice. In both structures the 
anions sit on the lattice points that lie on the corners and faces of the unit cell, 
but the two-atom motif is slightly different for the two structures. In NaCl the Na” 
ions are displaced from the Cl ions along the edge of the unit cell, whereas in ZnS 
the Zn?* ions are displaced from the S?~ ions along the body diagonal of the unit 
cell. This difference leads to different coordination numbers. In sodium chloride, 
each cation and each anion are surrounded by six ions of the opposite type, lead- 
ing to an octahedral coordination environment. In zinc blende, each cation and 
each anion are surrounded by four ions of the opposite type, leading to a tetrahe- 
dral coordination geometry. The cation coordination environments can be seen in 
Figure 12.26. 

For a given ionic compound, we might ask which type of structure is most 
favorable. A number of factors come into play, but two of the most important are 
the relative sizes of the ions and the stoichiometry. Consider first ion size. Notice 
in Figure 12.26 that the coordination number changes from 8 to 6 to 4 on moving 
from CsCl to NaCl to ZnS. This trend is driven in part by the fact that for these three 
compounds the ionic radius of the cation gets smaller while the ionic radius of the 
anion changes very little. When the cation and anion are similar in size, a large 
coordination number is favored and the CsCl structure is often realized. As the 
relative size of the cation gets smaller, eventually it is no longer possible to main- 
tain the cation-anion contacts and simultaneously keep the anions from touching 
each other. When this occurs, the coordination number drops from 8 to 6, and the 
sodium chloride structure becomes more favorable. As the cation size decreases fur- 
ther, eventually the coordination number must be reduced again, this time from 6 
to 4, and the zinc blende structure becomes favored. Remember that, in ionic crys- 
tals, ions of opposite charge touch each other but ions of the same charge should 
not touch. 

The relative number of cations and anions also helps determine the most sta- 
ble structure type. All the structures in Figure 12.26 have equal numbers of cat- 
ions and anions. These structure types (cesium chloride, sodium chloride, zinc 
blende) can be realized only for ionic compounds in which the number of cations 
and anions is equal. When this is not the case, other crystal structures must result. 
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W e TG Do the anions touch each other in any of these three structures? If not, 
which ions do touch each other? 


Cl Cs Cl Na S Zn 
Motif Qo 
+ 
<|. g < e 
Crystal E E 
lattice 
<= a a 
Primitive Face-centered Face-centered 
cubic lattice cubic lattice cubic lattice 
Crystal 
structure 


CsCl structure NaCl structure ZnS structure 


A Figure 12.25 The structures of CsCl, NaCl, and ZnS. Each structure type can be generated by 
the combination of a two-atom motif and the appropriate lattice. 
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A Figure 12.26 Coordination environments in CsCl, NaCl, and ZnS. The sizes of the ions have been 
reduced to show the coordination environments clearly. 
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W. Go Figure How many cations are there per unit cell for each of these structures? 
How many anions per unit cell? 


Increasing anion-to-cation ratio 


Cation coordination 
number 
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geometry 
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number 
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A Figure 12.27 Coordination numbers depend on stoichiometry. The sizes of the ions have been 
reduced to show the coordination environments clearly. 


As an example, consider NaF, MgF,, and ScF; (Figure 12.27). Sodium fluoride has the 
sodium chloride structure with a coordination number of 6 for both cation and anion, 
as you might expect since NaF and NaCl are quite similar. Magnesium fluoride, however, 
has two anions for every cation, resulting in a tetragonal crystal structure called the rutile 
structure. The cation coordination number is still 6, but the fluoride coordination num- 
ber is now only 3. In the scandium fluoride structure, there are three anions for every 
cation; the cation coordination number is still 6, but the fluoride coordination number 
has dropped to 2. As the cation/anion ratio goes down, there are fewer cations to sur- 
round each anion, and so the anion coordination number must decrease. The empirical 
formula of an ionic compound can be described quantitatively by the relationship 


Number of cations per formula unit anion coordination number 
Number of anions per formula unit ~~ cation coordination number 


[12.1] 


\ Sample Exercise 12.2 
PP Calculating the Density of an lonic Solid 


Rubidium iodide crystallizes with the same structure as sodium chloride. (a) How many iodide ions are there per unit cell? 
(b) How many rubidium ions are there per unit cell? (c) Use the ionic radii and molar masses of Rb* (166 pm, 85.47 g/mol) and 
|~ (206 pm, 126.90 g/mol) to estimate the density of rubidium iodide in g/cm*. 


SOLUTION 


Analyze and Plan 


(a) We need to count the number of anions in the unit cell of 
the sodium chloride structure, remembering that ions on 
the corners, edges, and faces of the unit cell are only partially 
inside the unit cell. 

We can apply the same approach to determine the number of 

cations in the unit cell. We can double-check our answer by 

writing the empirical formula to make sure the charges of the 
cations and anions are balanced. 

(c) Because density is an intensive property, the density of the 
unit cell is the same as the density of a bulk crystal. To calcu- 
late the density we must divide the mass of the atoms per unit 
cell by the volume of the unit cell. To determine the volume 
of the unit cell, we need to estimate the length of the unit cell 
edge by first identifying the direction along which the ions 
touch and then using ionic radii to estimate the length. Once 
we have the length of the unit cell edge, we can cube it to 
determine its volume. 


Solve 


(a) The crystal structure of rubidium iodide looks just like NaCl 
with Rb’ ions replacing Na* and I ions replacing Cl-. From 
the views of the NaCl structure in Figures 12.25 and 12.26, we 
see that there is an anion at each corner of the unit cell and at 
the center of each face. From Table 12.1 we see that the ions 
sitting on the corners are equally shared by eight unit cells 
( z ion per unit cell), while those ions sitting on the faces are 
equally shared by two unit cells ( 5 ion per unit cell). A cube 
has eight corners and six faces, so the total number of I” ions 
is8(%) + 6(5) = 4 per unit cell. 
Using the same approach for the rubidium cations, we see 
that there is a rubidium ion on each edge and one at the cen- 
ter of the unit cell. Using Table 12.1 again, we see that the ions 
sitting on the edges are equally shared by four unit cells (1/4 
ion per unit cell), whereas the cation at the center of the unit 
cell is not shared. A cube has 12 edges, so the total number of 
rubidium ions is 12(;) + 1 = 4. This answer makes sense be- 
cause the number of Rb‘ ions must be the same as the number 
of T ions to maintain charge balance. 
(c) In ionic compounds, cations and anions touch each other. In 
RbI the cations and anions touch along the edge of the unit 
cell as shown in the following figure. 


(b 


= 


(b 


= 
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The length of the unit cell edge is equal to r(I-) + 2r(Rb*) + r(I-) = 
2r(I-) + 2r(Rb*). Plugging in the ionic radii we get 2(206 pm) + 
2(166 pm) = 744 pm. The volume of a cubic unit cell is just the 
edge length cubed. Converting from pm to cm and cubing we get 


Volume = (7.44 x 10cm)? = 4.12 x 1077? cm’. 


From parts (a) and (b) we know that there are four rubidium and 
four iodide ions per unit cell. Using this result and the molar 
masses, we can calculate the mass per unit cell 


4(85.47 g/mol) + 4(126.90 g/mol 
Mass ( g/mol) l — g/mol) 1.411 x 1077! g 
6.022 x 1073 mort 


The density is the mass per unit cell divided by the volume of a unit 
cell 


mass 1.411 Xx 107! g 


volume 4.12 x 10 72cm? 


Density 3.43 g/cm? 


Check The densities of most solids fall between the density of lith- 
ium (0.5 g/cm?) and that of iridium (22.6 g/cm’), so this value is 
reasonable. 


» Practice Exercise 


Estimate the length of the cubic unit cell edge and the den- 
sity of CsCl (Figure 12.25) from the ionic radii of cesium, 
181 pm, and chloride, 167 pm. (Hint: Ions in CsCl touch 
along the body diagonal, a vector running from one corner 
of a cube through the body center to the opposite corner. 
Using trigonometry it can be shown that the body diagonal 
of a cube is V3 times longer than the edge.) 


Self-Assessment Exercise 


12.22 In the crystal of titanium dioxide, the oxide ions are coor- 
dinated by three titanium ions. What is the coordination 
number of titanium? 


(a) 1 
(b) 2 


(c) 3 
(d) 6 
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Exercises 


12.23 


12.24 


12.25 


The unit cell of a compound containing Co and O has a unit 
cell as illustrated here. The Co atoms are on the corners, and 
the O atoms are completely within the unit cell. What is the 
empirical formula of this compound? What is the oxidation 
state of the metal? 


Q- 
e 


Silver chloride (AgCl) adopts the rock salt structure. The den- 
sity of AgCl at 25 °C is 5.56 g/cm?. Calculate the length of an 
edge of the AgCI unit cell. 


At room temperature and pressure RbCl crystallizes with the 
NaCl-type structure. (a) Use ionic radii to predict the length 
of the cubic unit cell edge. (b) Use this value to estimate the 
density. (c) At high temperature and pressure, the structure 
transforms to one with a CsCl-type structure. Use ionic ra- 
dii to predict the length of the cubic unit cell edge for the 


high-pressure form of RbCl. (d) Use this value to estimate the 
density. How does this density compare with the density you 
calculated in part (b)? 


12.26 The rutile and fluorite structures, shown here (anions are 


colored green), are two of the most common structure types 
of ionic compounds where the cation to anion ratio is 1:2. 
(a) For CaF, and ZnF, use ionic radii, Ca?" (r = 114pm), 
Zn** (r = 88pm), and F` (r = 119 pm), to predict which 
compound is more likely to crystallize with the fluorite 
structure and which with the rutile structure. (b) What are 
the coordination numbers of the cations and anions in each 


of these structures? 


Rutile Fluorite 


12.27 The coordination number for the Al** ion is typically be- 
tween four and six. Use the anion coordination number to 
determine the Al>* coordination number in the following 
compounds: (a) AIF; where the fluoride ions are two coor- 
dinate, (b) AlO} where the oxygen ions are six coordinate, 
(c) AIN where the nitride ions are four coordinate. 
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12.4 | Covalent Solids 


Diamond was long considered the hardest known substance, but that does not appear 
to be the case anymore. If you were to investigate very hard substances, you might 
start by looking at ones that have a similar structure to that of diamond. We have 
seen that the structure depends on bonding and size. Boron nitride (BN) is a mate- 
rial that is both isostructural and isoelectronic with diamond. Calculations suggest 
it can withstand about 18% more stress than diamond, but it occurs rarely in nature, 
so this has yet to be verified on a natural sample. It can be manufactured in the lab 
and the strength of BN, coupled with a resistance to oxidation at high temperatures, 
makes it an ideal candidate for cutting and grinding tools and other high-temperature 
applications. 

There are two classes of covalent solid with very different properties. By the end of 
this section, you should be able to 


e Interpret melting point and boiling point data in terms of crystal structure 
e Predict how n-type and p-type doping can be used to control the conductivity of 
semiconductors 


Molecular Solids 


Molecular solids consist of atoms or neutral molecules held together by dipole-dipole 
forces, dispersion forces, and/or hydrogen bonds. Because these intermolecular forces 
are weak, molecular solids are soft and have relatively low melting points (usually below 
200 °C). Most substances that are gases or liquids at room temperature form molecular 
solids at low temperature. Examples include Ar, H2O, and CO3. 

The properties of molecular solids depend in large part on the strengths of the 
forces between molecules. Consider, for example, the properties of sucrose (table 
sugar, C12H22011). Each sucrose molecule has eight —OH groups, which allow for 
the formation of multiple hydrogen bonds. Consequently, sucrose exists as a crystal- 
line solid at room temperature, and its melting point, 184°C, is relatively high for a 
molecular solid. 

Molecular shape is also important because it dictates how efficiently molecules 
pack together in three dimensions. Benzene (C6H6), for example, is a highly sym- 
metrical planar molecule. It has a higher melting point than toluene, a compound 
in which one of the hydrogen atoms of benzene has been replaced by a CH} group 
(Figure 12.28). The lower symmetry of toluene molecules prevents them from packing 
in a crystal as efficiently as benzene molecules. As a result, the intermolecular forces 
that depend on close contact are not as effective and the melting point is lower. In 
contrast, the boiling point of toluene is higher than that of benzene, indicating that 
the intermolecular attractive forces are larger in liquid toluene than in liquid benzene. 
The melting and boiling points of phenol, another substituted benzene shown in Fig- 
ure 12.28, are higher than those of benzene because the OH group of phenol can form 
hydrogen bonds. 


W Go Figure In which substance, benzene or toluene, are the 
intermolecular forces stronger? In which substance do the 
molecules pack more efficiently? 
CH; OH 
Benzene Toluene Phenol 
Melting point (°C) 5 =95 43 
Boiling point (°C) 80 111 182 


A Figure12.28 Melting and boiling points for benzene, toluene, and phenol. 
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> Figure 12.29 The structures of 
(a) diamond and (b) graphite. 


Each carbon atom is 
bonded to four other carbon 
atoms, forming a 

tedrahedron. 


Sheets are held 
together by 
dispersion 
forces. 


335 pm 


(a) Diamond (b) Graphite 


Covalent-Network Solids 


Covalent-network solids consist of atoms held together in large networks by covalent 
bonds. Because covalent bonds are much stronger than intermolecular forces, these solids are 
much harder and have higher melting points than molecular solids. Diamond and graphite, 
two allotropes of carbon, are two of the most familiar covalent-network solids. Other exam- 
ples are silicon, germanium, quartz (SiOz), silicon carbide (SiC), and boron nitride (BN). In all 
cases, the bonding between atoms is either completely covalent or more covalent than ionic. 

In diamond, each carbon atom is bonded tetrahedrally to four other carbon atoms 
(Figure 12.29). The structure of diamond can be derived from the zinc blende structure 
(Figure 12.26) if carbon atoms replace both the zinc and sulfide ions. The carbon atoms 
are sp? hybridized and held together by strong carbon-carbon single covalent bonds. 
The strength and directionality of these bonds make diamond one of the hardest known 
material. For this reason, industrial-grade diamonds are employed in saw blades used for 
the most demanding cutting jobs. The stiff, interconnected bond network also explains 
why diamond is one of the best-known thermal conductors, yet is not electrically con- 
ductive. Diamond has a high melting point, 3550 °C. 

In graphite, [Figure 12.29(b)], the carbon atoms form covalently bonded layers that 
are held together by intermolecular forces. The layers in graphite are the same as those in 
the graphene sheet shown in Figure 12.8. Graphite has a hexagonal unit cell containing 
two layers offset so that the carbon atoms in a given layer sit over the middle of the hexa- 
gons of the layer below. Each carbon is covalently bonded to three other carbons in the 
same layer to form interconnected hexagonal rings. The distance between adjacent car- 
bon atoms in the plane, 142 pm, is very close to the C—C distance in benzene, 140 pm. 
In fact, the bonding resembles that of benzene, with delocalized m bonds extending over 
the layers. Electrons move freely through the delocalized orbitals, making graphite a 
good electrical conductor along the layers. (In fact, graphite is used as a conducting elec- 
trode in batteries.) These sp” hybridized sheets of carbon atoms are separated by 335 pm 
from one another, and the sheets are held together only by dispersion forces. Thus, the 
layers readily slide past one another when rubbed, giving graphite a greasy feel. This ten- 
dency is enhanced when impurity atoms are trapped between the layers, as is typically 
the case in commercial forms of the material. 

Graphite is used as a lubricant and as the “lead” in pencils. The enormous differ- 
ences in physical properties of graphite and diamond—both of which are pure carbon— 
arise from differences in their three-dimensional structure and bonding. 


Semiconductors 


Metals conduct electricity extremely well. Many solids, however, conduct electricity 
somewhat, but nowhere near as well as metals, which is why such materials are called 
semiconductors. Two examples of semiconductors are silicon and germanium, which 


W NTT If you draw a second diagram next to this one to represent 
an insulator, what aspect of the second diagram would be 
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A Figure 12.30 The electronic band structure of semiconductors that have the diamond crystal 
structure. 


lie immediately below carbon in the periodic table. Like carbon, each of these elements 
has four valence electrons, just the right number to satisfy the octet rule by forming sin- 
gle covalent bonds with four neighbors. Hence, silicon and germanium, as well as the 
gray form of tin, crystallize with the same infinite network of covalent bonds as diamond. 

When atomic s and p orbitals overlap, they form bonding molecular orbitals and 
antibonding molecular orbitals. Each pair of s orbitals overlaps to give one bonding and 
one antibonding molecular orbital, whereas the p orbitals overlap to give three bond- 
ing and three antibonding molecular orbitals. The extended network of bonds leads to 
the formation of the same type of bands we saw for metals in Section 12.2. However, 
unlike metals, in semiconductors an energy gap develops between the filled and empty 
states, much like the energy gap between bonding and antibonding orbitals. The band 
that forms from bonding molecular orbitals is called the valence band, and the band 
that forms the antibonding orbitals is called the conduction band (Figure 12.30). In 
a semiconductor, the valence band is filled with electrons and the conduction band is 
empty. These two bands are separated by the energy band gap E,. In the semiconduc- 
tor community, energies are given in electron volts (eV); 1eV = 1.602 x 107!’J. Band 
gaps greater than ~3.5 eV are so large that the material is not a semiconductor; it is an 
insulator and does not conduct electricity. 

Semiconductors can be divided into two classes: elemental semiconductors, which 
contain only one type of atom, and compound semiconductors, which contain two or 
more elements. The elemental semiconductors all come from Group 14. As we move 
down the periodic table, bond distances increase, which decreases orbital overlap. This 
decrease in overlap reduces the energy difference between the top of the valence band 
and the bottom of the conduction band. As a result, the band gap decreases on going 
from diamond (5.5 eV, an insulator) to silicon (1.11 eV) to germanium (0.67 eV) to gray 
tin (0.08 eV). In the heaviest Group 14 element, lead, the band gap collapses altogether. 
As a result, lead has the structure and properties of a metal. 

Compound semiconductors maintain the same average valence electron count as ele- 
mental semiconductors—four per atom. For example, in gallium arsenide, GaAs, each Ga 
atom contributes three electrons and each As atom contributes five, which averages out 
to four per atom—the same number as in silicon or germanium. Hence, GaAs is a semi- 
conductor. Other examples are InP, where indium contributes three valence electrons 
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TABLE 12.4 Band Gaps of Select Elemental and Compound Semiconductors 


Material Structure Ey, evt 
Type 

AIP Zinc blende 2.43 Al Si P 

Ge Diamond 0.67 30 Sil SO) Ba 34 
GaAs Zinc blende 1.43 Zn Ga Ge As Se 
ZnSe Zinc blende 2.58 48 49 50 51 52 

Snt Diamond 0.08 Cd || In Sn || Sb || Te 
InSb Zinc blende 0.18 
CdTe Zinc blende 1.50 


t Band gap energies are room temperature values, 1 eV = 1.602 X 107! J. 
t These data are for gray tin, the semiconducting allotrope of tin. The other allotrope, white tin, is a metal. 


and phosphorus contributes five, and CdTe, where cadmium provides two valence elec- 
trons and tellurium contributes six. In both cases, the average is again four valence elec- 
trons per atom. GaAs, InP, and CdTe all crystallize with a zinc blende structure. 

The band gap of a compound semiconductor tends to increase as the difference in 
group numbers increases. For example, E, = 0.67 eV in Ge, but Eg = 1.43 eV in GaAs. 
If we increase the difference in group number to four, as in ZnSe (Groups 12 and 16), the 
band gap increases to 2.70 eV. This progression is a result of the transition from pure 
covalent bonding in elemental semiconductors to polar covalent bonding in compound 
semiconductors. As the difference in electronegativity of the elements increases, the 
bonding becomes more polar and the band gap increases. 

Electrical engineers manipulate both the orbital overlap and the bond polarity to 
control the band gaps of compound semiconductors for use in a wide range of electrical 
and optical devices. The band gaps of several elemental and compound semiconductors 
are given in Table 12.4. 


a Sample Exercise 12.3 


s Qualitative Comparison of Semiconductor Band Gaps 


Will GaP have a larger or smaller band gap than ZnS? Will it have a larger or smaller band gap than GaN? 


SOLUTION 


Analyze The size of the band gap depends on the vertical and hor- 
izontal positions of the elements in the periodic table. The band 
gap will increase when either of the following conditions is met: 
(1) The elements are located higher up in the periodic table, where 
enhanced orbital overlap leads to a larger splitting between bond- 
ing and antibonding orbital energies, or (2) the horizontal separa- 
tion between the elements increases, which leads to an increase in 
the electronegativity difference and bond polarity. 


Plan We must look at the periodic table and compare the relative 
positions of the elements in each case. 


Solve Gallium is in the fourth period and Group 13. Phosphorus is 
in the third period and Group 15. Zinc and sulfur are in the same 
periods as gallium and phosphorus, respectively. However, zinc, in 
Group 12, is one element to the left of gallium; sulfur in Group 16 


is one element to the right of phosphorus. Thus, we would expect 
the electronegativity difference to be larger for ZnS, which should 
result in ZnS having a larger band gap than GaP. 


For both GaP and GaN the more electropositive element is gal- 
lium. So we need only compare the positions of the more electro- 
negative elements, P and N. Nitrogen is located above phosphorus 
in Group 15. Therefore, based on increased orbital overlap, we 
would expect GaN to have a larger band gap than GaP. 


Check External references show that the band gap of GaP is 
2.26 eV, ZnS is 3.6 eV, and GaN is 3.4 eV. 


> Practice Exercise 
Will ZnSe have a larger or smaller band gap than ZnS? 
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W CNT Predict what would happen in panel (b) if you doubled the 
amount of doping shown in the n-type semiconductor. 


Conduction band 
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semiconductor semiconductor semiconductor 
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A Figure 12.31 The addition of small amounts of impurities (doping) to a semiconductor changes 
the electronic properties of the material. 


Semiconductor Doping 


The electrical conductivity of a semiconductor is influenced by the presence of small 
numbers of impurity atoms. The process of adding controlled amounts of impurity 
atoms to a material is known as doping. Consider what happens when a few phospho- 
rus atoms (known as dopants) replace silicon atoms in a silicon crystal. In pure Si, all of 
the valence-band molecular orbitals are filled and all of the conduction-band molecular 
orbitals are empty, as Figure 12.31(a) shows. Because phosphorus has five valence elec- 
trons but silicon has only four, the “extra” electrons that come with the dopant phos- 
phorus atoms are forced to occupy the conduction band [Figure 12.31(b)]. The doped 
material is called an n-type semiconductor, n signifying that the number of negatively 
charged electrons in the conduction band has increased. These extra electrons can move 
very easily in the conduction band. Thus, just a few parts per million (ppm) of phospho- 
rus in silicon can increase silicon’s intrinsic conductivity by a factor of a million! 

The dramatic change in conductivity in response to the addition of a trace amount of 
a dopant means that extreme care must be taken to control the impurities in semiconduc- 
tors. The semiconductor industry uses “nine-nines” silicon to make integrated circuits; 
what this means is that Si must be 99.999999999% pure (nine nines after the decimal 
place) to be technologically useful! Doping provides an opportunity for controlling the 
electrical conductivity through precise control of the type and concentration of dopants. 

It is also possible to dope semiconductors with atoms that have fewer valence elec- 
trons than the host material. Consider what happens when a few aluminum atoms 
replace silicon atoms in a silicon crystal. Aluminum has only three valence electrons 
compared to silicon’s four. Thus, there are electron vacancies, known as holes, in the 
valence band when silicon is doped with aluminum [Figure 12.31(c)]. Since the negatively 
charged electron is not there, the hole can be thought of as having a positive charge. Any 
adjacent electron that jumps into the hole leaves behind a new hole. Thus, the positive 
hole moves about in the lattice like a particle.* A material like this is called a p-type semi- 
conductor, p signifying that the number of positive holes in the material has increased. 


*This movement is analogous to watching people changing seats in a classroom; you can watch 
the people (electrons) move about the seats (atoms), or you can watch the empty seats (holes) 
“move.” 


590 CHAPTER 12 Solids and Modern Materials 


As with n-type conductivity, p-type dopant levels of only parts per million can lead 
to a millionfold increase in conductivity—but in this case, the holes in the valence band 
are doing the conduction [Figure 12.31(c)]. 

The junction of an n-type semiconductor with a p-type semiconductor forms the 


basis for diodes, transistors, solar cells, and other devices. 


Sample Exercise 12.4 


Identifying Types of Semiconductors 


> 


SOLUTION 


Analyze An n-type semiconductor means that the dopant atoms 
must have more valence electrons than the host material. Silicon 
is the host material in this case. 


Practice Exercise 
Plan We must look at the periodic table and determine the num- z 


ber of valence electrons associated with Si, Ga, As, and C. The ele- 
ments with more valence electrons than silicon are the ones that 
will produce an n-type material upon doping. 


Solve Si is in column 14, and so has four valence electrons. Ga is 
in column 13, and so has three valence electrons. As is in column 
15, and so has five valence electrons; C is in column 14, and so has 


© 


Which of the following elements, if doped into silicon, would yield an n-type semiconductor: Ga, As, or C? 


four valence electrons. Therefore, As, if doped into silicon, would 
yield an n-type semiconductor. 


Compound semiconductors can be doped to make n-type 
and p-type materials, but the scientist has to make sure 
that the proper atoms are substituted. For example, if Ge 
were doped into GaAs, Ge could substitute for Ga, making 
an n-type semiconductor; but if Ge substituted for As, the 
material would be p-type. Suggest a way to dope CdSe to 
create a p-type material. 
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Artificial lighting is so widespread we take it for granted. Major sav- 
ings in energy would be realized if incandescent lights could be re- 
placed by light-emitting diodes (LEDs). Because LEDs are made from 
semiconductors, this is an appropriate place to take a closer look at 
the operation of an LED. 


Voltage 
source 


An external voltage pushes 
electrons from the n-type 
side and holes from the 
p-type side into the junction. 


Conduction 
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A Figure 12.32 Light-emitting diodes. The heart of a light-emitting diode is a p-n junction in which an 
applied voltage drives electrons and holes together, where they combine and give off light. 


The heart of an LED is a p-n diode, which is formed by bringing 
an n-type semiconductor into contact with a p-type semiconductor. 
In the junction where they meet, there are very few electrons or holes 
to carry the charge across the interface between them, and the con- 
ductivity decreases. When an appropriate voltage is applied, electrons 


are driven from the conduction band 
of the n-doped side into the junction, 
where they meet holes that have been 
driven from the valence band of the 
p-doped side. The electrons fall into 
the empty holes, and their energy is 
converted into light whose photons 
have energy equal to the band gap 
(Figure 12.32). In this way electrical en- 
ergy is converted into optical energy. 
Because the wavelength of light 
that is emitted depends on the band gap 
of the semiconductor, the color of light 
produced by the LED can be controlled 
by appropriate choice of semiconduc- 
tor. Most red LEDs are made of a mix- 
ture of GaP and GaAs. The band gap of 
GaP is 2.26 eV (3.62 X 107!°J), which 
corresponds to a green photon with a 
wavelength of 549 nm, while GaAs has 
a band gap of 1.43 eV (2.29 x 107!°J), 
which corresponds to an infrared pho- 
ton with a wavelength of 867 nm. By 
forming solid solutions of these two 
compounds, with stoichiometries of 
GaP, _,As,, the band gap can be ad- 
justed to any intermediate value. Thus, 
GaP, -As is the solid solution of choice 
for red, orange, and yellow LEDs. Green 
LEDs are made from mixtures of GaP 
and AIP (Ey = 2.43 eV,A = 510nm). 
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Red LEDs have been in the market for decades, but to make 
white light, an efficient blue LED was needed. The first prototype 
bright blue LED was demonstrated in a Japanese laboratory in 1993. 
In 2010, less than 20 years later, over $10 billion worth of blue LEDs 
were sold worldwide. The blue LEDs are based on combinations of 
GaN (E; = 3.4eV,A = 365 nm) and InN (E; = 2.4eV, A = 517 nm). 
Many colors of LEDs are now available and are used in everything from 
barcode scanners to traffic lights (Figure 12.33). Because the light emis- 
sion results from semiconductor structures that can be made extremely 
small and because they emit little heat, LEDs are replacing standard in- 
candescent and fluorescence light bulbs in many applications. 

Related Exercises: 12.29, 12.33, 12.94, 12.95 


A Figure 12.33 LEDs are all around us. 


Self-Assessment Exercises 


12.28 Sulfur has a melting point of 115 °C. How would you classify 12.29 If you want to dope GaAs to make a p-type semiconductor 


the solid? with an element to replace As, which element(s) would you 
(a) Molecular solid pick? 
(b) Covalent-network solid (a) Si 
(b) P 
(c) Se 
Exercises 


12.30 Classify each of the following statements as true or false: 12.33 Cadmium telluride is an important material for solar cells. 
(a) What is the band gap of CdTe? (b) What wavelength of 
light would a photon of this energy correspond to? (c) Draw 
a vertical line at this wavelength in the figure shown in 
Exercise 12.95, (towards the end of this chapter) which shows 
the light output of the sun as a function of wavelength. 
(d) With respect to silicon, does CdTe absorb a larger or 
smaller portion of the solar spectrum? 


(a) For molecular solids, the melting point generally in- 
creases as the strengths of the covalent bonds increase. 


(b) For molecular solids, the melting point generally in- 
creases as the strengths of the intermolecular forces 
increase. 


12.31 Which of the following properties are typical characteristics 
of a covalent-network solid, a metallic solid, or both: (a) duc- 
tility, (b) hardness, (c) high melting point? 


12.34 The first LEDs were made from GaAs, which has a band gap of 
1.43 eV. What wavelength of light would be emitted from an 


12.32 For each of the following pairs of semiconductors, which 


one will have the larger band gap: (a) InP or InAs, (b) Ge or 
AIP, (c) AgI or CdTe? 
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LED made from GaAs? What region of the electromagnetic 
spectrum does this light correspond to: ultraviolet, visible, or 
infrared? 
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A Figure 12.34 Recycling symbols. Most 
plastic containers manufactured today carry 
a recycling symbol indicating the type of 
polymer used to make the container and the 
polymer’s suitability for recycling. 


Silicone is a polymer composed of an alternating chain of Si and O atoms with two car- 
bon groups (typically CH,- groups) attached to each Si atom. The polymer is resistant to 
water and inert under normal circumstances making it useful as a sealant and in med- 
icine. For example, breast implants, used for reconstructive or cosmetic surgery can be 
made of silicone. 

By the end of this section, you should be able to 


e Define the terms relating to polymers. 
e Explain how the interactions between polymer chains impact the physical prop- 
erties of polymers. 


In nature we find many substances of very high molecular weight, running up to millions 
of u, that make up much of the structure of living organisms and tissues. Some examples 
are starch and cellulose, which abound in plants, as well as proteins, which are found in 
both plants and animals. In 1827, Jöns Jakob Berzelius coined the word polymer (from 
the Greek polys, “many,” and meros, “parts”) to denote molecular substances of high 
molecular weight formed by the polymerization (joining together) of monomers, mole- 
cules with low molecular weight. 

Historically, natural polymers, such as wool, leather, silk, and natural rubber, were 
processed into usable materials. During the past 70 years or so, chemists have learned 
to form synthetic polymers by polymerizing monomers through controlled chemical 
reactions. A great many of these synthetic polymers have a backbone of carbon-carbon 
bonds because carbon atoms have an exceptional ability to form strong stable bonds 
with one another. 

Plastics are polymeric solids that can be formed into various shapes, usually by the 
application of heat and pressure. There are several types of plastics. 

Thermoplastics can be reshaped. For example, plastic milk containers are made 
from the thermoplastic polymer polyethene (polyethylene). These containers can be 
melted down and the polymer recycled for some other use. If you look at the bottom of 
a plastic container, you are likely to see a recycle symbol containing a number, as shown 
in Figure 12.34. The number and the letter abbreviation below it indicate the kind of 
polymer from which the container is made, as summarized in Table 12.5. These symbols 
make it possible to sort containers by composition. In general, the lower the number, the 
greater the ease with which the material can be recycled. 

Unlike a thermoplastic, a thermosetting plastic (also called a thermoset) is shaped 
through irreversible chemical processes and, therefore, cannot be reshaped readily. Vul- 
canized rubber and polyurethanes found in commercial products including insulating 
foams and mattresses are familiar examples of thermosetting plastics. 

Another type of plastic is the elastomer, which is a material that exhibits rubbery 
or elastic behavior. When subjected to stretching or bending, an elastomer regains its 
original shape upon removal of the distorting force, if it has not been distorted beyond 
some elastic limit. Rubber is the most familiar example of an elastomer. 

Some polymers, such as nylon and polyesters, both of which are thermoset- 
ting plastics, can be formed into fibers that, like hair, are very long relative to their 


TABLE 12.5 Categories Used for Recycling Polymeric Materials 
in the United States 


Number Abbreviation Polymer 

il PET or PETE Polyethene terephthalate 
2 HDPE High-density polyethene 
3 PVC Polyvinyl chloride 

4 LDPE Low-density polyethene 
5) RE Polypropene 

6 PS Polystyrene 

7 None Other 
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A Figure 12.35 The polymerization of ethene monomers to make the polymer polyethene. 


cross-sectional area. These fibers can be woven into fabrics and cords and fashioned into 
clothing, tire cord, and other useful objects. 


Making Polymers 


A good example of a polymerization reaction is the formation of polyethene from 
ethene molecules (Figure 12.35). In this reaction, the double bond in each ethene mol- 
ecule “opens up,” and two of the electrons originally in this bond are used to form new 
C—C single bonds with two other ethene molecules. This type of polymerization, 
in which monomers are coupled through their multiple bonds, is called addition 
polymerization. 

We can write the equation for the polymerization reaction as follows: 


n CH=CH, ——? C—C 


Here n represents the large number—ranging from hundreds to many thousands—of 
monomer molecules (ethene in this case) that react to form one polymer molecule. 
Within the polymer, a repeat unit (the unit shown in brackets in the previous equation) 
appears over and over along the entire chain. The ends of the chain are capped by car- 
bon-hydrogen bonds or by some other bond, so that the end carbons have four bonds. 

Polyethene is an important material; its annual production exceeds 190 billion 
pounds each year. Although its composition is simple, the polymer is not easy to make. 
The right manufacturing conditions were identified only after many years of research. 
Today many forms of polyethene, varying widely in physical properties, are known. 

Polymers of other chemical compositions provide still greater variety in physical 
and chemical properties. Table 12.6 lists several other common polymers obtained by 
addition polymerization. 

A second general reaction used to synthesize commercially important polymers is 
condensation polymerization. In a condensation reaction two molecules are joined 
to form a larger molecule by elimination of a small molecule, such as HO. For exam- 
ple, an amine (a compound containing — NH) reacts with a carboxylic acid (a com- 
pound containing — COOH) to form a bond between N and C plus an H2O molecule 
(Figure 12.36). 

Polymers formed from two different monomers are called copolymers. In the for- 
mation of many nylons, a diamine, a compound with the — NH, group at each end, is 
reacted with a diacid, a compound with the — COOH group at each end. For example, 
the copolymer nylon 6,6 is formed when a diamine that has six carbon atoms and an 
amino group on each end is reacted with adipic acid, which also has six carbon atoms 
(Figure 12.37). A condensation reaction occurs on each end of the diamine and the acid. 
Water is released, and N—C bonds are formed between molecules. 


im 
1 | 
H H 
Polyethene 
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TABLE 12.6 Polymers of Commercial Importance 


Polymer Structure 
Addition Polymers 
Polyethene -+CH,— CH; >; 
Polypropene CH-—CH 
i) 
i Wi 
n 
Polystyrene 
yay CH,—CH 
n 
Polyvinyl chloride (PVC) CH=CH 
2 
| 
| Cl 


Condensation Polymers 


Polyurethane NH—R—NH— c — ORO n 
O O 
R, R= —CH,—CH),— (for example) 
Polyethene terephthalate f N 
(a polyester) [° CH,—CH,—O s g | 
n 
Bou: NH—(CH)), Taa 
© 
n 
Polycarbonate CH F 
\/ j 
CH; n 


Table 12.6 lists nylon 6,6 and some other common polymers obtained by conden- 
sation polymerization. Notice that these polymers have backbones containing N or O 


atoms as well as C atoms. 


> Figure 12.36 A condensation H o 
polymerization. |l 
3 


Uses 


Films, packaging, bottles 


Kitchenware, fibers, appliances 


Packaging, disposable food 
containers, insulation 


Pipe fittings, plumbing 


“Foam” furniture stuffing, spray-on 
insulation, automotive parts, footwear, 
water-protective coatings 


Tire cord, magnetic tape, apparel, soft- 
drink bottles 


Home furnishings, apparel, carpet, fishing 
line, toothbrush bristles 


Shatterproof eyeglass lenses, CDs, DVDs, 
bulletproof windows, greenhouses 


| 
Noo + Osc 
A 


H H O O H 
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n HOC-+CH,3z;COH —> 


| | 
nH—N-¢CH,};N—H + 


Diamine Adipic acid 
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H 1 the copolymer nylon 6,6. 


O 
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| | 
N(CH »)gN—C(CH))4C + 2n HO 
n 


Nylon 6,6 
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There are over a billion motor vehicles in the world. Improvement 
in the fundamental understanding of the structure and properties 
of materials has enabled the development of motor vehicles that are 
safer, more powerful, more comfortable, and more fuel efficient. Let’s 
take a look at some of these modern materials (Figure 12.38). 

Metals and metal alloys are incorporated into many parts of an 
automobile. For example, aluminum is the primary component of 
the radiator, intake manifold, and engine block. Steel is typically 
the material used for the frame and body. Stainless steel is utilized 
in mufflers, exhaust silencers, and catalytic converters. The inside 


stainless steel 


polyesters, 
polycarbonate, (alloy) 
polypropene 

(polymers) 


WY 


A, 


elastomers 
(polymers) 


A Figure 12.38 Selected modern material components of an automobile. 


of the catalytic converter contains small particles of platinum 
group metals that are deposited onto a honeycomb-shaped struc- 
tural ceramic. The ceramic is composed of the ionic solids alumina 
(AL,O,) coated onto cordierite (Mg,Al,Si,O,,). Semiconducting ox- 
ides are used for the oxygen sensor to monitor the air/fuel ratio in 
the exhaust gases, which is controlled by the engine control com- 
puter that is based on silicon, a covalent network solid. Polymers 
are found in a motor vehicle too, with polyesters in seat covers and 
carpets, polycarbonate optical reflectors, and polypropene in bum- 
pers and car batteries. 


silicon 
(semiconductor) 


aluminum 
alloy 


alumina, 
cordierite 
(ionic solids) 


595 


596 CHAPTER 12 Solids and Modern Materials 


A Figure 12.39 A segment of a polyethene 
chain. This segment consists of 28 carbon 
atoms. In commercial polyethenes, the 
chain lengths range from about 10° to 
10° CH, units. 


Ordered regions 


C 


A Figure 12.40 Interactions between 
polymer chains. In the circled regions, 

the forces that operate between adjacent 
segments of the chains lead to ordering 
analogous to the ordering in crystals, though 
less regular. 


A Figure 12.41 Cross-linking of polymer 
chains. The cross-linking groups (red) 
constrain the relative motions of the 
polymer chains, making the material harder 
and less flexible than when the cross-links 
are not present. 


Structure and Physical Properties of Polymers 


The simple structural formulas given for polyethene and other polymers are deceptive. 
Because four bonds surround each carbon atom in polyethene, the atoms are arranged 
in a tetrahedral fashion, so that the chain is not straight as we have depicted it. Further- 
more, the atoms are relatively free to rotate around the C—C single bonds. Rather than 
being straight and rigid, therefore, the chains are flexible, folding readily (Figure 12.39). 
The flexibility in the molecular chains causes any material made of this polymer to be 
very flexible. 

Both synthetic and natural polymers commonly consist of a collection of macro- 
molecules (large molecules) of different molecular weights. Depending on the condi- 
tions of formation, the molecular weights may be distributed over a wide range or may 
be closely clustered around an average value. In part because of this distribution in 
molecular weights, polymers are largely amorphous (noncrystalline) materials. Rather 
than exhibiting a well-defined crystalline phase with a sharp melting point, polymers 
soften over a range of temperatures. They may, however, possess short-range order in 
some regions of the solid, with chains lined up in regular arrays as shown in Figure 12.40. 
The extent of such ordering is indicated by the degree of crystallinity of the polymer. 
Mechanical stretching or pulling to align the chains as the molten polymer is drawn 
through small holes can frequently enhance the crystallinity of a polymer. Intermolec- 
ular forces between the polymer chains hold the chains together in the ordered crys- 
talline regions, making the polymer denser, harder, less soluble, and more resistant to 
heat. Table 12.7 shows how the properties of polyethene change as the degree of crystal- 
linity increases. 

The degree of crystallinity in polyethene strongly depends on the average molecular 
weight. Polymerization results in a mixture of macromolecules with varying values of n 
(numbers of monomer molecules) and, hence, varying molecular weights. Low-density 
polyethene (LDPE), used in forming films and sheets, has an average molecular weight 
in the range of 10* u, has a density of less than 0.94 g/cm*, and has substantial chain 
branching. That is, there are side chains off the main chain of the polymer. These side 
chains inhibit the formation of crystalline regions, reducing the density of the material. 
High-density polyethene (HDPE), used to form bottles, drums, and pipes, has an average 
molecular weight in the range of 10° u and has a density of 0.94 g/cm? or higher. This form 
has fewer side chains and thus a higher degree of crystallinity. 

Polymers can be made stiffer by introducing chemical bonds between chains. Form- 
ing bonds between chains is called cross-linking (Figure 12.41). The greater the number 
of cross-links, the more rigid the polymer. Whereas thermoplastic materials consist of 
independent polymer chains, thermosetting plastics become cross-linked when heated; 
the cross-links allow them to hold their shapes. 

An important example of cross-linking is the vulcanization of natural rubber, a 
process discovered by Charles Goodyear in 1839. Natural rubber is formed from a liquid 
resin derived from the inner bark of the Hevea brasiliensis tree. Chemically, it is a poly- 
mer of isoprene, C;Hg (Figure 12.42). Because rotation about the carbon-carbon double 
bond does not readily occur, the orientation of the groups bound to the carbons is rigid. 


TABLE 12.7 Properties of Polyethene as a Function of Crystallinity 


Properties Crystallinity 

55% 62% 70% 71% 85% 
Melting point (°C) 109 116 125 130 133 
Density (g/cm?) 0.92 0.93 0.94 0.95 0.96 
Stiffness* 170 325 520 820 1140 
Yield stress* 11.72 17.24 22.75 28.96 35.16 


*These test results show that the mechanical strength of the polymer increases with increased 
crystallinity. The physical units for the stiffness test are pascals; those for the yield stress test 
are megapascals. Discussion of the exact meaning and significance of these tests is beyond the 
scope of this text. 
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A Figure 12.42 Vulcanization of natural rubber. (a) Formation of polymeric natural rubber from the 
monomer isoprene. (b) Adding sulfur to rubber creates carbon—-sulfur bonds and sulfur—sulfur links 
between chains. 


In natural rubber, the chain extensions are on the same side of the double bond, as 
shown in Figure 12.42(a). 

Natural rubber is not a useful polymer because it is too soft and too chemically reac- 
tive. Goodyear accidentally discovered that adding sulfur and then heating the mixture 
make the rubber harder and reduce its susceptibility to oxidation and other chemi- 
cal degradation reactions. The sulfur changes rubber into a thermosetting polymer by 
cross-linking the polymer chains through reactions at some of the double bonds, as 
shown schematically in Figure 12.42(b). Cross-linking of about 5% of the double bonds 
creates a flexible, resilient rubber. When the rubber is stretched, the cross-links help pre- 
vent the chains from slipping, so that the rubber retains its elasticity. Because heating was 
an important step in his process, Goodyear named it after Vulcan, the Roman god of fire. 

Most polymers contain sp?-hybridized carbon atoms lacking delocalized 7 electrons, 
so they are usually electrical insulators and are colorless (which implies a large band gap). 
However, if the backbone of the polymer has resonance, the electrons can become delo- 
calized over long distances, which can lead to semiconducting behavior in the polymer. 
Such “plastic electronics” are of great current interest for lightweight and flexible organic 
solar cells, organic transistors, organic light-emitting diodes, and other devices that are 
based on carbon rather than inorganic semiconductors like silicon (Figure 12.43). 


A Figure 12.43 Plastic electronics. 
Flexible organic solar cells are made from 
conducting polymers. 


Self-Assessment Exercises 


12.35 Is this molecule a better starting material for an addition 
polymer or a condensation polymer? 


(a) Addition polymer 
(b) Condensation polymer 


HO 


12.36 Bakelite is a thermosetting polymer used as an insulator in 
early electrical appliances. The rigid structure is due to: 


O 

| 

C ‘$ 
OH (a) The high molecular weight of the polymer 

(b) Formation from a rigid monomer molecule 


(c) Extensive cross-linking between polymer chains 
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12.37 The molecular formula of n-decane is CH3(CH2)gCH3. De- 
cane is not considered a polymer, whereas polyethene is. 
What is the distinction? 

12.38 Indicate whether the following statement is true or false: For 
an addition polymerization, there are no by-products of the 
reaction (assuming 100% yield). 

12.39 Write a balanced chemical equation for the formation of a 
polymer via a condensation reaction from the monomers 
1,4-phenylenediamine (H,NCsH,NH,) and terephthalic 
acid (HOOCC,H,COOR). 


12.40 Write the chemical equation that represents the formation of 


(a) polychloroprene from chloroprene (polychloroprene is 
used in highway-pavement seals, expansion joints, con- 
veyor belts, and wire and cable jackets) 


ait a abi 


cl 
Chloroprene 


12.6 


100-Am 


(b) polyacrylonitrile from acrylonitrile (polyacrylonitrile 
is used in home furnishings, craft yarns, clothing, and 


many other items). 
CH, =] a 
CN 
Acrylonitrile 


12.41 What molecular structural features cause high-density poly- 
ethene to be denser than low-density polyethene? 


12.42 Indicate whether each statement is true or false: 
(a) Elastomers are rubbery solids. 
(b) Thermosets cannot be reshaped. 


(c) Thermoplastic polymers can be recycled. 
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Nanomaterials 


The prefix nano means 10°. When people speak of “nanotechnology,” they usually 
mean making devices that are on the 1-100 nm scale. It turns out that the properties of 
semiconductors and metals change in this size range. Nanomaterials—materials that 
have dimensions on the 1-100 nm scale—are under intense investigation in research 
laboratories around the world, and chemistry plays a central role in this investigation. 
Nanoparticles are between 10 and 1000 times larger than an atom. 

By the end of this section, you should be able to 


e Recognize that very small particles may have different properties to a bulk material. 


Semiconductors on the Nanoscale 


Figure 12.22 shows that, in small molecules, electrons occupy discrete molecular orbit- 
als, whereas in macroscale solids the electrons occupy delocalized bands. At what point 
does a molecule get so large that it starts behaving as though it has delocalized bands 
rather than localized molecular orbitals? For semiconductors, both theory and experi- 
ment tell us that the answer is roughly at 1 to 10 nm (about 10-100 atoms across). The 
exact number depends on the specific semiconductor material. The equations of quan- 
tum mechanics that were used for electrons in atoms can be applied to electrons (and 
holes) in semiconductors to estimate the size where materials undergo a crossover from 
molecular orbitals to bands. Because these effects become important at 1 to 10 nm, semi- 
conductor particles with diameters in this size range are called quantum dots. 

One of the most spectacular effects of reducing the size of a semiconductor crystal 
is that the band gap changes substantially with size in the 1-10 nm range. As the parti- 
cle gets smaller, the band gap gets larger, an effect observable by the naked eye. On the 
macro level, the semiconductor cadmium phosphide looks black because its band gap 
is small (E, = 0.5 eV), and it absorbs all wavelengths of visible light. As the crystals are 
made smaller, the material progressively changes color until it looks white! It looks white 
because now no visible light is absorbed. The band gap is so large that only high-energy 
ultraviolet light can excite electrons into the conduction band (E > 3.0 eV). 

Making quantum dots is most easily accomplished using chemical reactions in solu- 
tion. For example, to make CdS, you can mix Cd(NO3), and NaS in water. If you do not 
do anything else, you will precipitate large crystals of CdS. However, if you first add a 
negatively charged polymer to the water (such as polyphosphate, —(OPO 2 ),—), the 
Cd?* associates with the polymer, like tiny “meatballs” in the polymer “spaghetti.” 
When sulfide is added, CdS particles grow, but the polymer keeps them from forming 
large crystals. A great deal of fine-tuning of reaction conditions is necessary to produce 
nanocrystals that are of uniform size and shape. 

As we learned in Section 12.7, some semiconductor devices can emit light when a voltage 
is applied. Another way to make semiconductors emit light is to illuminate them with light 
whose photons have energies larger than the energy of the band gap of the semiconductor, a 
process called photoluminescence. A valence-band electron absorbs a photon 
and is promoted to the conduction band. If the excited electron then falls 
back down into the hole it left in the valence band, it emits a photon having 
energy equal to the band gap energy. In the case of quantum dots, the band 
gap is tunable with the crystal size, and thus all the colors of the rainbow 
can be obtained from just one material, as shown for CdSe in Figure 12.44. 

Quantum dots are being explored for applications ranging from 
electronics to lasers to medical imaging because they are very bright, 
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Size of CdSe quantum dots 


2nm 


very stable, and small enough to be taken up by living cells even after 
being coated with a biocompatible surface layer. 

Semiconductors do not have to be shrunk to the nanoscale in all 
three dimensions to show new properties. They can be laid down in 
relatively large two-dimensional areas on a substrate but be only a few 
nanometers thick to make quantum wells. Quantum wires, in which the 
semiconductor wire diameter is only a few nanometers but its length 
is very long, have also been made by various chemical routes. In both 
quantum wells and quantum wires, measurements along the nanoscale 
dimension(s) show quantum behavior, but in the long dimension, the 


properties seem to be just like those of the bulk material. 27 eV < 


Metals on the Nanoscale 


Metals also have unusual properties on the 1-100 nm length scale. 
Fundamentally, this is because the mean free path of an electron in a metal 
at room temperature is typically about 1-100 nm. So when the particle 
size of a metal is 100 nm or less, one might expect unusual effects because 
the “sea of electrons” encounters a “shore” (the surface of the particle). 


Band gap energy, Eg 


A Figure 12.44 Photoluminescence depends on particle 
size at the nanoscale. When illuminated with ultraviolet 
light, these solutions, each containing nanoparticles of the 
semiconductor CdSe, emit light that corresponds to their 
respective band gap energies. The wavelength of the light 
emitted depends on the size of the CdSe nanoparticles. 


599 


As the size of the quantum dots decreases, does the 
wavelength of the emitted light increase or decrease? 


> 7 nm 


2.0 eV 
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Macroporous materials have pores that are visible to the 
naked eye. Examples include the everyday synthetic sponge 
[Figure 12.45(a)] and the honeycomb-like cordierite core of an 
automobile catalytic converter [Figure 12.45(b)], with pore sizes 
in the mm size range and the tens of pm size range, respectively. 
Microporous and mesoporous materials have much smaller pores that 
are not visible to the naked eye. Microporous solids have pores up 
to 2 nm in size, whereas mesoporous solids have pore sizes in the 
range 2 to 50 nm. 

Microporous and mesoporous materials have a large surface 
area relative to their volume because of their numerous pores and 
cavities. Nanomaterials, on the other hand, have a large surface 
area relative to their volume because of their small particle size. The 
size-dependent properties of these materials has led researchers to in- 
vestigate their fundamental science and application. 

Zeolites, which occur naturally and can also be synthesized, 
are a Class of aluminosilicates that have been known since 1756. 
There are several hundred types of microporous and mesoporous 
zeolites. These substances adopt a variety of structures with polyhe- 
dral cavities connected by tunnels that often resemble a honeycomb 
[Figure 12.45(c)]. The interior surfaces attract ions and molecules 
that weakly interact with the rigid framework of aluminum, silicon, 


and oxygen atoms. Various pore and cavity sizes can be prepared by 
varying the chemical composition and synthesis method. 

Zeolites may be synthesized with weakly interacting ions oc- 
cupying the cavities. Upon exposure to ions that interact more 
strongly with the interior surfaces, there is a preferential exchange 
of weakly interacting ions for more strongly interacting ions. This 
effectively creates what we might think of as an ionic sponge. An 
example that illustrates this behavior is the use of a sodium zeolite 
to remove radioactive cesium (!34Cs and '8’Cs) from contaminated 
areas around the Fukushima Daiichi nuclear power plants in Japan, 
which were damaged by an earthquake and tsunami in 2011. The 
cesium ions are attracted into the cavities of the zeolite where an 
ion exchange occurs (Cs* for Nat). Another example is treatment 
of water from wells that contain relatively high concentrations of 
calcium, magnesium, and iron ions—so-called hard water. Heated 
hard water can cause problems by forming deposits inside of pipes, 
reducing flow over time. Hard water can be “softened” by passing 
it through zeolites containing sodium ions that are replaced or ex- 
changed for calcium ions in the hard water. Periodic flushing of the 
zeolite with an aqueous solution containing a high concentration 
of sodium ions removes the calcium ions and renews the zeolite for 


further use. 


A Figure 12.45 Porous materials. Sponges (a) and the core of an automobile catalytic converter (b) are 
macroporous. Zeolite ZSM-5 (c) is a microporous material with pore sizes near 0.5 nm. 


Although it was not fully understood, people have known for hundreds of years that 
metals are different when they are very finely divided. Dating back to the Middle Ages, 
the makers of stained-glass windows knew that gold dispersed in molten glass made the 
glass a beautiful deep red (Figure 12.46). Much later, in 1857, Michael Faraday reported 
that dispersions of small gold particles could be made stable and were deeply colored— 
some of the original colloidal solutions that he made are still in the Royal Institution of 
Great Britain’s Faraday Museum in London (Figure 12.47). 

Other physical and chemical properties of metallic nanoparticles are also different 
from the properties of the bulk materials. Gold particles less than 20 nm in diameter 


A Figure 12.46 Stained glass window from the Chartres Cathedral in France. Gold nanoparticles are 
responsible for the red color in this window, which dates back to the twelfth century. 


melt at a far lower temperature than bulk gold, for instance, and when the particles are 
between 2 and 3 nm in diameter, gold is no longer a “noble,” unreactive metal; in this 
size range it becomes chemically reactive. 

At nanoscale dimensions, silver has properties analogous to those of gold in its beau- 
tiful colors, although it is more reactive than gold. Currently, research laboratories around 
the world are showing great interest in taking advantage of the unusual optical properties 
of metal nanoparticles for applications in biomedical imaging and chemical detection. 


Carbon on the Nanoscale 


We have seen that elemental carbon is quite versatile. In its bulk sp* hybridized 
solid-state form, it is diamond; in its bulk sp? hybridized solid-state form, it is graphite. 
Over the past three decades, scientists have discovered that sp” hybridized carbon can 
also form discrete molecules, one-dimensional nanoscale tubes, and two-dimensional 
nanoscale sheets. Each of these forms of carbon shows very interesting properties. 

Until the mid-1980s, pure solid carbon was thought to exist in only two forms: the 
covalent-network solids diamond and graphite. In 1985, however, a group of researchers 
led by Richard Smalley and Robert Curl of Rice University and Harry Kroto of the Univer- 
sity of Sussex, England, vaporized a sample of graphite with an intense pulse of laser light 
and used a stream of helium gas to carry the vaporized carbon into a mass spectrometer. 
The mass spectrum showed peaks corresponding to clusters of carbon atoms, with a par- 
ticularly strong peak corresponding to molecules composed of 60 carbon atoms, C¢o. 

Because Ceo clusters were so preferentially formed, the group proposed a radically 
different form of carbon, namely, nearly spherical Ceo molecules. They proposed that the 
carbon atoms of Ceo form a “ball” with 32 faces, 12 of them pentagons and 20 hexagons 
(Figure 12.48), exactly like a soccer ball. The shape of this molecule is reminiscent of the 
geodesic dome invented by the U.S. engineer and philosopher R. Buckminster Fuller, so 
Cso was whimsically named “buckminsterfullerene,” or “buckyball” for short. Since the 
discovery of Ceo, other related molecules made of pure carbon have been discovered. 
These molecules are now known as fullerenes. 

Appreciable amounts of buckyball can be prepared by electrically evaporating 
graphite in an atmosphere of helium gas. About 14% of the resulting soot consists of 
Ceo and a related molecule, C79, which has a more elongated structure. The carbon-rich 
gases from which C6o and C79 condense also contain other fullerenes, mostly containing 
more carbon atoms, such as C76 and Cg4. The smallest possible fullerene, C29, was first 
detected in 2000. This small, ball-shaped molecule is much more reactive than the larger 
fullerenes. Because fullerenes are molecules, they dissolve in various organic solvents, 
whereas diamond and graphite do not. This solubility permits fullerenes to be separated 
from the other components of soot and even from one another. It also allows the study 
of their reactions in solution. 

Soon after the discovery of Ceo, chemists discovered carbon nanotubes (Figure 12.49). 
You can think of these as sheets of graphite rolled up and capped at one or both ends by 
half of a Co molecule. Carbon nanotubes are made in a manner similar to that used to 
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A Figure 12.47 The solution of colloidal 
gold nanoparticles made by Michael Faraday 
in the 1850s. This is on display in the Royal 


Institution, London. 


YW Go Figure 


How many bonds does each carbon 
atom in Cgg make? Based on this 
observation, would you expect the 
bonding in Ceo to be more like that 
in diamond or that in graphite? 


A Figure 12.48 Buckminsterfullerene, 
Cso. The molecule has a highly symmetric 
structure in which the 60 carbon 

atoms sit at the vertices of a truncated 
icosahedron. The bottom view shows only 
the bonds between carbon atoms. 
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A Figure 12.49 Atomic models of carbon 
nanotubes. Left: “Armchair” nanotube, 
which shows metallic behavior. Right: 
“Zigzag” nanotube, which can be either 
semiconducting or metallic, depending on 
tube diameter. 


A Figure 12.50 A portion of a two-dimensional 
graphene sheet. 


am Sample Integrative Exercise 


Ltt Putting Concepts Together 


make Ceo. They can be made in either multiwall or single-walled forms. Multiwall carbon 
nanotubes consist of tubes within tubes, nested together, whereas single-walled carbon 
nanotubes consist of single tubes. Single-walled carbon nanotubes can be 1000 nm long 
or even longer but are only about 1 nm in diameter. Depending on the diameter of the 
graphite sheet and how it is rolled up, carbon nanotubes can behave as either semicon- 
ductors or metals. 

The fact that carbon nanotubes can be made either semiconducting or metallic 
without any doping is unique among solid-state materials, and laboratories worldwide 
are making and testing carbon-based electronic devices. Carbon nanotubes are also 
being explored for their mechanical properties. The carbon-carbon bonded framework 
of the nanotubes means that the imperfections that might appear in a metal nanowire of 
similar dimensions are nearly absent. Experiments on individual carbon nanotubes sug- 
gest that they are stronger than steel, if steel were the dimensions of a carbon nanotube. 
Carbon nanotubes have been spun into fibers with polymers, adding great strength and 
toughness to the composite material. 

The two-dimensional form of carbon, graphene, is the most recent low- 
dimensional form of carbon to be experimentally isolated and studied. Although its prop- 
erties had been the subject of theoretical predictions for over 60 years, it was not until 2004 
that researchers at the University of Manchester in England isolated and identified indi- 
vidual sheets of carbon atoms with the honeycomb structure shown in Figure 12.50. Amaz- 
ingly, the technique they used to isolate single-layer graphene was to successively peel 
away thin layers of graphite using adhesive tape. Individual layers of graphene were then 
transferred to a silicon wafer having a precisely defined overcoat of SiO2. When a single 
layer of graphene is left on the wafer, an interference-like contrast pattern results that can 
be seen with an optical microscope. If not for this simple yet effective way to scan for indi- 
vidual graphene crystals, they would probably still remain undiscovered. Subsequently, it 
has been shown that graphene can be deposited on clean surfaces of other types of crystals. 
The scientists who led the effort at the University of Manchester, Andre Geim and Kon- 
stantin Novoselov, were awarded the 2010 Nobel Prize in Physics for their work. 

The properties of graphene are remarkable. It is very strong and has a record thermal 
conductivity, topping carbon nanotubes in both categories. Graphene is a semimetal, 
which means its electronic structure is like that of a semiconductor in which the energy 
gap is exactly zero. The combination of graphene’s two-dimensional character and the 
fact that it is a semimetal allows the electrons to travel very long distances, up to 0.3 um, 
without scattering from another electron, atom, or impurity. Graphene can sustain elec- 
trical current densities six orders of magnitude higher than those sustainable in copper. 
Even though it is only one atom thick, graphene can absorb 2.3% of sunlight that strikes 
it. Scientists are currently exploring ways to incorporate graphene in various technolo- 
gies, including electronics, sensors, batteries, and solar cells. 


Polymers that can conduct electricity are called conducting polymers. Some polymers can be made semiconducting; others can be 
nearly metallic. Polyacetylene is an example of a polymer that is a semiconductor. It can also be doped to increase its conductivity. 


Polyacetylene is made from acetylene in a reaction that looks simple but is actually tricky to do: 


H—C=C—H TCH=CH -h 
Acetylene Polyacetylene 


(a) What is the hybridization of the carbon atoms, and the geometry around those atoms, in acetylene and in polyacetylene? 

(b) Write a balanced equation to make polyacetylene from acetylene. 

(c) Acetylene is a gas at room temperature and pressure (298 K, 101.3 kPa). How many grams of polyacetylene can you make 
from a 5.00-L vessel of acetylene gas at room temperature and room pressure? Assume that acetylene behaves ideally and 
that the polymerization reaction occurs with 100% yield. 

(d) Using the average bond enthalpies in Table 8.4, predict whether the formation of polyacetylene from acetylene is endother- 


mic or exothermic. 


(e) A sample of polyacetylene absorbs light from 300 nm down to 650 nm. What is its band gap, in electron volts? 


SOLUTION 


Analyze For part (a), we need to recall what we have learned about 
sp, sp”, and sp? hybridization and geometry. For part (b), we need 
to write a balanced equation. For part (c), we need to use the 
ideal-gas equation. For part (d), we need to recall the definitions 
of endothermic and exothermic and how bond enthalpies can be 
used to predict overall reaction enthalpies. For part (e), we need 
to relate the absorption of light to the differences in energy levels 
between filled and empty states in a material. 


Plan For part (a), we should draw out the chemical structures of 
the reactant and product. For part (b), we need to make sure the 


Solve 


(a) Carbon usually forms four bonds. Thus, each C atom must have 
a single bond to H anda triple bond to the other C atom in 
acetylene. As a result, each C atom has two electron domains and 
must be sp hybridized. This sp hybridization also means that the 
H— C—C angles in acetylene are 180° and the molecule is linear. 
We can write out the partial structure of polyacetylene as follows: 


Each carbon is identical but now has three bonding electron 
domains that surround it. Therefore, the hybridization of 
each carbon atom is sp”, and each carbon has local trigonal 
planar geometry with 120° angles. 
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equation is properly balanced. For part (c), we need to convert 
from liters of gas to moles of gas, using the ideal-gas equation 
(PV = nRT); then we need to convert from moles of acetylene 
gas to moles of polyacetylene using the answer from part (b); 
finally, we can convert to grams of polyacetylene. For part (d), we 
need to recall that AH,,, = (bond enthalpies of bonds broken) 
— È (bond enthalpies of bonds formed). For part (e), we need to 
realize that the lowest energy absorbed by a material will tell us 
its band gap E, (for a semiconductor or insulator) and combine 
E = hv and c = Ap together (E = hc/A) to solve for Eg. 


(b) We can write: 


Note that all atoms originally present in acetylene end up in 
the polyacetylene product. 


(c) We can use the ideal-gas equation as follows: 


Acetylene has a molar mass of 26.0 g/mol; therefore, the mass 
of 0.204 mol is: 


Note that from the answer to part (b), all the atoms in acet- 
ylene go into polyacetylene. Due to conservation of mass, 
then, the mass of polyacetylene produced must also be 5.32 g, 
if we assume 100% yield. 


PV = nRT 
(101.3 kPa )(5.00 x 10°°m?) = n(8.314m?-Pa /K-mol)(298 K) 
n = 0.204 mol 


(0.204 mol)(26.0 g/mol) = 5.32 g acetylene 


(d) Let’s consider the case forn = 1. We note that the reactant side 
of the equation in part (b) has one C=C triple bond and two 
C—H single bonds. The product side of the equation in part (b) 
has one C=C double bond, one C—C single bond (to link to 
the adjacent monomer), and two C—H single bonds. There- 
fore, we are breaking one C=C triple bond and are forming one 


C=C double bond and one C— C single bond. Accordingly, 


= 


the enthalpy change for polyacetylene formation is: AHxn = (C=C enthalpy) — (C=C enthalpy) — (C—C enthalpy) 
Because AH is a negative number, the reaction releases heat = (839 kJ/mol) — (614kJ/mol) — (348 kJ/mol) 
and is exothermic. = —123 kJ/mol 
(e) The sample of polyacetylene absorbs many wavelengths of 
light, but the one we care about is the longest one, which 
corresponds to the lowest energy. E = hc/àÀ 
We recognize that this energy corresponds to the energy = (6.626 X 10-*4J-s) (3.00 x 108 m-s) /(650 x 10° ní) 
difference between the bottom of the conduction band and 46 
the top of the valence band, and so is equivalent to the band = 3.06 x 10 "J 
gap E,. Now we have to convert the number to electron volts. 
Since 1.602 x 107!9J = 1 eV, we find that: E; = 1.91eV 


Self-Assessment Exercise 


12.43 Large crystals of ZnS can show photoluminescence, emitting 
ultraviolet photons with energies equal to the band gap energy 
and a wavelength of 340 nm. Is it possible to shift the lumines- 
cence so that the emitted photons are in the visible region of 


the spectrum by making appropriately sized nanocrystals? 
(a) Yes 
(b) No 
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12.44 GaP has a band gap of 2.26 eV. If GaP is illuminated with 
ultraviolet light, it emits light equal to the band gap energy. 
(a) What color is the emitted light? (b) Would appropriately 
sized GaP quantum dots be able to emit blue light? (c) What 
about red light? 


12.45 Indicate whether this statement is true or false: 


If you want a semiconductor that emits blue light, you could 
either use a material that has a band gap corresponding 
to the energy of a blue photon or you could use a material 
that has a smaller band gap but make an appropriately sized 
nanoparticle of the same material. 


12.46 Gold adopts a face-centered cubic structure with a unit cell 
edge of 408 pm (Figure 12.11). How many gold atoms are 


V— ELE EE EEE EE EEE ee 


Chapter Summary and Key Terms 


CLASSIFICATION OF SOLIDS (SECTION 12.1) The structures and 
properties of solids can be classified according to the forces that hold 
the atoms together. Metallic solids are held together by a delocal- 
ized sea of collectively shared valence electrons. lonic solids are held 
together by the mutual attraction between cations and anions. Cova- 
lent-network solids are held together by an extended network of cova- 
lent bonds. Molecular solids are held together by weak intermolecular 
forces. Polymers contain very long chains of atoms held together by 
covalent bonds. These chains are usually held to one another by 
weaker intermolecular forces. Nanomaterials are solids where the 
dimensions of individual crystals are on the order of 1-100 nm. 

In crystalline solids, particles are arranged in a regularly repeating 
pattern. In amorphous solids, however, particles show no long-range or- 
der. In a crystalline solid the smallest repeating unit is called a unit cell. 
All unit cells in a crystal contain an identical arrangement of atoms. The 
geometrical pattern of points on which the unit cells are arranged is 
called a crystal lattice. To generate a crystal structure a motif, which is an 
atom or group of atoms, is associated with each and every lattice point. 

In two dimensions, the unit cell is a parallelogram whose size 
and shape are defined by two lattice vectors (a and b). There are five 
primitive lattices, lattices in which the lattice points are located only 
at the corners of the unit cell: square, hexagonal, rectangular, rhom- 
bic, and oblique. In three dimensions the unit cell is a parallelepiped 
whose size and shape are defined by three lattice vectors (a, b, and c), 
and there are seven primitive lattices: cubic, tetragonal, hexagonal, 
rhombohedral, orthorhombic, monoclinic, and triclinic. Placing 
an additional lattice point at the center of a cubic unit cell leads to 
a body-centered cubic lattice, while placing an additional point at the 
center of each face of the unit cell leads to a face-centered cubic lattice. 


METALLIC SOLIDS (SECTION 12.2) Metallic solids are typically 
good conductors of electricity and heat, malleable, which means that 
they can be hammered into thin sheets, and ductile, which means 
that they can be drawn into wires. Metals tend to form structures 
where the atoms are closely packed. Two related forms of close pack- 
ing, cubic close packing and hexagonal close packing, are possible. In 
both, each atom has a coordination number of 12. 

Alloys are materials that possess characteristic metallic proper- 
ties and are composed of more than one element. The elements in an 
alloy can be distributed either homogeneously or heterogeneously. 
Alloys which contain homogeneous mixtures of elements can ei- 
ther be substitutional or interstitial alloys. In a substitutional alloy the 


there in a sphere that is 20 nm in diameter? Recall that the 


volume of a sphere is $r’. 


12.47 What evidence supports the notion that buckyballs are ac- 
tual molecules and not extended materials? 


(a) Buckyballs are made of carbon. 


(b) Buckyballs have a well-defined atomic structure and mo- 
lecular weight. 


(c) Buckyballs have a well-defined melting point. 


(d) Buckyballs are semiconductors. 


(e) More than one of the previous choices. 
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atoms of the minority element(s) occupy positions normally occu- 
pied by atoms of the majority element. In an interstitial alloy atoms 
of the minority element(s), often smaller nonmetallic atoms, occupy 
interstitial positions that lie in the “holes” between atoms of the 
majority element. In a heterogeneous alloy the elements are not dis- 
tributed uniformly; instead, two or more distinct phases with char- 
acteristic compositions are present. Intermetallic compounds are alloys 
that have a fixed composition and definite properties. 

The properties of metals can be accounted for in a qualitative 
way by the electron-sea model, in which the electrons are visualized 
as being free to move throughout the metal. In the molecular orbital 
model the valence atomic orbitals of the metal atoms interact to 
form energy bands that are incompletely filled by valence electrons. 
Consequently, the electronic structure of a bulk solid is referred to as 
a band structure. The orbitals that constitute the energy band are de- 
localized over the atoms of the metal, and their energies are closely 
spaced. In a metal the valence shell s, p, and d orbitals form bands, 
and these bands overlap, resulting in one or more partially filled 
bands. Because the energy differences between orbitals within a band 
are extremely small, promoting electrons to higher-energy orbitals 
requires very little energy. This gives rise to high electrical and ther- 
mal conductivity, as well as other characteristic metallic properties. 


IONIC SOLIDS (SECTION 12.3) lonic solids consist of cations and 
anions held together by electrostatic attractions. Because these inter- 
actions are quite strong, ionic compounds tend to have high melting 
points. The attractions become stronger as the charges of the ions 
increase and/or the sizes of the ions decrease. The presence of both 
attractive (cation-anion) and repulsive (cation-cation and anion- 
anion) interactions helps to explain why ionic compounds are brittle. 
Like metals, the structures of ionic compounds tend to be symmetric, 
but to minimize direct contact between ions of like charge, the coor- 
dination numbers (typically 4 to 8) are necessarily smaller than those 
seen in close-packed metals. The exact structure depends on the relative 
sizes of the ions and the cation-to-anion ratio in the empirical formula. 


COVALENT SOLIDS (SECTION 12.4) Molecular solids consist of 
atoms or molecules held together by intermolecular forces. Because 
these forces are relatively weak, molecular solids tend to be soft 
and possess low melting points. The melting point depends on the 
strength of the intermolecular forces, as well as the efficiency with 
which the molecules can pack together. 


Covalent-network solids consist of atoms held together in large net- 
works by covalent bonds. These solids are much harder and have higher 
melting points than molecular solids. Important examples include dia- 
mond, where the carbons are tetrahedrally coordinated to each other, 
and graphite, where the sp?-hybridized carbon atoms form hexagonal 
layers. Semiconductors are solids that do conduct electricity, but to a far 
lesser extent than metals. Insulators do not conduct electricity at all. 

Elemental semiconductors, like Si and Ge, as well as compound 
semiconductors, like GaAs, InP, and CdTe, are important examples of co- 
valent-network solids. In a semiconductor the filled bonding molecular 
orbitals make up the valence band, while the empty antibonding molec- 
ular orbitals make up the conduction band. The valence and conduction 
bands are separated by an energy that is referred to as the band gap, Ey. 
The size of the band gap increases as the bond length decreases and as 
the difference in electronegativity between the two elements increases. 

Doping semiconductors changes their ability to conduct electric- 
ity by orders of magnitude. An n-type semiconductor is one that is 
doped so that there are excess electrons in the conduction band; a 
p-type semiconductor is one that is doped so that there are missing 
electrons, which are called holes, in the valence band. 


POLYMERS (SECTION 12.5) Polymers are molecules of high molec- 
ular weight formed by joining large numbers of small molecules 
called monomers. Plastics are materials that can be formed into various 
shapes, usually by the application of heat and pressure. Thermoplas- 
tic polymers can be reshaped, typically through heating, in contrast 
to thermosetting plastics, which are formed into objects through an 
irreversible chemical process and cannot readily be reshaped. An 
elastomer is a material that exhibits elastic behavior; that is, it returns 
to its original shape following stretching or bending. 

In an addition polymerization reaction, the molecules form 
new linkages by opening existing m bonds. Polyethene forms, for 
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example, when the carbon-carbon double bonds of ethene open up. 
In a condensation polymerization reaction, the monomers are joined by 
eliminating a small molecule between them. The various kinds of ny- 
lon are formed, for example, by removing a water molecule between 
an amine and a carboxylic acid. A polymer formed from two different 
monomers is called a copolymer. 

Polymers are largely amorphous, but some materials possess a 
degree of crystallinity. For a given chemical composition, the crystal- 
linity depends on the molecular weight and the degree of branching 
along the main polymer chain. Polymer properties are also strongly 
affected by cross-linking, in which short chains of atoms connect the 
long polymer chains. Rubber is cross-linked by short chains of sulfur 
atoms in a process called vulcanization. 


NANOMATERIALS (SECTION 12.6) When one or more dimen- 
sions of a material become sufficiently small, generally smaller 
than 100 nm, the properties of the material change. Materials with 
dimensions on this length scale are called nanomaterials. Quantum 
dots are semiconductor particles with diameters of 1-10 nm. In 
this size range the material’s band gap energy becomes size-depen- 
dent. Metal nanoparticles have different chemical and physical 
properties in the 1-100-nm size range. Nanoparticles of gold, for 
example, are more reactive than bulk gold and no longer have a 
golden color. Nanoscience has produced a number of previously 
unknown forms of sp*-hybridized carbon. Fullerenes, like Ceo, 
are large molecules containing only carbon atoms. Carbon nano- 
tubes are sheets of graphite rolled up. They can behave as either 
semiconductors or metals depending on how the sheet was rolled. 
Graphene, which is an isolated layer from graphite, is a two-di- 
mensional form of carbon. These nanomaterials are being devel- 
oped now for many applications in electronics, batteries, solar 
cells, and medicine. 
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Learning Outcomes after studying this chapter, you should be able to: 


e Classify solids based on their bonding/intermolecular forces and 
understand how differences in bonding relate to physical proper- 
ties. (Section 12.1) Related Exercises: 12.4, 12.5, 12.58, 12.59, 12.60 


e Describe the difference between crystalline and amorphous solids. 
(Section 12.1) Related Exercises: 12.62, 12.63 


e Define and describe the relationships between unit cells, crystal 
lattice, lattice vectors, and lattice points. (Section 12.1) 
Related Exercises: 12.7, 12.64 


e Explain why there are a limited number of lattices. Recognize 
the five two-dimensional and the seven three-dimensional 
primitive lattices. Describe the locations of lattice points for 
body-centered and face-centered lattices. (Section 12.1) 

Related Exercises: 12.7, 12.9, 12.10, 12.64, 12.66, 12.67 


e State the characteristics and properties of metals. (Section 12.2) 
Related Exercises: 12.14, 12.50, 12.69, 12.70 


e Calculate the empirical formula and density of ionic and metal- 
lic solids from a picture of the unit cell. Estimate the length of a 
cubic unit cell from the radii of the atoms/ions present. (Sections 
12.2 and 12.3) Related Exercises: 2.15, 12.71-12.73, 12.75, 12.76 


e Explain how homogeneous and heterogeneous alloys differ. 
Describe the differences between substitutional alloys, intersti- 
tial alloys, and intermetallic compounds. (Section 12.2) 

Related Exercises: 12.16-12.18, 12.77-12.79 


e Explain the electron-sea model of metallic bonding. (Section 12.2) 
Related Exercise: 12.82 


e Use the molecular orbital model of metallic bonding to generate 
the electronic band structures of metals and qualitatively pre- 
dict the trends in melting point, boiling point, and hardness of 
metals. (Section 12.2) Related Exercises: 12.20, 12.84, 12.85 


e Predict the structures of ionic solids from their ionic radii and 
empirical formula. (Section 12.3) Related Exercises: 12.26, 12.89 


e Predict the empirical formula from the structure of an ionic 
solid. (Section 12.3) Related Exercises: 12.23, 12.86 


e Interpret melting point and boiling point data of molecular 
solids in terms of intermolecular forces and crystalline packing. 
(Section 12.4) Related Exercise: 12.26 


e Identify the valence band, conduction band, and band gap, 
for semiconductors and insulators. (Section 12.4) 
Related Exercise: 12.55 


e Account for the relative band gap energies of semiconductors in 
terms of periodic trends. Calculate the wavelength of a photon 
emitted from an LED given its band gap. (Section 12.4) Related 
Exercises: 12.32-12.34, 12.93, 12.95-12.98 


e Predict how n-type and p-type doping can be used to control the 
conductivity of semiconductors. (Section 12.4) 
Related Exercises: 12.29, 12.94 


e Define the terms monomer, plastic, thermoplastic, thermosetting 
plastic, elastomer, copolymers, and cross-linking. (Section 12.5) 
Related Exercise: 12.99 


e Describe how polymers are formed from monomers and recog- 
nize the features of a molecule that allow it to react to form a 
polymer. Explain the differences between addition polymeriza- 
tion and condensation polymerization. (Section 12.5) 

Related Exercises: 12.39, 12.101 


e Explain how the interactions between polymer chains impact 
the physical properties of polymers. (Section 12.5) 
Related Exercises: 12.41, 12.42, 12.104, 12.105 
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e Describe how the properties of bulk semiconductors and metals e Describe the structures and unique properties of fullerenes, car- 
change as the size of the crystals decreases to the nanometer- bon nanotubes, and graphene. (Section 12.6) 
length scale. (Section 12.6) Related Exercises: 12.44, 12.107, 12.108 Related Exercises: 12.47, 12.109 


Key Equations 


Number of cations per formula unit anion coordination number 


F 7 : or [12.1] Relationship between cation and anion coordina- 
Number of anions per formula unit cation coordination number : Ka ee 
tion numbers and the empirical formula of an ionic 
compound 
Exercises 
Visualizing Concepts (b) 


12.48 Two solids are shown here. One is a semiconductor and 
one is an insulator. Which one is which? Explain your rea- 
soning. [Sections 12.1, 12.4] 


12.49 For each of the two-dimensional structures shown here 
(a) draw the unit cell, (b) determine the type of two- 
dimensional lattice (from Figure 12.4), and (c) determine 
how many of each type of circle (white or black) there are 
per unit cell. [Section 12.1] 


12.51 Which arrangement of atoms in a lattice represents 


@ @ @ @ @ O @ B close-packing? (Section 12.2) 
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12.50 Shown here are sketches of two processes. Which of the G) Gi) 
processes refers to the ductility of metals and which refers 
to malleability of metals? [Section 12.2] 


12.52 (a) What kind of packing arrangement is seen in the fol- 
lowing photo? (b) What is the coordination number of 
each cannonball in the interior of the stack? (c) What are 


) 
F F the coordination numbers for the numbered cannonballs 
paee © = ory on the visible side of the stack? [Section 12.2] 


(a 


12.53 Which arrangement of cations (yellow) and anions (blue) 


in a lattice is the more stable? Explain your reasoning. 
[Section 12.3] 


(a) (b) 


12.54 Which of these molecular fragments would you expect to 


be more likely to give rise to electrical conductivity? Explain 
your reasoning. [Sections 12.4, 12.5] 


(a) ANNS NANS 


bD ANAN” ANA 


12.55 The electronic structure of a doped semiconductor is 


shown here. (a) Which band, A or B, is the valence band? 
(b) Which band is the conduction band? (c) Which region 
of the diagram represents the band gap? (d) Which band 
consists of bonding molecular orbitals? (e) Is this an exam- 
ple of an n-type or p-type semiconductor? (f) If the semi- 
conductor is germanium, which of the following elements 
could be the dopant: Ga, Si, or P? [Section 12.4] 


Band B 


Empty MOs 


Energy 


Filled MOs 


Band A 


12.56 Shown here are cartoons of two different polymers. Which 


of these polymers would you expect to be more crystal- 
line? Which one would have the higher melting point? 
[Section 12.5] 
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(a) (b) 


Classification of Solids (Section 12.1) 


12.57 


12.58 


12.59 


12.60 


12.61 


12.62 


12.63 


12.64 


Covalent bonding occurs in both molecular and covalent- 
network solids. Which of the following statements best 
explains why these two kinds of solids differ so greatly in 
their hardness and melting points? 


(a) The molecules in molecular solids have stronger covalent 
bonding than covalent-network solids do. 


(b) The molecules in molecular solids are held together by 
weak intermolecular interactions. 


(c) The atoms in covalent-network solids are more polariz- 
able than those in molecular solids. 


(d) Molecular solids are denser than covalent-network 
solids. 


What kinds of attractive forces exist between particles 
(atoms, molecules, or ions) in (a) molecular crystals, 
(b) covalent-network crystals, (c) ionic crystals, (d) and me- 
tallic crystals? 


Indicate the type of solid (molecular, metallic, ionic, 
or covalent-network) for each compound: (a) B, (b) Li, 
(c) LiCl, (d) diethylether (C,H,,.O), (e) chloroform (CHCl), 
(£) Li,O. 


Indicate the type of solid (molecular, metallic, ionic, or 
covalent-network) for each compound: (a) SiC, (b) Ni, 
(c) CaCl,, (d) camphor (C,)H,,0), (e) SiO,. 

You are given a gray substance that melts at 700 °C; the solid 
is a conductor of electricity and is insoluble in water. Which 
type of solid (molecular, metallic, covalent-network, or 
ionic) might this substance be? 


(a) Draw a picture that represents a crystalline solid at the 
atomic level. (b) Now draw a picture that represents an 
amorphous solid at the atomic level. 


Amorphous silica, SiOz, has a density of about 2.2 g/cm’, 
whereas the density of crystalline quartz, another form of 
SiO, is 2.65 g/cm?. Which of the following statements is 
the best explanation for the difference in density? 


(a) Amorphous silica is a network-covalent solid, but quartz 
is metallic. 


(b) Amorphous silica crystallizes in a primitive cubic lattice. 
(c) Quartz is harder than amorphous silica. 


(d) Quartz must have a larger unit cell than amorphous 
silica. 

(e) The atoms in amorphous silica do not pack as efficiently 
in three dimensions as compared to the atoms in quartz. 


Two patterns of packing for two different circles of the same 
size are shown here. For each structure (a) draw the two- 
dimensional unit cell; (b) determine the angle between the 
lattice vectors, y, and determine whether the lattice vectors 
are of the same length or of different lengths; and (c) deter- 
mine the type of two-dimensional lattice (from Figure 12.4). 
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12.65 Imagine the primitive cubic lattice. Now imagine grabbing 
the top of it and stretching it straight up. All angles remain 
90°. What kind of primitive lattice have you made? 


IT — [ll 


12.66 Which of the three-dimensional primitive lattices has 
a unit cell where none of the internal angles is 90°? 
(a) Orthorhombic, (b) hexagonal, (c) rhombohedral, 
(d) triclinic, (e) both rhombohedral and triclinic. 


12.67 What is the minimum number of atoms that could be con- 
tained in the unit cell of an element with a body-centered 
cubic lattice? (a) 1, (b) 2, (c) 3, (d) 4, (e) 5. 


12.68 The unit cell of nickel arsenide is shown here. (a) What type 
of lattice does this crystal possess? (b) What is the empirical 
formula? 


side view top view 


@Ni @ 


Metallic Solids (Section 12.2) 


12.69 For each of these solids, state whether you would expect it to 
possess metallic properties: (a) TiCl4, (b) NiCo alloy, (c) W, 
(d) Ge, (e) SCN. 


12.70 Consider the unit cells shown here for three different struc- 
tures that are commonly observed for metallic elements. 
(a) Which structure(s) corresponds to the densest packing of 
atoms? (b) Which structure(s) corresponds to the least dense 
packing of atoms? 


Structure type A Structure type B Structure type C 


12.71 


12.72 


12.73 


12.74 


12.75 


12.76 


12.77 


12.78 


12.79 


12.80 


12.81 


12.82 


Potassium metal (atomic weight 39.10 g/mol) adopts a 
body-centered cubic structure with a density of 0.856 g/cm’. 
(a) Use this information and Avogadro’s number (6.022 x 
10?) to estimate the atomic radius of potassium. (b) If po- 
tassium didn’t react so vigorously, it could float on water. 
Use the answer from part (a) to estimate the density of K if 
its structure were that of a cubic close-packed metal. Would 
it still float on water? 


Rhodium crystallizes in a face-centered cubic unit cell that 
has an edge length of 0.381 nm. (a) Calculate the atomic 
radius of a rhodium atom. (b) Calculate the density of rho- 
dium metal. 


Calcium crystallizes in a face-centered cubic unit cell at 
room temperature that has an edge length of 558.8 pm. 
(a) Calculate the atomic radius of a calcium atom. 
(b) Calculate the density of Ca metal at this temperature. 


Calculate the volume in A? of each of the following types of 
cubic unit cells if it is composed of atoms with an atomic ra- 
dius of 182 pm. (a) primitive (b) face-centered cubic. Note 
1A=1x107°m 

Aluminum metal crystallizes in a face-centered cubic unit 
cell. (a) How many aluminum atoms are in a unit cell? 
(b) What is the coordination number of each aluminum 
atom? (c) Estimate the length of the unit cell edge, a, from 
the atomic radius of aluminum (143 pm). (d) Calculate the 
density of aluminum metal. 


An element crystallizes in a face-centered cubic lattice. The 
edge of the unit cell is 0.408 nm, and the density of the crys- 
tal is 10.49 g/cm*. Calculate the atomic weight of the ele- 
ment and identify the element. 


Which of these statements about alloys and intermetallic com- 
pounds is false? (a) Bronze is an example of an alloy. (b) “Al- 
loy” is just another word for “a chemical compound of fixed 
composition that is made of two or more metals.” (c) Interme- 
tallics are compounds of two or more metals that have a defi- 
nite composition and are not considered alloys. (d) If you mix 
two metals together and, at the atomic level, they separate into 
two or more different compositional phases, you have created 
a heterogeneous alloy. (e) Alloys can be formed even if the at- 
oms that comprise them are rather different in size. 


For each of the following alloy compositions, indicate 
whether you would expect it to be a substitutional alloy, an 
interstitial alloy, or an intermetallic compound: 


(a) Feo.97Sio.o3, (b) Feo.6oNio.40, (C) SmCos. 
Indicate whether each statement is true or false: 


(a) Substitutional alloys tend to be more ductile than inter- 
stitial alloys. 

(b) Interstitial alloys tend to form between elements with 
similar ionic radii. 

(c) Nonmetallic elements are never found in alloys. 

Which element or elements are alloyed with gold to make 

the following types of “colored gold” used in the jewelry 

industry? For each type, also indicate what type of alloy is 

formed: (a) white gold, (b) rose gold, (c) green gold. 


An increase in temperature causes most metals to undergo 
thermal expansion, which means the volume of the metal 
increases upon heating. How does thermal expansion affect 
the unit cell length? What is the effect of an increase in tem- 
perature on the density of a metal? 


State whether each sentence is true or false: 


(a) Metals have high electrical conductivities because the 
electrons in the metal are delocalized. 

(b) Metals have high electrical conductivities because they 
are denser than other solids. 


12.83 


12.84 


12.85 


(c) Metals have large thermal conductivities because they 
expand when heated. 

(d) Metals have small thermal conductivities because the 
delocalized electrons cannot easily transfer the kinetic 
energy imparted to the metal from heat. 


Which of the following statements does not follow from the 
fact that the alkali metals have relatively weak metal-metal 
bonding? 


(a) The alkali metals are less dense than other metals. 
(b) The alkali metals are soft enough to be cut with a knife. 
(c) The alkali metals are more reactive than other metals. 


(d) The alkali metals have higher melting points than other 
metals. 


(e) The alkali metals have low ionization energies. 


Arrange the following metals in increasing order of expected 
melting point: La, W, Ta, Hf. Explain this trend in melting 
points. 


For each of the following groups, which metal would you 
expect to have the highest melting point: (a) gold, rhenium, 
or cesium; (b) rubidium, molybdenum, or indium; (c) ruthe- 
nium, strontium, or cadmium? 


Ionic Solids (Sections 12.3) 


12.86 


12.87 


12.88 


12.89 


12.90 


Tausonite, a mineral composed of Sr, O, and Ti, has the cu- 
bic unit cell shown in the drawing. (a) What is the empirical 
formula of this mineral? (b) How many oxygens are coordi- 
nated to titanium? (c) To see the full coordination environ- 
ment of the other ions, we have to consider neighboring unit 
cells. How many oxygens are coordinated to strontium? 


O Strontium 


@ oxygen 
O Titanium 


Galena, also called lead glance, is a mineral composed of 
lead(II) sulfide(PbS). The mineral adopts the rock salt struc- 
ture. The length of an edge of the PbS unit cell is 0.593 nm at 
25 °C. Determine the density of PbS in g/cm?. 


Boron phosphide (BP) adopts the zinc blende structure. 
The length of the unit cell edge is 0.457 nm. (a) Calculate 
the density of BP in this form. (b) Boron arsenide (BAs) 
also forms a solid phase with the zinc blende structure. The 
length of the unit cell edge in this compound is 0.478 nm. 
What accounts for the larger unit cell length? (c) Which of 
the two substances has the higher density? How do you ac- 
count for the difference in densities? 


Cul, CsI, and Nal each adopt a different type of structure. The 
three different structures are those shown in Figure 12.26. 
(a) Use ionic radii, Cs* (r = 181 pm), Nat (r = 116 pm), 
Cut (r = 74pm), and, I (r = 206 pm), to predict which 
compound will crystallize with which structure. (b) What is 
the coordination number of iodide in each of these structures? 


The coordination number for Mg?* ion is usually six. As- 
suming this assumption holds, determine the anion coor- 
dination number in the following compounds: (a) Mgs, (b) 
MgF,, (c) MgO. 
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Covalent Solids (Section 12.4) 


12.91 


12.92 


12.93 


12.94 


12.95 


Increasing flux 


12.96 


12.97 


12.98 


Classify each of the following statements as true or false: 


(a) Although both molecular solids and covalent-network 
solids have covalent bonds, the melting points of molec- 
ular solids are much lower because their covalent bonds 
are much weaker. 


(b) Other factors being equal, highly symmetric molecules 
tend to form solids with higher melting points than 
asymmetrically shaped molecules. 


Both covalent-network solids and ionic solids can have 
melting points well in excess of room temperature, and both 
can be poor conductors of electricity in their pure form. 
However, in other ways their properties are quite different. 


(a) Which type of solid is more likely to dissolve in water? 


(b) Which type of solid can become a considerably better 
conductor of electricity via chemical substitution? 


For each of the following pairs of semiconductors, which 
one will have the larger band gap: (a) CdS or CdTe, (b) GaN 
or InP (c) GaAs or InAs? 


If you want to dope GaAs to make an n-type semiconductor 
with an element to replace Ga, which element(s) would you 
pick? 

Silicon has a band gap of 1.1 eV at room temperature. 
(a) What wavelength of light would a photon of this energy 
correspond to? (b) Draw a vertical line at this wavelength in 
the figure shown, which shows the light output of the Sun 
as a function of wavelength. Does silicon absorb all, none, 
or a portion of the visible light that comes from the Sun? 
(c) You can estimate the portion of the overall solar spec- 
trum that silicon absorbs by considering the area under the 
curve. If you call the area under the entire curve “100%,” 
what approximate percentage of the area under the curve is 
absorbed by silicon? 


Solar spectrum outside atmosphere 


Solar spectrum at sea level 


\ Wisible Infrared 


——— 
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The semiconductor gallium nitride (GaN) has a band gap of 
3.4 eV. What wavelength of light would be emitted from an 
LED made from GaN? What region of the electromagnetic 
spectrum is this? 


GaAs and GaP make solid solutions that have the same 
crystal structure as the parent materials, with As and P ran- 
domly distributed throughout the crystal. GaP,As,_, exists 
for any value of x. If we assume that the band gap varies lin- 
early with composition between x = 0 and x = 1, estimate 
the band gap for GaPy gAso.. (GaAs and GaP band gaps are 
1.43 eV and 2.26 eV, respectively.) What wavelength of light 
does this correspond to? 


Orange light-emitting diodes are made from GaAs and GaP 
solid solutions, GaP,Asj_, (see Exercise 12.97). The original 
orange LEDs emitted light with a wavelength of 590 nm. If 
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we assume that the band gap varies linearly with composi- 
tion between x = 0 and x = 1, estimate the composition (the 
value of x) that is used in these LEDs. 


Polymers (Section 12.5) 


12.99 (a) What is amonomer? (b) Which of these molecules can be 


12.100 


12.101 


12.102 


used as amonomer: ethanol, ethene, methane? 


State whether each of these numbers is a reasonable 
value for a polymer’s molecular weight: 100 u, 10,000 u, 
100,000 u, 1,000,000 u? 


An addition polymerization forms the polymer origi- 
nally used as Saran™ wrap. It has the following structure 
CCl} —CH2+,,. Draw the structure of the monomer. 


The polymer Kevlar, a condensation polymer, is used as re- 
inforcement in car tires, strings of archery bows, and as a 
component of bulletproof vests. 
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Draw the structures of the two monomers that yield Kevlar. 


Proteins are naturally occurring polymers formed by con- 
densation reactions of amino acids, which have the general 
structure 


(ae 
ae ao 
H 


In this structure, —R represents —H, — CH}, or another 
group of atoms; there are 20 different natural amino acids, 
and each has one of 20 different R groups. (a) Draw the gen- 
eral structure of a protein formed by condensation polym- 
erization of the generic amino acid shown here. (b) When 
only a few amino acids react to make a chain, the product is 
called a “peptide” rather than a protein; only when there are 
50 amino acids or more in the chain would the molecule be 
called a protein. For three amino acids (distinguished by hav- 
ing three different R groups, R1, R2, and R3), draw the peptide 
that results from their condensation reactions. (c) The order 
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in which the R groups exist in a peptide or protein has a huge 
influence on its biological activity. To distinguish different 
peptides and proteins, chemists call the first amino acid the 
one at the “N terminus” and the last one the one at the “C 
terminus.” From your drawing in part (b) you should be able 
to figure out what “N terminus” and “C terminus” mean. 
How many different peptides can be made from your three 
different amino acids? 


(a) What molecular features make a polymer flexible? (b) 
If you cross-link a polymer, is it more flexible or less flexi- 
ble than it was before? 


If you want to make a polymer for plastic wrap, should you 
strive to make a polymer that has a high or low degree of 
crystallinity? 


Nanomaterials (Section 12.6) 


12.106 


12.107 


12.108 


12.109 


Explain why “bands” may not be the most accurate 
description of bonding in a solid when the solid has 
nanoscale dimensions. 


Indicate whether each statement is true or false: 


(a) The band gap of a semiconductor decreases as the parti- 
cle size decreases in the 1-10-nm range. 


(b) The light that is emitted from a semiconductor, upon 
external stimulation, becomes longer in wavelength as 
the particle size of the semiconductor decreases. 


An ideal quantum dot for use in TVs does not contain any 
cadmium due to concerns about disposal. One potential 
material for this purpose is InP, which adopts the zinc 
blende (ZnS) structure (face-centered cubic). The unit cell 
edge length is 586.9 pm. (a) If the quantum dot is shaped 
like a cube, how many of each type of atom are there in 
a cubic crystal with an edge length of 3.00 nm? 5.00 nm? 
(b) If one of the nanoparticles in part (a) emits blue light 
and the other emits orange light, which color is emitted 
by the crystal with the 3.00-nm edge length? With the 
5.00-nm edge length? 


Which statement correctly describes a difference between 
graphene and graphite? 

(a) Graphene is a molecule but graphite is not. (b) Graphene 
is a single sheet of carbon atoms and graphite contains 
many, and larger, sheets of carbon atoms. (c) Graphene is 
an insulator but graphite is a metal. (d) Graphite is pure car- 
bon but graphene is not. (e) The carbons are sp” hybridized 
in graphene but sp? hybridized in graphite. 


Additional Exercises 
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12.111 
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Selected chlorides have the following melting points: NaCl 
(801 °C), MgCl, (714 °C), PCl, (—94 °C), SCL, (—121 °C) 
(a) For each compound, indicate what type its solid form 
is (molecular, metallic, ionic, or covalent-network). 
(b) Predict which of the following compounds has a higher 
melting point: CaCl, or SiCl,. 


A face-centered tetragonal lattice is not one of the 14 
three-dimensional lattices. Show that a face-centered 
tetragonal unit cell can be redefined as a body-centered 
tetragonal lattice with a smaller unit cell. 


Imagine the primitive cubic lattice. Now imagine pushing 
on top of it, straight down. Next, stretch another face by 
pulling it to the right. All angles remain 90°. What kind of 
primitive lattice have you made? 


oa =z 
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Pure iron crystallizes in a body-centered cubic structure, 
but small amounts of impurities can stabilize a face- 
centered cubic structure. Which form of iron has a higher 
density? 

Introduction of carbon into a metallic lattice generally re- 
sults in a harder, less ductile substance with lower electrical 
and thermal conductivities. Explain why this might be so. 


NisAl is used in the turbines of aircraft engines because 
of its strength and low density. Nickel metal has a cubic 
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close-packed structure with a face-centered cubic unit cell, 
while Ni3Al has the ordered cubic structure shown in Fig- 
ure 12.17. The length of the cubic unit cell edge is 353 pm 
for nickel and 356 pm for Ni3Al. Use these data to calculate 
and compare the densities of these two materials. 


For each of the intermetallic compounds shown in 
Figure 12.17 determine the number of each type of 
atom in the unit cell. Do your answers correspond 
to the ratios expected from the empirical formulas: 
Ni3Al, Nb3Sn, and SmCo;? 


What type of lattice—primitive cubic, body-centered 
cubic, or face-centered cubic—does each of the following 
structure types possess: (a) Naf, (b) Ag, (c) Fe, (d) CsCl, 
(e) ScF,? 

Greenockite (CdS) was utilized as a pigment known as ver- 
million. It has a band gap of 2.6 eV near room temperature 
for the bulk solid. What wavelength of light (in nm) would 
a photon of this energy correspond to? 


The electrical conductivity of aluminum is approximately 
10° times greater than that of its neighbor in the periodic 
table, silicon. Aluminum has a face-centered cubic struc- 
ture, and silicon has the diamond structure. A classmate 
of yours tells you that density is the reason aluminum is 
a metal but silicon is not; therefore, if you were to put sili- 
con under high pressure, it too would act like a metal. Dis- 
cuss this idea with your classmates, looking up data about 
Aland Si as needed. 


Silicon carbide, SiC, has the three-dimensional structure 
shown in the figure. 


(a) Name another compound that has the same structure. 
(b) Would you expect the bonding in SiC to be predomi- 
nantly ionic, metallic, or covalent? (c) How do the bond- 
ing and structure of SiC lead to its high thermal stability 
(to 2700 °C) and exceptional hardness? 
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Energy bands are considered continuous due to the large 
number of closely spaced energy levels. The range of energy 
levels in a crystal of copper is approximately 1 X 10-7” J. 
Assuming equal spacing between levels, the spacing be- 
tween energy levels may be approximated by dividing the 
range of energies by the number of atoms in the crystal. 
(a) How many copper atoms are in a piece of copper metal 
in the shape of a cube with edge length 0.5 mm? The den- 
sity of copper is 8.96 g/cm?. (b) Determine the average 
spacing in J between energy levels in the copper metal in 
part (a). (c) Is this spacing larger, substantially smaller, or 
about the same as the 1 x 10-!8J separation between en- 
ergy levels in a hydrogen atom? 


Unlike metals, semiconductors increase their conductivity 
as you heat them (up to a point). Suggest an explanation. 


Sodium oxide (Na,O) adopts a cubic structure with Na atoms 
represented by green spheres and O atoms by red spheres. 
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(a) How many atoms of each type are there in the unit cell? 


(b) Determine the coordination number and describe 
the shape of the coordination environment for the 
sodium ion. 


(c) The unit cell edge length is 555 pm. Determine the den- 
sity of Na,O. 

Teflon is a polymer formed by the polymerization of 

F,C=CF,. (a) Draw the structure of a section of this poly- 

mer. (b) What type of polymerization reaction is required 

to form Teflon? 


Hydrogen bonding between polyamide chains plays an im- 
portant role in determining the properties of a nylon such 
as nylon 6,6 (Table 12.6). Draw the structural formulas for 
two adjacent chains of nylon 6,6 and show where hydro- 
gen-bonding interactions could occur between them. 


Explain why X rays can be used to measure atomic dis- 
tances in crystals but visible light cannot be used for this 
purpose. 


In their study of X-ray diffraction, William and Lawrence 
Bragg determined that the relationship among the wave- 
length of the radiation (A), the angle at which the radia- 
tion is diffracted (0), and the distance between planes of 
atoms in the crystal that cause the diffraction (d) is given 
by nà = 2d sin @. X rays from a copper X-ray tube that have 
a wavelength of 154 pm are diffracted at an angle of 14.22 
degrees by crystalline silicon. Using the Bragg equation, 
calculate the distance between the planes of atoms respon- 
sible for diffraction in this crystal, assuming n = 1 (first-or- 
der diffraction). 


Germanium has the same structure as silicon, but the unit 
cell size is different because Ge and Si atoms are not the 
same size. If you were to repeat the experiment described 
in the previous problem but replace the Si crystal with a 
Ge crystal, would you expect the X rays to be diffracted at a 
larger or smaller angle 0? 


(a) The density of diamond is 3.5 g/cm’, and that of 
graphite is 2.3 g/cm’. Based on the structure of buck- 
minsterfullerene, what would you expect its density to 
be relative to these other forms of carbon? (b) X-ray dif- 
fraction studies of buckminsterfullerene show that it has a 
face-centered cubic lattice of Ceo molecules. The length of 
an edge of the unit cell is 142 pm. Calculate the density of 
buckminsterfullerene. 


When you shine light of band gap energy or higher ona 
semiconductor and promote electrons from the valence 
band to the conduction band, do you expect the conduc- 
tivity of the semiconductor to (a) remain unchanged, 
(b) increase, or (c) decrease? 
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The carat scale used to describe gold alloys is based on mass 
percentages. (a) If an alloy is formed that is 75 mol% silver 
and 25 mol% gold, what is the carat number of the alloy? 
Use Figure 12.18 to estimate the color of this alloy. (b) If an 
alloy is formed that is 75 mol% copper and 25 mol% gold, 
what is the carat number of the alloy? What is the color of 
this alloy? 


Spinel is a mineral that contains 37.9% Al, 17.1% Mg, 
and 45.0% O, by mass, and has a density of 3.57 g/cm’. 
The unit cell is cubic with an edge length of 809 pm. How 
many atoms of each type are in the unit cell? 


(a) What are the C—C—C bond angles in diamond? 
(b) What are they in graphite (in one sheet)? (c) What 
atomic orbitals are involved in the stacking of graphite 
sheets with each other? 


Employing the bond enthalpy values listed in Table 8.4, 
estimate the molar enthalpy change occurring upon 
(a) polymerization of ethene, (b) formation of nylon 6,6, 
(c) formation of polyethene terephthalate (PET). 


Although polyethene can twist and turn in random ways, 
the most stable form is a linear one with the carbon back- 
bone oriented as shown in the following figure: 


The carbon atoms of the backbone are not shown for 

clarity. The solid wedges in the figure indicate bonds from 

carbon that come out of the plane of the page; the dashed 

wedges indicate bonds that lie behind the plane of the 

page. 

(a) What is the hybridization of orbitals at each carbon 
atom? What angles do you expect between the bonds? 


(b) Now imagine that the polymer is polypropene rather 
than polyethene. Draw structures for polypropene 
in which (i) the CH; groups all lie on the same side 
of the plane of the paper (this form is called isotac- 
tic polypropene), (ii) the CH; groups lie on alternat- 
ing sides of the plane (syndiotactic polypropene), 
or (iii) the CH3 groups are randomly distributed on 
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either side (atactic polypropene). Which of these 
forms would you expect to have the highest crys- 
tallinity and melting point, and which the lowest? 
Explain in terms of intermolecular interactions and 
molecular shapes. 


(c) Polypropene fibers have been employed in athletic 
wear. The product is said to be superior to cotton or 
polyester clothing in wicking moisture away from the 
body through the fabric to the outside. Explain the dif- 
ference between polypropene and polyester or cotton 
(which has many —OH groups along the molecular 
chain) in terms of intermolecular interactions with 
water. 


(a) In polyvinyl chloride shown in Table 12.6, which 
bonds have the lowest average bond enthalpy? 
(b) When subjected to high pressure and heated, poly- 
vinyl chloride converts to diamond. During this trans- 
formation which bonds are most likely to break first? (c) 
Employing the values of average bond enthalpy in Table 
8.3, estimate the overall enthalpy change for converting 
PVC to diamond. 


Silicon has the diamond structure with a unit cell edge 
length of 543 pm and eight atoms per unit cell. (a) 
How many silicon atoms are there in 1 cm? of material? 
(b) Suppose you dope that 1 cm? sample of silicon with 
1 ppm of phosphorus that will increase the conductivity 
by a factor of a million. How many milligrams of phos- 
phorus are required? 


One method to synthesize ionic solids is by the heating of 
two reactants at high temperatures. Consider the reaction 
of MgO with TiO, to form MgTiO,. Determine the amount 
of each of the two reactants to prepare 3.250 g MgTiO,, 
assuming the reaction goes to completion. 


(a) Write a balanced chemical reaction. 

(b) Calculate the formula weight of MgTiO . 

(c) Determine the moles of MgTiO,. 

(d) Determine moles and mass (g) of MgO required. 
(e) Determine moles and mass (g) of TiO, required. 


Look up the diameter of a silicon atom, in pm. The latest 
semiconductor chips have fabricated lines as small as 
14 nm. How many silicon atoms does this correspond to? 


Design an Experiment 


Polymers were commercially made by the DuPont Company start- 
ing in the late 1920s. At that time, some chemists still could not 
believe that polymers were molecules; they thought covalent bond- 
ing would not “last” for millions of atoms, and that polymers were 


really clumps of molecules held together by weak intermolecular 
forces. Design an experiment to demonstrate that polymers really 
are large molecules and not little clumps of small molecules that are 
held together by weak intermolecular forces. 


| 


In Chapters 10, 11, and 12, we explored the properties of pure gases, liquids, and solids. 
However, the examples of matter that we encounter in our daily lives, such as carbonated 
drinks, air, and glass, are frequently mixtures. In this chapter, we examine homogeneous 
mixtures. 
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As we noted in the earlier chapters, homogeneous mixtures are called solutions. 
(Sections 1.2 and 4.1) When we think of solutions, we usually think of liquids. Solutions, 
however, can also be solids or gases. For example, sterling silver is a homogeneous mix- 
ture of about 7% copper in silver and so is a solid solution. The air we breathe is a homo- 
geneous mixture of several gases, making air a gaseous solution. However, because liquid 
solutions are the most common, we focus our attention on them in this chapter. We will 
be particularly concerned with aqueous solutions, which contain water as the solvent 
and either a gas, liquid, or solid as a solute. 

By the end of this section, you should be able to 


e Describe how enthalpy and entropy changes affect solution formation. 


Each substance in a solution is a component of the solution. As we saw in Chapter 4, the 
solvent is normally the component present in the greatest amount, and all the other 
components are called solutes. A solution is formed when one component disperses uniformly 
throughout another. The ability of substances to form solutions depends on two factors: 
(1) the natural tendency of substances to mix and spread into larger volumes when not 
restrained in some way and (2) the types of intermolecular interactions involved in the 
solution process. 


The Natural Tendency toward Mixing 


Suppose we have O2(g) and Ar(g) separated by a barrier, as in Figure 13.1. If the barrier is 
removed, the gases mix to form a solution. The molecules experience very little intermo- 
lecular interactions and behave like ideal gas particles. As a result, their molecular motion 
causes them to spread through the larger volume, and a gaseous solution is formed. 

The mixing of gases is a spontaneous process, meaning it occurs of its own accord 
without any input of energy from outside the system. When the molecules mix and 
become more randomly distributed, there is an increase in a thermodynamic quantity 
called entropy. Entropy will be defined more rigorously in Chapter 19; but for now, we 
can consider that the entropy of a system increases if its degree of disorder increases, or 
if its energy becomes dispersed over a greater number of particles. Therefore, the mix- 
ing of gases we just described increases the entropy of the system. The enthalpy of the 
system, however, changes little upon gas mixing because there are few intermolecular 
interactions between the gas particles. All of the intermolecular forces (dispersion forces, 
dipole-dipole interactions, hydrogen bonding) and their corresponding energies are part 
of the enthalpy of the system. Decreasing the enthalpy of the system would correspond 
to increasing favorable intermolecular interactions between gas particles. Furthermore, 
the balance between increasing the entropy and decreasing the enthalpy of a system is 
what determines whether a process is spontaneous. Thus, the formation of solutions is 
favored by the increase in entropy that accompanies mixing. 

When molecules of different types are brought together, mixing occurs sponta- 
neously unless the molecules are restrained either by sufficiently strong intermolecular 


W TN aN) what aspect of the kinetic theory of gases tells us that the gases will mix? 


A Figure 13.1 Spontaneous mixing of two gases to form a homogeneous mixture (a solution). 
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forces or by physical barriers. Thus, gases spontaneously mix unless restrained by their 
containers because with gases intermolecular forces are too weak to restrain the mol- 
ecules. However, when the solvent or solute is a solid or liquid, intermolecular forces 
become important in determining whether a solution forms. For example, although 
ionic bonds hold sodium and chloride ions together in solid sodium chloride, the 
solid dissolves in water because of the compensating strength of the attractive forces 
between the ions and water molecules. Sodium chloride does not dissolve in petrol, 
however, because the intermolecular forces between the ions and the petrol molecules 
are too weak. 


The Effect of Intermolecular Forces on Solution Formation 


Any of the intermolecular forces discussed in Chapter 11 can operate between solute and 
solvent particles in a solution. These forces are summarized in Figure 13.2. Dispersion forces, 
for example, dominate when one nonpolar substance, such as C7H¢, dissolves in another, 
such as C;H,, and ion-dipole forces dominate in solutions of ionic substances in water. 
Three kinds of intermolecular interactions are involved in solution formation: 


1. Solute-solute interactions between solute particles must be overcome to disperse the 
solute particles through the solvent. 


2. Solvent-solvent interactions between solvent particles must be overcome to make 
room for the solute particles in the solvent. 


3. Solvent-solute interactions between the solvent and solute particles occur as the par- 
ticles mix. 


The extent to which one substance is able to dissolve in another depends on the relative 
magnitudes of these three types of interactions. Solutions form when the magnitudes of 
the solvent-solute interactions are either comparable to or greater than the solute-solute 
and solvent-solvent interactions. For example, heptane (C7H,,.) and pentane (C;Hj,) dis- 
solve in each other in all proportions. For this discussion, we can arbitrarily call heptane 
the solvent and pentane the solute. Both substances are nonpolar, and the magnitudes of 
the solvent-solute interactions (attractive dispersion forces) are comparable to the solute- 
solute and the solvent-solvent interactions. Thus, no forces impede mixing, and the ten- 
dency to mix (increase entropy) causes the solution to form spontaneously. 

An everyday example of solution formation occurs when you dissolve salt in 
water. Solid NaCl dissolves readily in water because the attractive solvent-solute inter- 
actions between the polar H,O molecules and the ions are strong enough to overcome 
the attractive solute-solute interactions between ions in the NaCl(s) and the attractive 
solvent-solvent interactions between HO molecules. When NaCl is added to water 


( > ) A Figure 13.2 Intermolecular interactions involved in solutions. 


Which atom in water points toward Na” in the ion-dipole interaction? Why? 
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Crystal of NaCl in water 


Solvent—solute interactions 


between water molecules and 
NaCl allow solid to dissolve. 


Ions hydrated in solution 


Hydrated C17 ion Hydrated Nat ion 


( > ) A Figure 13.3 Dissolution of the ionic solid NaCl in water. 


(Figure 13.3), the water molecules orient themselves on the surface of the NaCl crystals 
with the positive end of the water dipole oriented toward CI ions and the negative end 
oriented toward Na’ ions. These ion-dipole attractions are strong enough to pull the 
surface ions away from the solid, thus overcoming the solute-solute interactions. For 
the solid to dissolve, some solvent-solvent interactions must also be overcome to create 
room for the ions to “fit” among all the water molecules. 

Once separated from the solid, the Na‘ and CI ions are surrounded by water mole- 
cules. Interactions such as this between solute and solvent molecules are known as sol- 
vation. When the solvent is water, the interactions are referred to as hydration. 


Energetics of Solution Formation 


Solution processes are typically accompanied by changes in enthalpy. For example, when 
NaCl dissolves in water, the process is slightly endothermic, AHjoin = 3.9 kJ/mol. We can 
use Hess’s law to analyze how the solute-solute, solvent-solvent, and solute-solvent inter- 
actions influence the enthalpy of solution. 

We can imagine the solution process as having three components, each with an 
associated enthalpy change: A cluster of n solute particles must separate from one 
another (AH,olute), a Cluster of m solvent particles separate from one another (AA goivent), 
and these solute and solvent particles mix (AHnix)- 


1. (solute), === n solute AHgolute 

2. (solvent), === m solvent AHoivent 

3. nsolute + m solvent ==> solution AR nix 

4. (solute), + (solvent), === solution AHgoin = AHgoiute + AHgoivent + AHmix 


As seen earlier, the overall enthalpy change, AH,oin, is the sum of the three steps: 
AF goin = AF gotute + AF goivent + AF mix [13.1] 


Separation of the solute particles from one another always requires an input of 
energy to overcome their attractive interactions. The process is therefore endothermic 
(AH;oute > 0). Likewise, separation of solvent molecules to accommodate the solute 
always requires energy (AHgoivent > 0). The third component, which arises from the 
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attractive interactions between solute particles and solvent particles, is always exother- 


mic (AHnix < 0). 


The three enthalpy terms in Equation 13.1 can be added together to give either a neg- 
ative or a positive sum, depending on the actual numbers for the system being considered 
(Figure 13.4). Thus, the formation of a solution can be either exothermic or endothermic. 
For example, when magnesium sulfate (MgSO,) is added to water, the solution process is 
exothermic: AHjoin = —91.2 kJ/mol. In contrast, the dissolution of ammonium nitrate 
(NH4NO3) is endothermic: AH,oi, = 26.4 kJ/mol. These particular salts are the main 
components in the instant heat packs and ice packs used to treat athletic injuries. 

The enthalpy change for a process can provide insight into the extent to which 
the process occurs. Exothermic processes tend to proceed spontaneously. On the 
other hand, if AHjoin is too endothermic, the solute might not dissolve to any sig- 
nificant extent in the chosen solvent. Thus, for solutions to form, the solvent- 
solute interaction must be strong enough to make AHmix comparable in magnitude to 
AHsoiute + AHsoivent- This fact further explains why ionic solutes do not dissolve in non- 
polar solvents. The nonpolar solvent molecules experience only weak attractive interac- 
tions with the ions, and these interactions do not compensate for the energies required 
to separate the ions from one another. 

By similar reasoning, a polar liquid solute, such as water, does not dissolve in a non- 
polar liquid solvent, such as octane (CgHjg). The water molecules experience strong 
hydrogen-bonding interactions with one another—attractive forces that must be over- 
come if the water molecules are to be dispersed throughout the octane solvent. The 
energy required to separate the H2O molecules from one another is not recovered in the 
form of attractive interactions between the H2O and CgHjg molecules. 


Solution Formation and Chemical Reactions 


In discussing solutions, we must be careful to distinguish the physical process of solution 
formation from chemical reactions that lead to a solution. For example, nickel metal dis- 
solves on contact with an aqueous hydrochloric acid solution because the following reac- 


tion occurs: 


Ni(s) + 2HCl(aq) —> NiCl(aq) + H2(8) 
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( > ) A Figure 13.4 Enthalpy changes accompanying the solution process. 


[13.2] 


How does the magnitude of AH,,;, compare with the magnitude of 
AHgoivent + A Hsolute for exothermic solution processes? 
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Nickel metal and hydrochloric acid 
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Nickel reacts with hydrochloric acid, 
forming NiCl)(aq) and H2(g). The 


NiCl)-6 HO(s) remains 
when solvent evaporated 


solution is of NiCly, not Ni metal 


A Figure 13.5 The reaction between nickel metal and hydrochloric acid is not a simple dissolution. The product is NiCl> + 6H 0(s), nickel(II) chloride 
hexahydrate, which has exactly 6 waters of hydration in the crystal lattice for every nickel ion. 


In this instance, one of the resulting solutes is not Ni metal but rather its salt NiCl). 
If the solution is evaporated to dryness, NiCl2 + 6 H2O(s) is recovered (Figure 13.5). Com- 
pounds such as NiCl,-6 H,O(s) that have a defined number of water molecules in the 
crystal lattice are known as hydrates. When NaC\(s) is dissolved in water, on the other 
hand, no chemical reaction occurs. If the solution is evaporated to dryness, NaCl is 
recovered. Our focus throughout this chapter is on solutions from which the solute can 
be recovered unchanged from the solution. 


Self-Assessment Exercise 
13.1 What do you predict to be the enthalpy change when sam- 


ples of HCl(g) and CO,(g) are mixed? 


(a) AH <0 
(b) AH > 0 
(c) AH = 0 


Exercises 


13.2 


13.3 


13.4 


Indicate whether each statement is true or false: (a) NaCl dis- 
solves in water but not in benzene (C6H6) because benzene 
is denser than water. (b) NaCl dissolves in water but not in 
benzene because water has a large dipole moment and ben- 
zene has zero dipole moment. (c) NaCl dissolves in water but 
not in benzene because the water-ion interactions are stron- 
ger than benzene-ion interactions. 


Indicate the principal type of solute-solvent interaction 
in each of the following solutions and rank the solutions 
from weakest to strongest solute-solvent interaction: 
(a) KCI in water, (b) CH2Cl, in benzene (C6H6), (c) metha- 
nol (CH3OH) in water. 


An ionic compound has a very negative AH,.), in water. 
(a) Would you expect it to be very soluble or nearly insoluble 
in water? (b) Which term would you expect to be the largest 
negative number: AH;oivent AHotuter OF AH mix? 


13.5 


13.6 


For the dissolution of NaCl in water, AH,oj, = +3 kJ/mol. 
Which term would you expect to be the largest negative 
number: AF otuter AF oventy or AF mix? 


Two nonpolar organic liquids, benzene (C6H6) and toluene 
(C7Hg), are mixed. (a) Do you expect AH;on to be a large 
positive number, a large negative number, or close to zero? 
Explain. (b) Benzene and toluene are miscible with each 
other in all proportions. In making a solution of them, is the 
entropy of the system increased, decreased, or close to zero, 
compared to the separate pure liquids? 
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13.2 | Saturated Solutions and Solubility 


— d hn > 


Sodium chloride, salt, is an essential part of our diet. One commercial way to obtain salt 
is to harvest it from the ocean. Sea water is allowed to evaporate in shallow ponds and as 
it does the solution becomes more and more concentrated in the dissolved salts. A point 
comes when the solution is saturated and further evaporation results in the precipitation 
of salt, which may be harvested. 

By the end of this section, you should be able to 


e Describe the role of equilibrium in the solution process and its relationship to the 
solubility of a solute. 


As a solid solute begins to dissolve in a solvent, the concentration of solute particles in 
solution increases, increasing the chances that some solute particles will collide with the 
surface of the solid and reattach. This process, which is the opposite of the solution pro- 
cess, is called crystallization. Thus, two opposing processes occur in a solution in con- 
tact with undissolved solute. This situation is represented in this chemical equation: 


dissolve 


Solute + solvent ==> solution [13.3] 


crystallize 


When the rates of these opposing processes become equal, a dynamic equilibrium is estab- 
lished, and there is no further increase in the amount of solute in solution. 

A solution that is in equilibrium with undissolved solute is saturated. Additional 
solute will not dissolve if added to a saturated solution. The amount of solute needed to 
form a saturated solution in a given quantity of solvent is known as the solubility of 
that solute. That is, 


the solubility of a particular solute in a particular solvent is the maximum amount 
of the solute that can dissolve in a given amount of the solvent at a specified 
temperature, assuming that excess solute is present. 


For example, the solubility of NaCl in water at 0 °C is 35.7 g per 100 mL of water. This is 
the maximum amount of NaCl that can be dissolved in water to give a stable equilibrium 
solution at that temperature. 

If we dissolve less solute than the amount needed to form a saturated solution, the 
solution is unsaturated. Thus, a solution containing 10.0 g of NaCl per 100 mL of water 
at 0 °C is unsaturated because it has the capacity to dissolve more solute. 
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Go Figure 


How many grams of sodium acetate are in solution in the third beaker? 


y 


Amount of sodium acetate 
dissolved is greater than its 
solubility at this temperature. 


Seed crystal of sodium 
acetate is added to 
supersaturated solution. 


EÐ Solution is 
saturated and 


Excess sodium acetate 
starts to crystallize from 
solution. 


excess solute has 
crystallized. 


A Figure 13.6 Precipitation from a supersaturated sodium acetate solution. The solution on the left was 
formed by dissolving about 170 g of the salt in 100 mL of water at 100 °C and then slowly cooling it to 
20°C. Because the solubility of sodium acetate in water at 20°C is 46 g per 100 mL of water, the solution 
is supersaturated. Addition of a sodium acetate crystal causes the excess solute to crystallize from solution. 


Under suitable conditions, it is possible to form solutions that contain a greater amount 
of solute than needed to form a saturated solution. Such solutions are supersaturated. 
For example, when a saturated solution of sodium acetate is made at a high temperature 
and then slowly cooled, all of the solute may remain dissolved even though its solubility 
decreases as the temperature decreases. Because the solute in a supersaturated solution is 
present in a concentration higher than the equilibrium concentration, supersaturated solu- 
tions are unstable with respect to crystallization of the solute. For crystallization to occur, 
however, the solute particles must arrange themselves properly to form crystals. The addi- 
tion of a small crystal of the solute (a seed crystal) provides a template for crystallization of 
the excess solute, leading to a saturated solution in contact with excess solid (Figure 13.6). 


Self-Assessment Exercise 


13.7 Ifa magnesium chloride is added to a saturated solution of 


magnesium chloride, will it dissolve? 


(a) No 
(b) Yes 


Exercises 


13.8 The solubility of copper (II) sulfate pentahydrate 
(CuSO4- 5 H20) in water at 30°C is 50 g per 100 mL of water. 
(a) Is a 1.30 M solution of CuSO,- 12 H2O in water at 30°C 


saturated, supersaturated, or unsaturated? (b) Given a solu- 
tion of CuSO,4: 12 H20 of unknown concentration, what ex- 
periment could you perform to determine whether the new 
solution is saturated, supersaturated, or unsaturated? 
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13.3 | Factors Affecting Solubility 


Have you noticed how ice cubes you make at home usually have bubbles in their center? 
This results from the solubility of air in water decreasing as the temperature drops. The 
water in your ice tray usually freezes from the outer edges. This concentrates the dissolved 
gases towards the center, the water becomes saturated, and further freezing results in the 
air bubbling out of the water and becoming trapped by the surrounding ice. So, how do 
you make clear ice cubes? If you boil the water before freezing it, the heat drives out most 
of the dissolved gases and results in clear ice. 
By the end of this section, you should be able to 


e Understand what factors affect solubility 


The extent to which one substance dissolves in another depends on the nature of both 
substances. It also depends on temperature and, at least for gases, on pressure. 


Solute-Solvent Interactions 


The natural tendency of substances to mix and the various interactions among sol- 
ute and solvent particles are all involved in determining solubilities. Nevertheless, 
insight into variations in solubility can often be gained by focusing on the interac- 
tion between the solute and solvent. The data in Table 13.1 show that the solubilities 
of various gases in water increase with increasing molar mass. The attractive forces 
between the gas molecules and solvent molecules are mainly dispersion forces, which 
increase with increasing size and molar mass. Thus, the data indicate that the solubili- 
ties of gases in water increase as the attraction between solute (gas) and solvent (water) 
increases. In general, when other factors are comparable, the stronger the attractions 
between solute and solvent molecules, the greater the solubility of the solute in that solvent. 

Because of favorable dipole-dipole attractions between polar solvent molecules 
and polar solute molecules, polar liquids tend to dissolve in polar solvents. Water is both 
polar and able to form hydrogen bonds. Thus, polar molecules, especially those that can 
form hydrogen bonds with water molecules, tend to be soluble in water. For example, 
acetone, a polar molecule with the structural formula shown here, mixes in all propor- 
tions with water. Acetone has a strongly polar C=O bond and pairs of nonbonding 
electrons on the O atom that can form hydrogen bonds with water. 


CH3CCH; 


Acetone 


TABLE 13.1 


Solubilities of 
Gases in Water at 20 °C, at 
101.3 kPa Gas Pressure 


Molar Mass 
(g/mol) 
28.0 


32.0 
SEQ) 
83.8 


Solubility (M) 
0.69 x 1073 
1.38 x 10° 
1.50 x 10% 
2.79 x 10°3 
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Hexane 


Water 


A Figure 13.7 Hexane, a hydrocarbon, is 
immiscible with water. Hexane is the top layer 
because it is less dense than water. 


Cyclohexane, CgHy2, which 
has no polar OH groups, is 
essentially insoluble in water. 


In glucose, the OH groups enhance 


the aqueous solubility because of 
their ability to hydrogen-bond 
with H20. 


Hydrogen-bonding 
sites 


A Figure 13.9 The correlation of molecular 
structure with solubility. 


Liquids that mix in all proportions, such as acetone and water, are miscible, 
whereas those that do not dissolve in one another are immiscible. Petrol, which is a 
mixture of hydrocarbons, is immiscible with water. Hydrocarbons are nonpolar sub- 
stances because of several factors: The C—C bonds are nonpolar, the C—H bonds are 
nearly nonpolar, and the molecules are symmetrical enough to cancel much of the weak 
C—H bond dipoles. The attraction between the polar water molecules and the nonpolar 
hydrocarbon molecules is not sufficiently strong to allow the formation of a solution. 
Nonpolar liquids tend to be insoluble in polar liquids, as Figure 13.7 shows for hexane (C6H14) 
and water. 

Many organic compounds have polar groups attached to a nonpolar frame- 
work of carbon and hydrogen atoms. For example, the series of organic compounds in 
Table 13.2 all contain the polar OH group. Organic compounds with this molecular fea- 
ture are called alcohols. The O—H bond is able to form hydrogen bonds. For example, 
ethanol (CH3;CH,OH) molecules can form hydrogen bonds with water molecules as 
well as with each other (Figure 13.8). As a result, the solute-solute, solvent-solvent, and 
solute-solvent forces are not greatly different in a mixture of CH3CH,OH and H20. No 
major change occurs in the environments of the molecules as they are mixed. Therefore, 
the increased entropy when the components mix plays a significant role in solution for- 
mation, and ethanol is completely miscible with water. 

Notice in Table 13.2 that the number of carbon atoms in an alcohol affects its solu- 
bility in water. As this number increases, the polar OH group becomes an even smaller 
part of the molecule, and the molecule behaves more like a hydrocarbon. The solubility 
of the alcohol in water decreases correspondingly. On the other hand, the solubility of 
alcohols in a nonpolar solvent like hexane (C,Hj,4) increases as the nonpolar hydrocar- 
bon chain lengthens. 

One way to enhance the solubility of a substance in water is to increase the num- 
ber of polar groups the substance contains. For example, increasing the number of 
OH groups in a solute increases the extent of hydrogen bonding between that sol- 
ute and water, thereby increasing solubility. Glucose (C6H1206, Figure 13.9) has five 
OH groups on a six-carbon framework, which makes the molecule very soluble in 


TABLE 13.2 Solubilities of Some Alcohols in Water and in Hexane* 


Solubility Solubility 

Alcohol in H20 in CgHy4 
CHOH (methanol) œ 0.12 
CH3CH,OH (ethanol) œ œ 
CH3CH,CH,OH (propanol) œ œ 
CH3CH,CH,CH,OH (butanol) 0.11 20 
CH3CH,CH,CH2CH,OH (pentanol) 0.030 oo 
CH3CH2CH2CH2CH2CH2OH (hexanol) 0.0058 œ 


*Expressed in mol alcohol/100 g solvent at 20 °C. The infinity symbol (%) indicates that the 
alcohol is completely miscible with the solvent. 


Hydrogen bond between 


Hydrogen bond between 


two ethanol molecules ethanol molecule and 
water molecule 


A Figure 13.8 Hydrogen bonding involving OH groups. 
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water: 830 g dissolves in 1.00 L of water at 17.5 °C. In contrast, cyclohexane (C,H), 
which has a similar structure to glucose but with all of the OH groups replaced by H, 
is essentially insoluble in water (only 55 mg of cyclohexane can dissolve in 1.00 L of 
water at 25 °C). 

Over years of study, examination of different solvent-solute combinations has led to 
an important generalization: 

Substances with similar intermolecular attractive forces tend to be 
soluble in one another. 


This generalization is often simply stated as “like dissolves like.” Nonpolar substances are 
more likely to be soluble in nonpolar solvents; ionic and polar solutes are more likely to 
be soluble in polar solvents. Network solids such as diamond and quartz are not soluble in 
either polar or nonpolar solvents because of the strong bonding within the solid. 


CHEMISTRY AND LIFE eS AELG tia enti 


Vitamins have unique chemical structures that affect their solubil- That some vitamins are soluble in water and others are not can 


ities in different parts of the human body. Vitamin C and the B vi- 
tamins are soluble in water, for example, whereas vitamins A, D, E, 
and K are soluble in nonpolar solvents and in fatty tissue (which is 
nonpolar). Because of their water solubility, vitamins B and C are 
not stored to any appreciable extent in the body, and so foods con- 
taining these vitamins should be included in the daily diet. In con- 
trast, the fat-soluble vitamins are stored in sufficient quantities to 
keep vitamin-deficiency diseases from appearing even after a person 


be explained in terms of their structures. Notice in Figure 13.10 that 
vitamin A (retinol) is an alcohol with a very long carbon chain. Be- 
cause the OH group is such a small part of the molecule, the molecule 
resembles the long-chain alcohols listed in Table 13.2. This vitamin is 
nearly nonpolar. In contrast, the vitamin C molecule is smaller and 
has several OH groups that can form hydrogen bonds with water, 
somewhat like glucose. 
Related Exercises: 13.22, 13.46 


has subsisted for a long period on a vitamin-deficient diet. 


Only one polar group 


to interact with water Many polar groups to 


Most of molecule nonpolar interact with water 


H CH CH H H—O H 
HC 3 3 
EREE Drv dlo 
H — 
“Sc Nen, HO” yE 
H3 


Vitamin A Vitamin C 


A Figure 13.10 The molecular structures of vitamins A and C. 


Pressure Effects 


The solubilities of solids and liquids are not appreciably affected by pressure, whereas 
the solubility of a gas in any solvent is increased as the partial pressure of the gas above the sol- 
vent increases. We can understand the effect of pressure on gas solubility by considering 
Figure 13.11, which shows carbon dioxide gas distributed between the gas and solution 
phases. When equilibrium is established, the rate at which gas molecules enter the solu- 
tion equals the rate at which solute molecules escape from the solution to enter the gas 
phase. The equal number of up and down arrows in the left container in Figure 13.11 
represent these opposing processes. 
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W Go Figure 


Equilibrium 


A Figure 13.11 Effect of pressure on gas solubility. 


Sample Exercise 13.1 
Predicting Solubility Patterns 


Pressure is increased. 
More CO), dissolves 


If the partial pressure of a gas over a solution is doubled, how has the 
concentration of gas in the solution changed after equilibrium is restored? 


Equilibrium restored 


Predict whether each of the following substances is more likely to dissolve in the nonpolar solvent tetrachloromethane (CCl,) or 


in water: C7H16, Na2S0,, HCI, and lz. 


SOLUTION 


Analyze We are given two solvents, one that is nonpolar (CC14) 
and the other that is polar (H20), and asked to determine which 
will be the better solvent for each solute listed. 


Plan By examining the formulas of the solutes, we can predict 
whether they are ionic or molecular. For those that are molecular, 
we can predict whether they are polar or nonpolar. We can then 
apply the idea that the nonpolar solvent will be better for the non- 
polar solutes, whereas the polar solvent will be better for the ionic 
and polar solutes. 


P Practice Exercise 
Which of the following solvents will best dissolve wax, 
which is a complex mixture of compounds that mostly are 
CH; CH- CH Cho Gh 


j 
RE RE Bl aS ae 
J : | | 
H3C Cc C 
3 Be ae CH, ee eee 
A 2 | 
HA HH H 


(b) Benzene 


Solve C7Hj¢ is a hydrocarbon, so it is molecular and nonpolar. 
Na,SO,, a compound containing a metal and nonmetals, is ionic. 
HCI, a diatomic molecule containing two nonmetals that differ in 
electronegativity, is polar. Ip, a diatomic molecule with atoms of 
equal electronegativity, is nonpolar. We would therefore predict 
that C-H46 and I, (the nonpolar solutes) would be more soluble in 
the nonpolar CCl, than in polar H2O, whereas water would be the 
better solvent for NaSO, and HCI (the ionic and polar covalent 
solutes). 


T 


O 
l awe 


€ 
BEA Sik Ci 


(c) Acetone (d) Carbon tetrachloride 


H~ ON 
(e) Water 
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Now suppose we exert greater pressure on the piston and compress the gas above 
the solution, as shown in the middle container in Figure 13.11. If we reduce the gas vol- 
ume to half its original value, the pressure of the gas increases to about twice its origi- 
nal value. As a result of this pressure increase, the rate at which gas molecules strike the 
liquid surface and enter the solution phase increases. Thus, the solubility of the gas in 
the solution increases until equilibrium is again established; that is, solubility increases 
until the rate at which gas molecules enter the solution equals the rate at which they 
escape from the solution. Thus, the solubility of a gas in a liquid solvent increases in direct 
proportion to the partial pressure of the gas above the solution (Figure 13.12). 

The relationship between pressure and gas solubility is expressed by Henry’s law: 


Sq = kP, [13.4] 


Here, S, is the solubility of the gas in the solvent (usually expressed as molarity), Py is 
the partial pressure of the gas over the solution, and k is a proportionality constant 
known as the Henry’s law constant. The value of this constant depends on the solute, 
solvent, and temperature. As an example, the solubility of N; gas in water at 25 °C and 
79.03 kPa pressure is 4.75 X 10°4M. The Henry’s law constant for N; in 25 °C water is 
thus (4.75 x 10°* mol/L) /79.03 kPa = 6.1 X 10° mol/m? Pa. If the partial pressure of 
N3 is doubled, Henry’s law predicts that the solubility in water at 25 °C also doubles to 
9.50 x 104M. 

Bottlers use the effect of pressure on solubility in producing carbonated beverages, 
which are bottled under a carbon dioxide pressure greater than 101.3 kPa. When the 
bottles are opened to the air, the partial pressure of CO, above the solution decreases. 
Hence, the solubility of CO, decreases, and CO2(g) escapes from the solution as bubbles 
(Figure 13.13). 


W Go Figure 


Does the gas with the largest molar mass have the highest or lowest solubility 
in water? 


1.00 


0.50 


Solubility (mM) 


0 50 100 
Partial pressure (kPa) 


A Figure 13.12 The solubility of a gas in water is directly proportional to the partial pressure 
of the gas. The solubilities are in millimoles of gas per liter of solution. 


A Figure 13.13 Gas solubility decreases 
as pressure decreases. CO» bubbles out of 
solution when a carbonated beverage is 
opened because the CO, partial pressure 
above the solution is reduced. 
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Na Sample Exercise 13.2 
D A Henry’s Law Calculation 


Calculate the concentration of CO; in a soft drink that is bottled with a partial pressure of CO» of 0.41 MPa over the liquid at 
25°C. The Henry’s law constant for CO; in water at this temperature is 3.4 x 10~* mol/m? Pa. 


SOLUTION 

Analyze We are given the partial pressure of CO3, Peco, and the P Practice Exercise ; me 

Henry’s law constant, k, and asked to calculate the concentration You double the partial pressure of a gas over a liquid at con- 
of CO, in the solution. stant temperature. Which of these statements is then true? 


(a) The Henry’s law constant is doubled. 
(b) The Henry’s law constant is decreased by half. 
(c) There are half as many gas molecules in the liquid. 


Plan With the information given, we can use Henry’s law, Equa- 
tion 13.4, to calculate the solubility, Sco, 


Solve Sco, = kPeo, = (3.4 xX 107 mol/m? Pa)(0.41 MPa) (d) There are twice as many gas molecules in the liquid. 
(e) There is no change in the number of gas molecules in the 
= 0.14mol/L = 0.14M liquid. 


Check The units are correct for solubility, and the answer has two 
significant figures consistent with both the partial pressure of CO, 
and the value of the Henry’s law constant. 


Temperature Effects 


The solubility of most solid solutes in water increases as the solution temperature increases, 
as Figure 13.14 shows. There are exceptions to this rule, however, as seen for Ce2(SO.)3, 
whose solubility curve slopes downward with increasing temperature. 

In contrast to solid solutes, the solubility of gases in water decreases with increasing tem- 
perature (Figure 13.15). If a glass of cold tap water is warmed, you can see bubbles on the 
inside of the glass because some of the dissolved air comes out of solution. 


YW Go Figure 


How does the solubility of KCI at 80 °C compare with that 
of NaCl at the same temperature? 


W Go Figure 


Between which two gases would you expect N; to fit on 
this graph? 
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Temperature (°C) 
Temperature (°C) 
p A Figure 13.15 Solubilities of four gases in water as a function 
of temperature. The solubilities are in millimoles per liter of 


solution, for a constant total pressure of 1 atm in the gas phase. 


A Figure 13.14 Solubilities of some ionic compounds in water as 
a function of temperature. 
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Similarly, as carbonated beverages are allowed to warm, the solubility of CO, 


decreases, and CO.(g) escapes from the solution. 


If you think about it, you can rationalize why the solubilities of gases and ionic 
solids in water respond differently to temperature. As you heat an aqueous solution 
that contains a gas, you give enough energy to the gas particles for them to escape 
from the solution and go into the gas phase. Thus, increasing temperature reduces the 
solubility of the gas. On the other hand, if you heat up a mixture of water and an ionic 
solid, you give energy to the solid so it can break into its constituent ions that are then 
hydrated by water. Thus, increasing temperature increases the solubility of the ionic 


solid. 


CHEMISTRY AND LIFE PIURE EET ENy ym NT 


Because gas solubility increases with increasing pressure, divers who 
breathe compressed air (Figure 13.16) must be concerned about the 
solubility of gases in their blood. Although the gases are not very 
soluble at sea level, their solubilities can be appreciable at deep lev- 
els where their partial pressures are greater. Thus, divers must as- 
cend slowly to prevent dissolved gases from being released rapidly 
from solution and forming bubbles in the blood and other fluids 
in the body. These bubbles affect nerve impulses and cause decom- 
pression sickness, or “the bends,” which is a painful and potentially 
fatal condition. Nitrogen is the main problem because it is the most 
abundant gas in air and because it can be removed from the body 
only through the respiratory system. Oxygen, in contrast, is con- 
sumed in metabolism. 

Deep-sea divers sometimes substitute helium for nitrogen in the 
air they breathe because helium has a much lower solubility in biolog- 
ical fluids than N3. For example, divers working at a depth of 30 m ex- 
perience a pressure of about 405.3 kPa. At this pressure, a mixture of 
95% helium and 5% oxygen gives an oxygen partial pressure of about 
20.3 kPa, which is the partial pressure of oxygen in normal air at 


A Figure 13.16 Gas solubility increases as pressure increases. Divers 
who use compressed gases must be concerned about the solubility of 
the gases in their blood. 


101.3 kPa. If the oxygen partial pressure becomes too great, the urge to 
breathe is reduced, CO, is not removed from the body, and CO, poison- 
ing occurs. At excessive concentrations in the body, carbon dioxide acts 
as a neurotoxin, interfering with nerve conduction and transmission. 


Related Exercises: 13.25, 13.77, 13.112 


Self-Assessment Exercise 


13.9 Is there likely to be more gases dissolved in a mountain lake 
or a pond at sea level? 


(a) Mountain lake 
(b) Pond at sea level 


Exercises 


13.10 By referring to Figure 13.14, determine the mass of each 
of the following salts required to form a saturated solu- 
tion in 250 g of water at 20°C: (a) NaCl, (b) CaCl, 
(c) KNO3. 

13.11 Oil and water are immiscible. Which is the most likely 
reason? (a) Oil molecules are denser than water. (b) Oil 
molecules are composed mostly of carbon and hydrogen. 
(c) Oil molecules have higher molar masses than water. 
(d) Oil molecules have higher vapor pressures than water. (e) 
Oil molecules have higher boiling points than water. 


13.12 Common laboratory solvents include acetone (CH3;COCHs3), 
methanol (CH30H), toluene (CsH;CH3), and water. Which 
of these is the best solvent for nonpolar solutes? 


13.13 Ibuprofen, widely used as a pain reliever, has a limited solu- 
bility in water, less than 1 mg/mL. Which part of the mol- 
ecule’s structure (gray, white, red) contributes to its water 
solubility? Which part of the molecule (gray, white, red) con- 
tributes to its water insolubility? 


Ibuprofen 


13.14 Which of the following in each pair is likely to be more solu- 
ble in water: (a) cyclohexane (C6H12) or glucose (CgH 206), 
(b) propanoic acid (CH3;CH,COOH) or sodium propanoate 
(CH3;CH,COONa), (c) HCl or ethyl chloride (CH3CH,Cl)? 
Explain in each case. 


13.15 Indicate whether each statement is true or false: 


(a) If you compare the solubility of a gas in water at two dif- 
ferent temperatures, you find the gas is more soluble at 
the lower temperature. 
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(b) The solubility of most ionic solids in water decreases as 13.16 The Henry’s law constant for hydrogen gas (H3) in water at 
the temperature of the solution increases. 25°C is 7.7 X 10 M /kPa and the constant for argon (Ar) at 

(c) The solubility of most gases in water decreases as the tem- 25°C is 1.4 x 10°° M/KPa. If the two gases are each present 
perature increases because water is breaking its hydrogen at 253 kPa pressure, calculate the solubility of each gas. 


bonding to the gas molecules as the temperature is raised. 


(d) Some ionic solids become less soluble in water as the 
temperature is raised. 
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Expressing Solution Concentration 


The concentration of a solution can be expressed either qualitatively or quantitatively. 
The terms dilute and concentrated are used to describe a solution qualitatively. A solution 
with a relatively small concentration of solute is said to be dilute; one with a large con- 
centration is said to be concentrated. Chemists use various ways to express concentration 
quantitatively, and we examine several of these next. 

By the end of this section, you should be able to convert between different concen- 
tration units. 


Mass Percentage, ppm, and ppb 


One of the simplest quantitative expressions of concentration is the mass percentage of 
a component in a solution, given by 
mass of component in solution 


% of t= x1 13. 
Mass %ot componen total mass of solution o9 [13.5] 


Because percent means “per hundred,” a solution of hydrochloric acid that is 36% HCl by 
mass contains 36 g of HCl for each 100 g of solution. 

We often express the concentration of very dilute solutions in parts per million 
(ppm) or parts per billion (ppb). These quantities are similar to mass percentage but 
use 10° (a million) or 10° (a billion), respectively, in place of 100, as a multiplier for the 
ratio of the mass of solute to the mass of solution. Thus, parts per million is defined as 


mass of component in solution 


ppm of component = 10° [13.6] 


total mass of solution 
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A solution whose solute concentration is 1 ppm contains 1 g of solute for each million 
(10°) grams of solution or, equivalently, 1 mg of solute per kilogram of solution. Because 
the density of water is 1 g/mL, 1 kg of a dilute aqueous solution has a volume very close to 
1 L. Thus, 1 ppm also corresponds to 1 mg of solute per liter of aqueous solution. 

The acceptable maximum concentrations of toxic or carcinogenic substances in 
the environment are often expressed in ppm or ppb. For example, the World Health 
Organisation recommended maximum allowable concentration of arsenic in drinking 
water is 0.010 ppm; that is, 0.010 mg of arsenic per liter of water. This concentration 


corresponds to 10 ppb. 


Mole Fraction, Molarity, and Molality 


Concentration expressions are often based on the number of moles of one or more com- 
ponents of the solution. Recall from Section 10.5 that the mole fraction of a component of 


a solution is given by 


moles of component 


Mole fraction of component = 


> Sample Exercise 13.3 


D Calculation of Mass-Related Concentrations 


this solution? 


SOLUTION 


(a) Analyze We are given the number of grams of solute (13.5 g) 
and the number of grams of solvent (0.100 kg = 100 g). From 
this, we must calculate the mass percentage of solute. 


The mass of the solution is the sum of the mass of solute (glucose) 
and the mass of solvent (water). 


mass glucose 
Solve Mass % of glucose = 100 


mass solution 


13.38 100 = 11.9% 
x = F 
(13.5 + 100) g 


Comment The mass percentage of water in this solution is 
(100 — 11.9)% = 88.1%. 


Plan We can calculate the mass percentage by using Equation 13.5. 


[13.7] 


total moles of all components 


(b) A 2.5 g sample of groundwater was found to contain 5.4 wg of Zn?™. What is the concentration of Zn** in parts per million? 


(b) Analyze In this case we are given the number of micrograms of 
solute. Because 1 ugis 1 X 10°°g,5.4ug = 5.4 X 10°°g. 
Plan We calculate the parts per million using Equation 13.6. 
mass of solute 06 
mass of solution 
5.4 x 10% g 
2.5g 


Solve ppm = 


x 10° = 2.2 ppm 


> Practice Exercise 
Calculate the mass percentage of NaCl in a solution contain- 
ing 1.50 g of NaCl in 50.0 g of water. 
(a) 0.0291% (b) 0.0300% (c) 0.0513% (d) 2.91% (e) 3.00% 


The symbol X is commonly used for mole fraction, with a subscript to indicate the 
component of interest. For example, the mole fraction of HCl in a hydrochloric acid 
solution is represented as Xyc). Thus, if a solution contains 1.00 mol of HCl (36.5 g) 
and 8.00 mol of water (144 g), the mole fraction of HCl is Xyq = (1.00 mol)/ 
(1.00 mol + 8.00 mol) = 0.111. Mole fractions have no units because the units 
in the numerator and the denominator cancel. The sum of the mole fractions of 
all components of a solution must equal 1. Thus, in the aqueous HC] solution, 


Xio = 1.000 


0.111 = 0.889. Mole fractions are very useful when dealing with gases, 


as we saw in Section 10.5, but have limited use when dealing with liquid solutions. 
Recall from Section 4.5 that the molarity (M) of a solute in a solution is defined as 


moles of solute 
liters of solution 


Molarity = 


[13.8] 
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(a) A solution is made by dissolving 13.5 g of glucose (CgH,20,) in 0.100 kg of water. What is the mass percentage of solute in 
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= Sample Exercise 13.4 
D Calculation of Molality 


to convert grams to moles: 


For example, if you dissolve 0.500 mol of Na2CO; in enough water to form 0.250 L 
of solution, the molarity of Na)CO; in the solution is (0.500 mol)/(0.250 L) = 2.00 M. 
Molarity is especially useful for relating the volume of a solution to the quantity of solute 
contained in that volume, as we saw in our discussions of titrations. 

The molality of a solution, denoted m, is a concentration unit that is also based on 
moles of solute. Molality equals the number of moles of solute per kilogram of solvent: 


Molalit moles of solute 
ý kilograms of solvent 


[13.9] 


Thus, if you form a solution by mixing 0.200 mol of NaOH (8.00 g) and 0.500 kg of water 
(500 g), the concentration of the solution is (0.200 mol)/ (0.500 kg) = 0.400 m (that is, 
0.400 molal) in NaOH. 

The definitions of molarity and molality are similar enough that they can be easily 
confused. 


e Molarity depends on the volume of solution. 
e Molality depends on the mass of solvent. 


When water is the solvent, the molality and molarity of dilute solutions are numeri- 
cally about the same because 1 kg of solvent is nearly the same as 1 kg of solution, and 
1 kg of the solution has a volume of about 1 L. 

The molality of a given solution does not vary with temperature because masses do 
not vary with temperature. The molarity of the solution does change with temperature, 
however, because the volume of the solution expands or contracts with temperature. 
Thus, molality is often the concentration unit of choice when a solution is to be used 
over a range of temperatures. 


A solution is made by dissolving 4.35 g of glucose (CgH;20¢) in 25.0 mL of water at 25°C. Calculate the molality of glucose in 
the solution. Water has a density of 1.00 g/mL. 


SOLUTION 
Analyze We are asked to calculate a solution concentration in Plan We use the molar mass of C6H1206 to convert grams of glucose 
units of molality. To do this, we must determine the number of to moles. We use the density of water to convert milliliters of water 
moles of solute (glucose) and the number of kilograms of solvent to kilograms. The molality equals the number of moles of solute 
(water). (glucose) divided by the number of kilograms of solvent (water). 
Solve 
1 mol C6H 1206 
Use the molar mass of glucose, 180.2 g/mol, Mol C6H1206 = (4.35 gCoHin209)( 180.2 gCcHys0< 0.0241 mol C6H1206 


Because water has a density of 1.00 g/mL, 
the mass of the solvent is: 


Finally, use Equation 13.9 to obtain the 


(25.0 mE) (1.00 g/mL) = 25.0 g = 0.0250 kg 


lality: a oes a 
molality: olality of C6H1206 0.0250 kg H,O .964 m 
» Practice Exercise (a) Itis doubled. 
Suppose you take a solution and add more solvent, so that (b) It is decreased by half. 
the original mass of solvent is doubled. You take this new (c) Itis unchanged. 
solution and add more solute, so that the original mass of the (d) Tt will increase or decrease depending on the molar mass of 
solute is doubled. What happens to the molality of the final the solute. 
solution, compared to the original molality? (e) There is no way to tell without knowing the molar mass of 


the solute. 
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Converting Concentration Units 


If you follow the dimensional analysis techniques you learned in Chapter 1, you can con- 
vert between concentration units, as shown in Sample Exercise 13.5. To convert between 
molality and molarity, the density of the solution will be needed, as in Sample Exercise 13.6. 


a Sample Exercise 13.5 


D Calculation of Mole Fraction and Molality 


An aqueous solution of hydrochloric acid contains 36% HCI by mass. (a) Calculate the mole fraction of HCI in the solution. 
(b) Calculate the molality of HCI in the solution. 


SOLUTION 

Analyze We are asked to calculate the concentration of the solute, solution. Let’s assume that there is exactly 100 g of solution. 
HCL, in two related concentration units, given only the percentage Because the solution is 36% HCl, it contains 36 g of HCl and 
by mass of the solute in the solution. (100 — 36) g = 64g of H20. We must convert grams of solute 


(HCI) to moles to calculate either mole fraction or molality. We 
must convert grams of solvent (H20) to moles to calculate mole 
fractions and to kilograms to calculate molality. 


Plan In converting concentration units based on the mass or 
moles of solute and solvent (mass percentage, mole fraction, 
and molality), it is useful to assume a certain total mass of 


Solve 


(a) To calculate the mole fraction of HCl, we convert Moles HCl = (36 sHcn( 
the masses of HCl and H2O to moles and then 
use Equation 13.7: 


1 mol HCl 
36.5 gHEI 
1 mol H2O 
18 g HzO 


x moles HCl 0.99 0.99 0.22 
HCI molesH,O + molesHCl 3.6 +0.99 4.6 . 


) = 0.99 mol HCl 


Moles H,0 = (64810) ) = 3.6 mol H2O 


(b) To calculate the molality of HCl in the solution, 
we use Equation 13.9. We calculated the number 
of moles of HCl in part (a), and the mass of sol- 


; A 0.99 mol HCl 
vent is 64 g = 0.064 kg: Molality of HCl = 0.064 kg HzO ` 15m 
Notice that we can’t readily calculate the molar- 
ity of the solution because we don’t know the 
volume of the 100 g of solution. 
> Practice Exercise (a) 1.00 x 10° (b)1.80 x 10° (c)1.00 x 107? 
The solubility of oxygen gas in water at 40 °C is 1.0 mmol per liter (d) 1.80 x 107 (e) 5.55 X 107 


of solution. What is this concentration in units of mole fraction? 


SWB Sample Exercise 13.6 (>) 
D Calculation of Molarity Using the Density of the Solution 


A solution with a density of 0.876 g/mL contains 5.0 g of toluene (C7Hg) and 225 g of benzene. Calculate the molarity of the solution. 


SOLUTION 

Analyze Our goal is to calculate the molarity of a solution, given Plan The molarity of a solution is the number of moles of solute 

the masses of solute (5.0 g) and solvent (225 g) and the density of divided by the number of liters of solution (Equation 13.8). The 

the solution (0.876 g/mL). number of moles of solute (C7Hg) is calculated from the number of 
grams of solute and its molar mass. The volume of the solution is ob- 
tained from the mass of the solution (mass of solution = mass of 
solute + mass of solvent = 5.0g + 225g = 230g) and its density. 

Solve 

Th ber of moles of solute i Moles CH; = (5.0 (Freee) = 0.054 1 
e number of moles of solute is: oles C7Hg = (5.0 g G7H¢) 92 g C-H; =0. mo 


Continued 
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The density of the solution is used to con- 
vert the mass of the solution to its volume: 
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Milliliters soln = (230 o( 


1mL 
0.876 g 


) = 263 mL 


Molarity is moles of solute per liter of 
solution: 


Check The magnitude of our answer is reasonable. Round- 
ing moles to 0.05 and liters to 0.25 gives a molarity of 
(0.05 mol)/(0.25 L) = 0.2 M. 


The units for our answer (mol/L) are correct, and the answer, 0.21, 
has two significant figures, corresponding to the number of signif- 


icant figures in the mass of solute (2). 


Comment Because the mass of the solvent (0.225 kg) and the 
volume of the solution (0.263) are similar in magnitude, 


Molarity ( 


moles <a) g= mol czas) ( hats 
liter soln 


) 0.21 M 


263 mLsoin 1Lsoln 


the molarity and molality are also similar in magnitude: 
(0.054 mol C7Hg)/(0.225 kg solvent) = 0.24 m. 


> Practice Exercise 
A solution containing equal masses of glycerol (C3HgO3) and 
water has a density of 1.10 g/mL. Calculate (a) the molality 
of glycerol, (b) the mole fraction of glycerol, (c) the molarity 
of glycerol in the solution. 


Self-Assessment Exercise 


13.17 Commercial concentrated aqueous ammonia is 28% NH, by 


mass and has a density of 0.90 g/mL. What is the molarity of 
this solution? 


(a) 15M 
(b) 16M 
(c) 252M 


Assume 1.00 L of solution. Calculate mass of 1 L of solution using 


density. 


1000mL 0.90 g solution 
IL 


= 9.0 X 10? g solution/L 


1.00 L solution Xx 


1 mL solution 


Calculate mass of NH, using mass %, then mol NH, in 1.00 L. 


900 g solution 1 mol NH3 
1.00 L solution 17.03 g NH3 
= 14.80 = 15 mol NH;/L solution = 15 M NH; 


100 g solution 


Exercises 


13.18 


13.19 


13.20 


13.21 


13.22 


13.23 


(a) What is the mass percentage of iodine in a solution con- 
taining 0.035 mol I; in 125 g of CCl? (b) Seawater contains 
0.0079 g of Sr?* per kilogram of water. What is the concen- 
tration of Sr?* in ppm? 


A solution is made containing 20.8 g of phenol (Cg.H;OH) in 
425 g of ethanol (CH3;CH,OH). Calculate (a) the mole frac- 
tion of phenol, (b) the mass percent of phenol, (c) the molal- 
ity of phenol. 


What is the molarity of each of the following solutions: 
(a) 15.0 g of Al,(SO4)3 in 0.250 mL solution, (b) 5.25 g of 
Mn(NO3)2° 2 H20 in 175 mL of solution, (c) 35.0 mL of 9.00 
MH,SO, diluted to 0.500 L? 


(a) What is the molality of a solution formed by dissolving 
1.12 mol of KCl in 16.0 mol of water? (b) How many grams 
of sulfur (Sg) must be dissolved in 100.0 g of naphthalene 
(CyoHg) to make a 0.12 m solution? 


Ascorbic acid (vitamin C, CsHgO¢) is a water-soluble vi- 
tamin. A solution containing 80.5 g of ascorbic acid dis- 
solved in 210 g of water has a density of 1.22 g/mL at 55°C. 
Calculate (a) the mass percentage, (b) the mole fraction, 
(c) the molality, (d) the molarity of ascorbic acid in this 
solution. 


Calculate the number of moles of solute present in each of 
the following solutions: (a) 255 mL of 1.50 M HNO;(aq), 
(b) 50.0 mg of an aqueous solution that is 1.50 m NaCl, 


13.24 


13.25 


(c) 75.0 g of an aqueous solution that is 1.50% sucrose 
(C12H22011) by mass. 

Caffeine (CgH,)N4Oz2) is a stimulant found in coffee and tea. 
If a solution of caffeine in the solvent chloroform (CHCl) 
has a concentration of 0.0500 m, calculate (a) the percentage 
of caffeine by mass, (b) the mole fraction of caffeine in the 
solution. 


Caffeine 


Breathing air that contains 4.0 % by volume CO, over time 
causes rapid breathing, throbbing headache, and nausea, 
among other symptoms. What is the concentration of CO, in 
such air in terms of (a) mol percentage, (b) molarity, assum- 
ing 101.3 kPa pressure and a body temperature of 37 °C? 
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13.5 | Colligative Properties 
ETEF May 


If you scatter a small amount of icing sugar on a bowl of strawberries, they appear to 
become juicer. The sugar draws juice from inside the cells of the fruit to the outside. This is 
a process called osmosis and is one of four colligative properties that we study next. By the 
end of this section, you should be able to 


e Identify the colligative property operating in a given situation 
e Perform calculations involving colligative properties 


Some physical properties of solutions differ in important ways from those of the pure 
solvent. For example, pure water freezes at 0°C, but aqueous solutions freeze at lower 
temperatures. We apply this behavior when we add ethylene glycol antifreeze to a car’s 
radiator to lower the freezing point of the solution. The added solute also raises the boil- 
ing point of the solution above that of pure water, making it possible to operate the engine 
at a higher temperature. 

Lowering of the freezing point and raising of the boiling point are physical prop- 
erties of solutions that depend on the quantity (concentration) but not on the kind or 
identity of the solute particles. Such properties are called colligative properties. (Colli- 
gative means “depending on the collection”; colligative properties depend on the collec- 
tive effect of the number of solute particles.) 

In addition to freezing-point lowering and boiling-point raising, two other import- 
ant colligative properties are vapor-pressure lowering and osmotic pressure. As we exam- 
ine each one, notice how solute concentration quantitatively affects the property. 


Vapor-Pressure Lowering 


A liquid in a closed container establishes equilibrium with its vapor. The vapor pressure is the 
pressure exerted by the vapor when it is at equilibrium with the liquid (that is, when the rate 
of vaporization equals the rate of condensation). A substance that has no measurable vapor 
pressure is nonvolatile, whereas one that exhibits a vapor pressure is volatile. 

A solution consisting of a volatile liquid solvent and a nonvolatile solute forms spon- 
taneously because of the increase in entropy that accompanies their mixing. In effect, 
the solvent molecules are stabilized in their liquid state by this process and thus have a 
lower tendency to escape into the vapor state. Therefore, when a nonvolatile solute is pres- 
ent, the vapor pressure of the solvent is lower than the vapor pressure of the pure solvent, 
as illustrated in Figure 13.17. 
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> Figure 13.17 Vapor-pressure lowering. The 
presence of nonvolatile solute particles in a 
liquid solvent results in a reduction of the 
vapor pressure above the liquid. 


Sample Exercise 13.7 


Calculation of Vapor Pressure of a Solution 


@ Volatile solvent particles 


@ Nonvolatile solute particles 


Add 
nonvolatile 
solute 


Equilibrium Rate of vaporization Equilibrium reestablished 


reduced by presence with fewer molecules in 
of nonvolatile solute gas phase 


Ideally, the vapor pressure of a volatile solvent above a solution containing a nonvol- 
atile solute is proportional to the solvent’s concentration in the solution. This relation- 
ship is expressed quantitatively by Raoult’s law, which states that the partial pressure 
exerted by solvent vapor above the solution, Polution; equals the product of the mole frac- 
tion of the solvent, X;oivent, times the vapor pressure of the pure solvent, Poivent! 


Polution = XsoiventRotvent [13.10] 


For example, the vapor pressure of pure water at 20°C is På,o = 2.33 kPa. Imagine 
holding the temperature constant while adding glucose (C6H1206) to the water so that 
the mole fractions in the resulting solution are Xy,9 = 0.800 and X¢,H,,0, = 0.200. 
According to Equation 13.10, the vapor pressure of the water above this solution is 
80.0% of that of pure water: 


Botution = (0.800)(2.33 kPa) = 1.87 kPa 


The presence of the nonvolatile solute lowers the vapor pressure of the volatile solvent by 
2.33 kPa — 1.87 kPa = 0.46 kPa. 

The vapor-pressure lowering, AP, is directly proportional to the mole fraction of the 
solute, Xsolute: 


AP = Xootute Psolvent [13.11] 
Thus, for the example of the solution of glucose in water, we have 
AP = Xcan0, Pio = (0.200)(2.33 kPa) = 0.466 kPa 


The vapor-pressure lowering caused by adding a nonvolatile solute depends on the 
total concentration of solute particles, regardless of whether they are molecules or ions. 
Remember that vapor-pressure lowering is a colligative property, so its value for any solu- 
tion depends on the concentration of solute particles and not on their kind or identity. 


Glycerin (C3HgO3) is a nonvolatile nonelectrolyte with a density of 1.26 g/mL at 25°C. Calculate the vapor pressure at 25°C 
of a solution made by adding 50.0 mL of glycerin to 500.0 mL of water. The vapor pressure of pure water at 25°C is 3.17 kPa 
(Appendix B), and its density is 1.00 g/mL. 


SOLUTION 

Analyze Our goal is to calculate the vapor pressure of a solution, Plan We can use Raoult’s law (Equation 13.10) to calculate the 
given the volume of solute and solvent and the density of the vapor pressure of a solution. The mole fraction of the solvent in 
solute. the solution, Xsoivent, is the ratio of the number of moles of solvent 


(H20) to total moles of solution (moles C;3HgO3 + moles H20). 


Solve 


To calculate the mole fraction of water 
in the solution, we must determine the 
number of moles of C3HgO3 and H,0: 
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1.26 1 mol C3H,O 
Moles C3HgO3 = (50.0 mL-C3H4,03)( i o = = e i n) 0.684 mol 
1.00 gH50\ / 1 mol H2O 
Moles H,O = (500.0 mL- Hz0)( i ? le z ) 27.8 mol 
mol H20 27.8 Aare 


Xx, 
1:0 “mol HO + mol C3Hs03 


27.8 + 0.684 


We now use Raoult’s law to calculate the 
Pao = Xu,0 Pho = (0.976)(3.17 kPa) = 3.09 kPa 


vapor pressure of water for the solution: 


Comment The vapor pressure of the solution has been lowered by 
3.17 kPa — 3.09 kPa = 0.08 kPa relative to that of pure water. The 
vapor-pressure lowering can be calculated directly using Equa- 
tion 13.11 together with the mole fraction of the solute, C3;HgO3; 
AP = Xc,n,0,Pi1,0 = (0.024)(3.17 kPa) = 0.076 kPa. Notice that 
the use of Equation 13.11 gives one more significant figure than 
the number obtained by subtracting the vapor pressure of the 
solution from that of the pure solvent. 


> Practice Exercise 
The vapor pressure of pure water at 110°C is 142.7 kPa. A 
solution of ethylene glycol and water has a vapor pressure 
of 1.00 atm at 110°C. Assuming that Raoult’s law is obeyed, 
what is the mole fraction of ethylene glycol in the solution? 


A CLOSER LOOK CERT TOT STU CR) aC Em tes 


Solutions sometimes have two or more volatile components. Petrol, 
for example, is a solution of several volatile liquids. To gain some un- 
derstanding of such mixtures, consider an ideal solution of two vola- 
tile liquids, A and B. (For our purposes here, it does not matter which 
we call the solute and which the solvent.) The partial pressures above 
the solution are given by Raoult’s law: 


Pr = XaPx and P = XpPp 


and the total vapor pressure above the solution is 


Pota = Pa + Py 


KP + XpP2 


A Figure 13.18 The volatile components of organic mixtures can be 
separated on an industrial scale in these distillation towers. 


Consider a mixture of 1.0 mol of benzene (C6H6) and 2.0 mol of 
toluene (C7Hg) (Xpen = 0.33, Xtoı = 0.67). At 20 °C, the vapor pres- 
sures of the pure substances are Phen = 10 kPa and Pi.) = 2.9 kPa. 
Thus, the partial pressures above the solution are 


Pyen = (0.33)(10 kPa) = 3.3 kPa 
Por = (0.67)(2.9 kPa) = 1.9 kPa 
and the total vapor pressure above the liquid is 
Pota = Men + Roi = 3.3 kPa + 1.9 kPa = 5.2 kPa 


Note that the vapor is richer in benzene, the more volatile 
component. 

The mole fraction of benzene in the vapor is given by the 
ratio of its vapor pressure to the total pressure (Equations 10.14 
and 10.15): 


Xben in Vapor = Pen _ 3.3kPa _ 
ben IN Vapor = p 5.2kPa 


Although benzene constitutes only 33% of the molecules in the 
solution, it makes up 63% of the molecules in the vapor. 

When an ideal liquid solution containing two volatile com- 
ponents is in equilibrium with its vapor, the more volatile com- 
ponent will be relatively richer in the vapor. This fact forms the 
basis of distillation, a technique used to separate (or partially sep- 
arate) mixtures containing volatile components. Distillation is 
a way of purifying liquids and is the procedure by which pet- 
rochemical plants achieve the separation of crude petroleum 
into gasoline, diesel fuel, lubricating oil, and other products 
(Figure 13.18). Distillation is also used routinely on a small scale in 
the laboratory. 

Related Exercises: 13.30, 13.82 


An ideal gas is defined as one that obeys the ideal-gas equation, and an ideal 
solution is defined as one that obeys Raoult’s law. Whereas ideality for a gas arises 
from a complete lack of intermolecular interaction, ideality for a solution implies 
total uniformity of interaction. The molecules in an ideal solution all influence one 
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another in the same way—in other words, solute-solute, solvent-solvent, and solute- 
solvent interactions are indistinguishable from one another. Real solutions best approx- 
imate ideal behavior when the solute concentration is low and solute and solvent have 
similar molecular sizes and take part in similar types of intermolecular attractions. 

Many solutions do not obey Raoult’s law exactly and so are not ideal. If, for instance, 
the solvent-solute interactions in a solution are weaker than either the solvent-solvent 
or solute-solute interactions, the vapor pressure tends to be greater than that predicted 
by Raoult’s law. When the solute-solvent interactions in a solution are exceptionally 
strong, as might be the case when hydrogen bonding exists, the vapor pressure is lower 
than that predicted by Raoult’s law. Although you should be aware that these departures 
from ideality occur, we will ignore them for the remainder of this chapter. 


Boiling-Point Elevation 


In Sections 11.5 and 11.6, we examined the vapor pressures of pure substances and how 
to use them to construct phase diagrams. How does the phase diagram of a solution and, 
hence, its boiling and freezing points differ from that of the pure solvent? The addition 
of a nonvolatile solute lowers the vapor pressure of the solution. Thus, in Figure 13.19 the 
vapor-pressure curve of the solution is shifted downward relative to the vapor-pressure 
curve of the pure solvent. 

Recall from Section 11.5 that the normal boiling point of a liquid is the temperature 
at which its vapor pressure equals 101.3 kPa. Because the solution has a lower vapor pres- 
sure than the pure solvent, a higher temperature is required for the solution to achieve a 
vapor pressure of 101.3 kPa. As a result, the boiling point of the solution is higher than that of 
the pure solvent. This effect is seen in Figure 13.19. 

The increase in the boiling point of a solution, relative to the pure solvent, depends 
on the molality of the solute. But it is important to remember that boiling-point eleva- 
tion is proportional to the total concentration of solute particles, regardless of whether 
the particles are molecules or ions. When NaC] dissolves in water, 2 mol of solute parti- 
cles (1 mol of Na* and 1 mol of C17) are formed for each mole of NaCl that dissolves. We 
take this into account by defining i, the van’t Hoff factor, as the number of fragments 
that a solute breaks up into for a particular solvent. The change in boiling point for a 
solution compared to the pure solvent is: 


AT, = 7,(solution) — 7(solvent) = ikym [13.12] 


101.3 kPa 


Pressure 


To find the normal boiling point of the pure solvent, 
locate the point where the 101.3-kPa pressure horizontal 
line intersects the black vapor—pressure curve and then 
track this point down to the temperature axis. 


For the solution, the 101.3-kPa line intersects 
the blue vapor-pressure curve at a higher 


temperature, indicating that the solution 
has a higher boiling point than the pure solvent. 


Liquid 


Vapor pressure of 
pure liquid solvent 


~ Vapor 
pressure 
CEG of solution 


Pure solvent 


boiling point Solution 


boiling point 


Temperature AT, 


A Figure 13.19 Phase diagram illustrating boiling-point elevation. The black lines show the pure 
solvent’s phase equilibria curves, and the blue lines show the solution’s phase equilibria curves. 
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In this equation, 7,(solution) is the boiling point of the solution, T,(solvent) is the 
boiling point of the pure solvent, mis the molality of the solute, Kp is the molal boiling- 
point-elevation constant for the solvent (which is a proportionality constant that is 
experimentally determined for each solvent), and i is the van’t Hoff factor. For a non- 
electrolyte, we can always assume i = 1; for an electrolyte, i will depend on how the sub- 
stance ionizes in that solvent. For instance, i = 2 for NaCl in water, assuming complete 
dissociation of ions. As a result, we expect the boiling-point elevation of a 1 m aqueous 
solution of NaCl to be twice as large as the boiling-point elevation of a 1 m solution of a 
nonelectrolyte such as sucrose. Thus, to properly predict the effect of a particular solute 
on boiling-point elevation (or any other colligative property), it is important to know 
whether the solute is an electrolyte or a nonelectrolyte. 


Freezing-Point Depression 


The vapor-pressure curves for the liquid and solid phases meet at the triple point. In 
Figure 13.20 we see that the triple-point temperature of the solution is lower than the 
triple-point temperature of pure liquid because the solution has a lower vapor pressure 
than the pure liquid. 

The freezing point of a solution is the temperature at which the first crystals of pure 
solvent form in equilibrium with the solution. Recall from Section 11.6 that the line rep- 
resenting the solid-liquid equilibrium rises nearly vertically from the triple point. It is 
easy to see in Figure 13.20 that the triple-point temperature of the solution is lower than 
that of the pure liquid, but it is also true for all points along the solid-liquid equilibrium 
curve: the freezing point of the solution is lower than that of the pure liquid. 

Like the boiling-point elevation, the change in freezing point AT; is directly propor- 
tional to solute molality, taking into account the van’t Hoff factor i: 


AT; = Ñ; (solution) — 7;(solvent) = —iK;m [13.13] 


The proportionality constant K; is the molal freezing-point-depression constant, 
analogous to K, for boiling-point elevation. Note that because the solution freezes at a 
lower temperature than does the pure solvent, the value of AT; is negative. 

Some typical values of K, and K; for several common solvents are given in Table 13.3. 
For water, the table shows K, = 0.51°C/m, which means that the boiling point of any 
aqueous solution that is 1 m in nonvolatile solute particles is 0.51 °C higher than the 
boiling point of pure water. Because solutions generally do not behave ideally, the con- 
stants listed in Table 13.3 serve well only for solutions that are rather dilute. 

For water, K; is 1.86 °C/m. Therefore, any aqueous solution that is 1 m in nonvolatile 
solute particles (such as 1 m C6H1206 or 0.5 m NaCl) freezes at the temperature that is 
1.86 °C lower than the freezing point of pure water. 
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< Figure 13.20 Phase diagram illustrating 
freezing-point depression. The black lines 
show the pure solvent’s phase equilibria 
curves, and the blue lines show the 
solution’s phase equilibria curves. 
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TABLE 13.3 Molal Boiling-Point-Elevation and Freezing-Point-Depression Constants 


Normal Boiling 


Solvent Point (°C) 
Water, H2O 100.0 
Benzene, C6H6 80.1 
Ethanol, C.H;0H 78.4 
Tetrachloromethane, CCl, 76.8 
Trichloromethane, CHCl; 61.2 


Normal Freezing 


K, (°C/m) Point (°C) K; (°C/m) 
0.51 0.0 1.86 
2.53 5.5 5.12 
1.22 -114.6 1.99 
5.02 -22.3 29.8 
3.63 —63.5 4.68 


AA Sample Exercise 13.8 
la Calculation of Boiling-Point Elevation and Freezing-Point Depression 


SOLUTION 


Analyze We are given that a solution contains 25.0% by mass of a 
nonvolatile, nonelectrolyte solute and asked to calculate the boil- 
ing and freezing points of the solution. To do this, we need to cal- 
culate the boiling-point elevation and freezing-point depression. 


Solve 


The molality of the solution is calculated 
as follows: 


Automotive antifreeze contains ethylene glycol, CH2(OH)CH2(OH), a nonvolatile nonelectrolyte, in water. Calculate the boiling 
point and freezing point of a 25.0% by mass solution of ethylene glycol in water. 


Plan To calculate the boiling-point elevation and the freez- 
ing-point depression using Equations 13.12 and 13.13, we must 
express the concentration of the solution as molality. Let’s assume 
for convenience that we have 1000 g of solution. Because the 
solution is 25.0% by mass ethylene glycol, the masses of ethylene 
glycol and water in the solution are 250 and 750 g, respectively. 
Using these quantities, we can calculate the molality of the solu- 
tion, which we use with the molal boiling-point-elevation and 
freezing-point-depression constants (Table 13.3) to calculate A% 
and ATi. We add AT, to the boiling point and AT; to the freezing 
point of the solvent to obtain the boiling point and freezing point 
of the solution. 


Molali = moles C2H602 
Cay = kilograms H2O 


( 


250 se) ( 1mol m ( 1000 g H70 


) 5.37 m 


750 gO 


62.1 ¢C,HgO>/\ 1kg H,O 


We can now use Equations 13.12 and 13.13 
to calculate the changes in the boiling and 
freezing points: 


Hence, the boiling and freezing points of the 
solution are readily calculated: 


Comment Notice that the solution is a liquid over a larger tempera- 
ture range than the pure solvent. 


AT, = iKym = (1)(0.51°C/w1)(5.37 mt) = 2.7°C 
AT; = —iKym = —(1)(1.86 °C/m)(5.37 mt) = —10.0°C 


AT; = 1,(solution) — (solvent) 


2.7 °C = T;(solution) — 100.0°C 
(solution) = 102.7 °C 
AT; = T;(solution) — T; (solvent) 
—10.0°C = 7; (solution) — 0.0°C 
T; (solution) = —10.0°C 


> Practice Exercise 
Which aqueous solution will have the lowest freezing point? 
(a) 0.050 m CaCl, (b)0.15mNaCl (ce) 0.10m HCl 
(d) 0.050 m CHCOOH (e) 0.20 m C12H22011 


SECTION 13.5 Colligative Properties 


The freezing-point depression caused by solutes has useful applications: it is why 
antifreeze works in car cooling systems and why calcium chloride (CaCl) promotes the 
melting of ice on roads during winter. 


Osmosis 


Certain materials, including many membranes in biological systems and synthetic sub- 
stances such as cellophane, are semipermeable. When in contact with a solution, these 
materials allow only ions or small molecules—water molecules, for instance—to pass 
through their network of tiny pores. 

Consider a situation in which only solvent molecules are able to pass through a semi- 
permeable membrane placed between two solutions of different concentrations. The rate 
at which the solvent molecules pass from the less concentrated solution (lower solute con- 
centration but higher solvent concentration) to the more concentrated solution (higher 
solute concentration but lower solvent concentration) is greater than the rate in the oppo- 
site direction. Thus, there is a net movement of solvent molecules from the solution with a 
lower solute concentration into the one with a higher solute concentration. In this process, 
called osmosis, the net movement of solvent is always toward the solution with the lower solvent 
(higher solute) concentration, as if the solutions were driven to attain equal concentrations. 

Figure 13.21 shows the osmosis that occurs between an aqueous solution and pure 
water, separated by a semipermeable membrane. The U-tube contains water on the left 
and an aqueous solution on the right. Initially, there is a net movement of water through 
the membrane from left to right, leading to unequal liquid levels in the two arms of the 
U-tube. Eventually, at equilibrium (middle panel of Figure 13.21), the pressure difference 
resulting from the unequal liquid heights becomes so large that the net flow of water 
ceases. This pressure, which stops osmosis, is the osmotic pressure, IJ, of the solution. 
If an external pressure equal to the osmotic pressure is applied to the solution, the liquid 
levels in the two arms can be equalized, as shown in the right panel of Figure 13.21. 

The osmotic pressure obeys a law similar in form to the ideal gas law, IIV = inRT 
where II is the osmotic pressure, V is the volume of the solution, iis the van’t Hoff factor, 


Initially At equilibrium 


Pure Solution 
solvent 


Solvent Solute 


Semipermeable 
membrane 


Net movement of H20 is At equilibrium, the flow of H20 is the 
from pure water side to same in both directions, so there is 
solution side. no net movement of H20. 


A Figure 13.21 Osmosis is the process of a solvent moving from one compartment to another, across 
a semipermeable membrane, toward higher solute concentration. Osmotic pressure is generated at 
equilibrium due to the different heights of liquid on either side of the membrane and is equivalent 
to the pressure needed to equalize the fluid levels across the membrane. 


W CMTC If the pure water in the left arm of the U-tube is replaced by a solution 
more concentrated than the one in the right arm, what will happen? 


Pressure applied 
to equalize fluid 
levels in both arms 
equals osmotic 
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Red blood cell in isotonic medium 
neither swells nor shrinks. 


nis the number of moles of solute, R is the ideal-gas constant, and T is the absolute tem- 
perature. From this equation, we can write 


= (2 )er = iMRT [13.14] 


where M is the molarity of the solution. Because the osmotic pressure for any solution 
depends on the solution concentration, osmotic pressure is a colligative property. 

If two solutions of identical osmotic pressure are separated by a semipermeable mem- 
brane, no osmosis will occur. The two solutions are isotonic with respect to each other. If one 
solution is of lower osmotic pressure, it is hypotonic with respect to the more concentrated 
solution. The more concentrated solution is hypertonic with respect to the dilute solution. 

Osmosis plays an important role in living systems. The membranes of red blood 
cells, for example, are semipermeable. Placing a red blood cell in a solution that is hyper- 
tonic relative to the intracellular solution (the solution inside the cells) causes water to 
move out of the cell (Figure 13.22). This causes the cell to shrivel, a process called cren- 
ation. Placing the cell in a solution that is hypotonic relative to the intracellular fluid 
causes water to move into the cell, which may cause the cell to rupture, a process called 
hemolysis. People who need body fluids or nutrients replaced but cannot be fed orally 
are given solutions by intravenous (IV) infusion, which feeds nutrients directly into the 
veins. To prevent crenation or hemolysis of red blood cells, the IV solutions must be iso- 
tonic with the intracellular fluids of the blood cells. 

There are many interesting biological examples of osmosis. A cucumber placed in 
concentrated brine loses water via osmosis and shrivels into a pickle. People who eat a 
lot of salty food retain water in tissue cells and intercellular space because of osmosis. 
The resultant swelling or puffiness is called edema. Water moves from soil into plant roots 
partly because of osmosis. Bacteria on salted meat or candied fruit lose water through 
osmosis, shrivel, and die—thus preserving the food. 


Determination of Molar Mass from Colligative Properties 


The colligative properties of solutions provide a useful means of determining the molar 
mass of solutes. Any of the four colligative properties can be used, as shown in Sample 
Exercises 13.10 and 13.11. 


D4 e TE if the fluid surrounding a patient’s red blood cells is depleted in 
electrolytes, is crenation or hemolysis more likely to occur? 


The arrows represent the net movement of water molecules. 


High-solute Low-solute 
concentration concentration 


Low-solute High-solute 


concentration concentration 
Crenation of red blood cell placed Hemolysis of red blood cell placed 
in hypertonic environment in hypotonic environment 


A Figure 13.22 Osmosis through red blood cell walls. If water moves out of the red blood cell, it 
shrivels (crenation); if water moves into the red blood cell, it will swell and may burst (hemolysis). 


= Sample Exercise 13.9 


| Osmotic Pressure Calculations 
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The average osmotic pressure of blood is 780 kPa at 25°C. What molarity of glucose (CgH 120.) will be isotonic with blood? 


SOLUTION 


Analyze We are asked to calculate the concentration of glucose in 
water that would be isotonic with blood, given that the osmotic 
pressure of blood at 25 °C is 780 kPa. 


Plan Because we are given the osmotic pressure and temperature, 
we can solve for the concentration, using Equation 13.14. Because 
glucose is a nonelectrolyte, i = 1. 


Solve 
I = iMRT 
780 kPa 
Wa ( ) 0.31M 
Rr Gs (s 314m Pa) 298K 
(1){ 8. mol K)! ) 


b Sample Exercise 13.10 


Comment In clinical situations, the concentrations of solutions are 
generally expressed as mass percentages. The mass percentage of a 
0.31 M solution of glucose is 5.3%. The concentration of NaCl that 
is isotonic with blood is 0.16 M, because i = 2 for NaCl in water 

(a 0.155 M solution of NaCl is 0.310 M in particles). A 0.16 M solu- 
tion of NaCl is 0.9% mass in NaCl. This kind of solution is known 
as a physiological saline solution. 


> Practice Exercise 
Which of the following actions will raise the osmotic pres- 
sure of a solution? (a) decreasing the solute concentration 
(b) decreasing the temperature (c) adding more solvent 
(d) increasing the temperature (e) none of these 


PF Molar Mass from Freezing-Point Depression or Boiling-Point Elevation 


A solution of an unknown nonvolatile nonelectrolyte was prepared by dissolving 0.250 g of the substance in 40.0 g of CCl4. The 
boiling point of the resulting solution was 0.357 °C higher than that of the pure solvent. Calculate the molar mass of the solute. 


SOLUTION 


Analyze Our goal is to calculate the molar mass of a solute based 
on knowledge of the boiling-point elevation of its solution in 
CCl, AT, = 0.357 °C, and the masses of solute and solvent. Table 
13.3 gives K, for the solvent (CCl4), Kp = 5.02 °C/m. 


Plan We can use Equation 13.12, AT, = iK,m, to calculate the mo- 
lality of the solution. Because the solute is a nonelectrolyte, i = 1. 
Then we can use molality and the quantity of solvent (40.0 g CCl,) 
to calculate the number of moles of solute. Finally, the molar mass 
of the solute equals the number of grams per mole, so we divide 
the number of grams of solute (0.250 g) by the number of moles 
we have just calculated. 


Solve 
AT, 0.357 ° 
From Equation 13.12, we have: Molality Ke ( mo Cm 0.0711 m 
Thus, the solution contains 0.0711 mol of solute per kilogram 
of solvent. The solution was prepared using 40.0 g = 0.0400 kg 
of solvent (CCl,). The number of moles of solute in the solu- molsolite 
tion is therefore: (0.0400 kg cer)(0.071 1 moist | = 2.84 x 10™° mol solute 
kg ch 
The molar mass of the solute is the number of grams per mole 0.2508 
of the substance: Molar mass 88.0 g/mol 


> Practice Exercise 
A mysterious white powder could be powdered sugar 
(Cy2H220),), cocaine (Cy7H2;NO 4), codeine (C;gH2;NO3), 
norfenefrine (CgH,;NOz), or fructose (C6H1206). 
When 80 mg of the powder is dissolved in 1.50 mL 


2.84 x 10°? mol 


of ethanol (d = 0.789 g/cm?, normal freezing point 
—114.6°C, K; = 1.99°C/m), the freezing point is lowered 
to —115.5 °C. What is the identity of the white powder? 

(a) powdered sugar (b) cocaine (c) codeine (d) norfenefrine 
(e) fructose 
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WA Sample Exercise 13.11 


D Molar Mass from Osmotic Pressure 


SOLUTION 


Analyze Our goal is to calculate the molar mass of a high- 
molecular-mass protein, based on the osmotic pressure and a 
knowledge of the mass of protein and solution volume. Since the 
protein will be considered as a nonelectrolyte, i = 1. 


Plan The temperature (T = 25°C) and osmotic pressure 
(II = 205 Pa) are given, and we know the value of R so we can 


Solve 


Solving Equation 13.14 for molarity gives: 


The osmotic pressure of an aqueous solution of a certain protein was measured to determine the protein’s molar mass. The 
solution contained 3.50 mg of protein dissolved in sufficient water to form 5.00 mL of solution. The osmotic pressure of the 
solution at 25°C was found to be 205 Pa. Treating the protein as a nonelectrolyte, calculate its molar mass. 


use Equation 13.14 to calculate the molarity of the solution, M. 
In doing so, we must convert temperature from °C to K. We then 
use the molarity and the volume of the solution (5.00 mL) to 
determine the number of moles of solute. Finally, we obtain the 
molar mass by dividing the mass of the solute (3.50 mg) by the 
number of moles of solute. 


5 mol 


Molarity 8.28 x 107 


Jess K) 


Because the volume of the solution is 5.00 mL = 5.00 x 10°L, 
the number of moles of protein must be: 


Moles = (8.28 x 107° mol/L)(5.00 x 10° K) = 4.14 x 1077 mol 


The molar mass is the number of grams per mole of the 
substance. Because we know the sample has a mass of 

3.50 mg = 3.50 x 107%, we can calculate the molar mass by 
dividing the number of grams in the sample by the number of 
moles we just calculated: 


Comment Because small pressures can be measured easily and ac- 
curately, osmotic pressure measurements provide a useful way to 
determine the molar masses of large molecules. 


3.50 x 103g 
4.14 x 1077 mol 


grams 


Molar mass 8.45 x 10° g/mol 


moles 


> Practice Exercise 
A sample of 2.05 g of polystyrene of uniform polymer chain 
length was dissolved in enough toluene to form 0.100 L of solu- 
tion. The osmotic pressure of this solution was found to be 1.21 
kPa at 25 °C. Calculate the molar mass of the polystyrene. 


A CLOSER LOOK §UGCWEIM@ iam f 


The colligative properties of solutions depend on the total concen- 
tration of solute particles, regardless of whether the particles are ions 
or molecules. Thus, we expect a 0.100 m solution of NaCl to have a 
freezing-point depression of (2)(0.100 m)(1.86°C/m) = 0.372°C 
because it is 0.100 m in Na*(aq) and 0.100 m in CI (aq). The mea- 
sured freezing-point depression is only 0.348 °C, however, and the 
situation is similar for other strong electrolytes. A 0.100 m solution of 
KCl, for example, freezes at —0.344 °C. 

The difference between expected and observed colligative prop- 
erties for strong electrolytes is due to electrostatic attractions between 
ions. As the ions move about in solution, ions of opposite charge col- 
lide and “stick together” for brief moments. While they are together, 
they behave as a single particle called an ion pair (Figure 13.23). 
The number of independent particles is thereby reduced, causing a 


reduction in the freezing-point depression (as well as in boiling-point 
elevation, vapor-pressure reduction, and osmotic pressure). 

We have been assuming that the van’t Hoff factor, i, is equal to 
the number of ions per formula unit of the electrolyte. The true (mea- 
sured) value of this factor, however, is given by the ratio of the mea- 
sured value of a colligative property to the value calculated when the 
substance is assumed to be a nonelectrolyte. Using the freezing-point 
depression, for example, we have 


AT; (measured) 


13.1 
AT; (calculated for nonelectrolyte) [13:15] 


The limiting value of i can be determined for a salt from the num- 
ber of ions per formula unit. For NaCl, for example, the limiting van’t 
Hoff factor is 2 because NaCl consists of one Na“ and one CI per formula 


Continued 
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TABLE 13.4 Measured and Expected van’t Hoff 
Factors for Several Substances at 25 °G 


Concentration 


Compound 0.100 m 0.0100 m 0.00100 m Expected Value 
Sucrose 1.00 1.00 1.00 1.00 
NaCl 1.87 1.94 1.97 2.00 
K2SO4 232 270 2.84 3.00 
MgSO, 1:21 1:53 1.82 2.00 


unit; for K,SO, itis 3 because K,SO, consists of two K* and one SO ¿~ per 
formula unit. In the absence of any information about the actual value 
of i for a solution, we will use the limiting value in calculations. 

Two trends are evident in Table 13.4, which gives measured 
van’t Hoff factors for several substances at different dilutions. First, 
dilution affects the value of i for electrolytes; the more dilute the 
solution, the more closely i approaches the expected value based on 
the number of ions in the formula unit. Thus, we conclude that the 
extent of ion pairing in electrolyte solutions decreases upon dilu- 
tion. Second, the lower the charges on the ions, the less i departs 
from the expected value because the extent of ion pairing decreases 
as the ionic charges decrease. Both trends are consistent with sim- 
ple electrostatics: The force of interaction between charged particles 
decreases as their separation increases and as their charges decrease. 


One ion pair 


A Figure 13.23 lon pairing and colligative properties. A solution of NaCl 
contains not only separated Na‘(aq) and CI (aq) ions but ion pairs as well. 


Related Exercises: 13.35, 13.93, 13.108, 13.110 


Self-Assessment Exercises 


13.26 A desalination plant is able to produce pure water from 
saltwater by a process called reverse osmosis. Which state- 
ment is true? 


(a) Water freely moves through a semi-permeable mem- 
brane from the saltwater to the freshwater side. 


(b) A pressure in excess of the osmotic pressure of the solu- 
tion is placed on the saltwater side of the semi-perme- 
able membrane to drive water through to the freshwater 
side of the membrane. 


(c) The semi-permeable membrane allows ions but not 
water molecules to pass through. 


13.27 Is the osmotic pressure of a 0.15 M solution of NaNO, 
greater than, less than, or equal to that of a 0.10 M solution 
of Ca(NO,),? 

(a) Osmotic pressure of 0.15 M NaNO, > Osmotic pressure 
of 0.10 M Ca(NO,), 


(b) Osmotic pressure of 0.15 M NaNO, < Osmotic pressure 
of 0.10 M Ca(NO,), 


(c) Osmotic pressure of 0.15 M NaNO, = Osmotic pressure 
of 0.10 M Ca(NO,),, 


o ————_—___—____—____—__ 


Exercises 


13.28 You make a solution of a nonvolatile solute with a liquid 
solvent. Indicate if each of the following statements is true 
or false. (a) The freezing point of the solution is unchanged 
by addition of the solvent. (b) The solid that forms as the 
solution freezes is nearly pure solute. (c) The freezing point 
of the solution is independent of the concentration of the 
solute. (d) The boiling point of the solution increases in 
proportion to the concentration of the solute. (e) At any 
temperature, the vapor pressure of the solvent over the solu- 
tion is lower than what it would be for the pure solvent. 


13.29 (a) Calculate the vapor pressure of water above a solu- 
tion prepared by dissolving 28.5 g of glycerin (C3HgO3) 
in 125 g of water at 343 K. (The vapor pressure of water is 
given in Appendix B.) (b) Calculate the mass of ethylene 
glycol (C2H602) that must be added to 1.00 kg of ethanol 


(C2HsOH) to reduce its vapor pressure by 1.33 kPa at 35 °C. 
The vapor pressure of pure ethanol at 35 °C is 13.3 kPa. 


13.30 At 63.5 °C, the vapor pressure of H20 is 23.3 kPa, and that of 
ethanol (C2H;OH) is 53.3 kPa. A solution is made by mix- 
ing equal masses of H2O and C2H;5OH. (a) What is the mole 
fraction of ethanol in the solution? (b) Assuming ideal- 
solution behavior, what is the vapor pressure of the solution 
at 63.5 °C? (c) What is the mole fraction of ethanol in the 
vapor above the solution? 


13.31 List the following aqueous solutions in order of decreasing 
freezing point: 0.040 M glycerin (C3HgO3), 0.020 M KBr, 
0.030 M phenol (CgH;OH). 

13.32 Using data from Table 13.3, calculate the freezing and boil- 
ing points of each of the following solutions: (a) 0.25 m 
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glucose in ethanol; (b) 20.0 g of decane, Cj 9H22, in 50.0 g 13.34 Lysozyme is an enzyme that breaks bacterial cell walls. A 
CHCl; (c) 3.50 g NaOH in 175 g of water, (d) 0.45 mol eth- solution containing 0.150 g of this enzyme in 210 mL of 
ylene glycol and 0.15 mol KBr in 150 g H,O. solution has an osmotic pressure of 0.127 kPa at 25 °C. What 
The Baltic Sea has a salinity of 1.0%, that is, its water con- is the molar mass of lysozyme? 

tains 10 g of salt for every liter of solution. Assuming that 13.35 Based on the data given in Table 13.4, which solution would 
the solute consists entirely of NaCl (in fact, over 90% of the give the larger freezing-point lowering, a 0.030 m solution 
salt is indeed NaCl), calculate the osmotic pressure of this of NaCl or a 0.020 m solution of K,SO,4? 


seawater at 15 °C. 


(0) szer (q) 9Z'EL 
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13.6 | Colloids 
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The beautiful play of colors of the precious opal result from amorphous particles of 
hydrated silica that are of a similar size to the wavelength of visible light and act as a dif- 
fraction grating splitting white light into its spectral colors. 

By the end of this section, you should be able to 


e Articulate some of the characteristics of a colloid 


Some substances appear to initially dissolve in a solvent, but over time, the substance 
separates from the pure solvent. For example, finely divided clay particles dispersed in 
water eventually settle out because of gravity. Gravity affects the clay particles because 
they are much larger than most molecules, consisting of thousands or even millions of 
atoms. In contrast, the dispersed particles in a true solution (ions in a salt solution or glu- 
cose molecules in a sugar solution) are small. Between these extremes lie dispersed par- 
ticles that are larger than typical molecules but not so large that the components of the 
mixture separate under the influence of gravity. These intermediate types of dispersions 
are called either colloidal dispersions or simply colloids. Colloids form the dividing 
line between solutions and heterogeneous mixtures. Like solutions, colloids can be gases, 
liquids, or solids. Examples of each are listed in Table 13.5. 

Particle size can be used to classify a mixture as colloid or solution. Colloid particles 
range in diameter from 5 to 1000 nm; solute particles are smaller than 5 nm in diame- 
ter. The nanomaterials we saw in Chapter 12, when dispersed in a liquid, are colloids. 
A colloid particle may even consist of a single giant molecule. The hemoglobin mole- 
cule, for example, which carries oxygen in your blood, has molecular dimensions of 
6.5 X 5.5 X 5.0 nm anda molar mass of 64,500 g/mol. 


TABLE 13.5 Types of Colloids 
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Dispersing (solvent-like) Dispersed (solute-like) 
Phase of Colloid Substance Substance Colloid Type Example 
Gas Gas Gas — None (all are solutions) 
Gas Gas Liquid Aerosol Fog 
Gas Gas Solid Aerosol Smoke 
Liquid Liquid Gas Foam Whipped cream 
Liquid Liquid Liquid Emulsion Milk 
Liquid Liquid Solid Sol Paint 
Solid Solid Gas Solid foam Marshmallow 
Solid Solid Liquid Solid emulsion Butter 
Solid Solid Solid Solid sol Ruby glass 


Although colloid particles may be so small that the dispersion appears uniform even 
under a microscope, they are large enough to scatter light. Consequently, most colloids 
appear cloudy or opaque unless they are very dilute. (For example, homogenized milk is a 
colloid of fat and protein molecules dispersed in water.) Furthermore, because they scatter 
light, a light beam can be seen as it passes through a colloidal dispersion (Figure 13.24). 
This scattering of light by colloidal particles, known as the Tyndall effect, makes it pos- 
sible to see the light beam of an automobile on a dusty dirt road, or the sunlight streaming 
through trees or clouds. Not all wavelengths are scattered to the same extent. Colors at 
the blue end of the visible spectrum are scattered more than those at the red end by the 
molecules and small dust particles in the atmosphere. As a result, our sky appears blue. At 
sunset, light from the sun travels through more of the atmosphere; blue light is scattered 
even more, allowing the reds and yellows to pass through and be seen. 


Hydrophilic and Hydrophobic Colloids 


The most important colloids are those in which the dispersing medium is water. These 
colloids may be hydrophilic (“water loving”) or hydrophobic (“water fearing”). 
Hydrophilic colloids are most like the solutions that we have previously examined. In 
the human body, the extremely large protein molecules such as enzymes and antibodies 
are kept in suspension by interaction with surrounding water molecules. A hydrophilic 
molecule folds in such a way that its hydrophobic groups are away from the water mol- 
ecules, on the inside of the folded molecule, while its hydrophilic, polar groups are on 


< Figure 13.24 Tyndall effect in the 
laboratory. The glass on the right contains a 
colloidal dispersion; that on the left contains 
a solution. 
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YW Go Figure 


What is the chemical composition of the 
groups that carry a negative charge? 


Hydrophilic polar and charged groups on 
a molecule’s surface help the molecule remain 
dispersed in water and other polar solvents. 


A Figure 13.25 Hydrophilic colloidal particle. 
Examples of the hydrophilic groups that help 
to keep a giant molecule (macromolecule) 
suspended in water. 


the surface, interacting with the water molecules. The hydrophilic groups generally 
contain oxygen or nitrogen and often carry a charge (Figure 13.25). 

Hydrophobic colloids can be dispersed in water only if they are stabilized in 
some way. Otherwise, their natural lack of affinity for water causes them to separate 
from the water. One method of stabilization involves adsorbing ions on the surface 
of the hydrophobic particles (Figure 13.26). (Adsorption means to adhere to a surface. 
It differs from absorption, which means to pass into the interior, as when a sponge 
absorbs water.) The adsorbed ions can interact with water, thereby stabilizing the 
colloid. At the same time, the electrostatic repulsion between adsorbed ions on 
neighboring colloid particles keeps the particles from sticking together rather than 
dispersing in the water. 

Hydrophobic colloids can also be stabilized by hydrophilic groups on their sur- 
faces. Oil drops are hydrophobic, for example, and they do not remain suspended in 
water. Instead, they aggregate, forming an oil slick on the water surface. Sodium stea- 
rate (Figure 13.27), or any similar substance having one end that is hydrophilic (either 
polar or charged) and one end that is hydrophobic (nonpolar), will stabilize a suspen- 
sion of oil in water. Stabilization results from the interaction of the hydrophobic ends 
of the stearate ions with the oil drops and the hydrophilic ends with the water. 


Like charges keep particles from 
colliding and growing large enough to 
settle out of solution. 


O 


Adsorbed anions 
can interact 
with water 


Cations in 
solution 


O © Ọ 


Water 


A Figure 13.26 Hydrophobic colloids stabilized in water by adsorbed anions. 


Which kind of intermolecular force attracts the stearate ion to 
the oil drop? 


Stearate = 


Hydrophilic 
end 


Hydrophobic 
end 


Water 


o 
ak 


A Figure 13.27 Stabilization of an emulsion of oil in water by stearate ions. 


CHEMISTRY AND LIFE RIAA eo Tale) 


SECTION 13.6 Colloids 


Our blood contains the complex protein hemoglobin, which car- 
ries oxygen from the lungs to other parts of the body. In the genetic 
disease sickle-cell anemia, hemoglobin molecules are abnormal and 
have a lower solubility in water, especially in their unoxygenated 
form. Consequently, as much as 85% of the hemoglobin in red blood 
cells crystallizes out of solution. 

The cause of the insolubility is a structural change in one part 
of an amino acid. Normal hemoglobin molecules contain an amino 
acid that has a —CH,CH,COOH group: 


This change leads to the aggregation of the defective form of he- 
moglobin into particles too large to remain suspended in biological 
fluids. It also causes the cells to distort into the sickle shape shown in 
Figure 13.28. The sickled cells tend to clog capillaries, causing severe 
pain, weakness, and the gradual deterioration of vital organs. The dis- 
ease is hereditary, and if both parents carry the defective genes, it is 
likely that their children will possess only abnormal hemoglobin. 

You might wonder how it is that a life-threatening disease such 
as sickle-cell anemia has persisted in humans through evolutionary 
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time. The answer in part is that people with the gene are far less sus- 
ceptible to malaria. Thus, in tropical climates rife with malaria, those 
with sickle-cell genes have lower incidence of this debilitating disease. 


O 


| 
—CH,—CH,—C—OH 


Normal Normal 


The polarity of the — COOH group contributes to the solubility 
of the hemoglobin molecule in water. In the hemoglobin molecules 
of sickle-cell anemia patients, the —CH,CH COOH chain is absent 
and in its place is the nonpolar (hydrophobic) —CH(CH3)2 group: 


GEOR 
CH3 A Figure 13.28 A scanning electron micrograph of normal (round) and 
sickle (crescent-shaped) red blood cells. Normal red blood cells are 
Abnormal Abnormal 


about 6 x 107° mm in diameter. 


Colloid stabilization has an interesting application in the human digestive sys- 
tem. When fats in our diet reach the small intestine, a hormone causes the gallblad- 
der to excrete a fluid called bile. Among the components of bile are compounds that 
have chemical structures similar to sodium stearate; that is, they have a hydrophilic 
(polar) end and a hydrophobic (nonpolar) end. These compounds emulsify the fats in 
the intestine and thus permit digestion and absorption of fat-soluble vitamins through 
the intestinal wall. The term emulsify means “to form an emulsion,” a suspension of one 
liquid in another, with milk being one example (Table 13.5). A substance that aids in the 
formation of an emulsion is called an emulsifying agent. If you read the labels on foods 
and other materials, you will find that a variety of chemicals are used as emulsifying 
agents. These chemicals typically have a hydrophilic end and a hydrophobic end. 


Colloidal Motion in Liquids 


We learned in Chapter 10 that gas molecules move at some average speed that depends 
inversely on their molar mass, in a straight line, until they collide with something. The 
mean free path is the average distance molecules travel between collisions. Recall also that 
the kinetic-molecular theory of gases assumes that gas molecules are in continuous, ran- 
dom motion. 

Colloidal particles in a solution undergo random motion as a result of collisions 
with solvent molecules. Because the colloidal particles are massive in comparison with 
solvent molecules, their movements from any one collision are very tiny. However, 
there are many such collisions, and they cause a random motion of the entire colloidal 
particle, called Brownian motion. In 1905, Einstein developed an equation for the 
average square of the displacement of a colloidal particle, a historically very important 
development. As you might expect, the larger the colloidal particle, the shorter its mean 
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free path in a given liquid (Table 13.6). Today, the understanding of Brownian motion is 
applied to diverse problems in everything from cheese-making to medical imaging. 


TABLE 13.6 Calculated Mean Free Path, after One Hour, 
for Uncharged Colloidal Spheres in Water at 20 °C 


Radius of sphere, nm Mean Free Path, mm 
1 i23 

10 0.390 

100 0.123 

1000 0.039 


Self-Assessment Exercise 


13.36 Potassium ions are transported into the cell through a pro- (a) Hydrophilic groups 
tein channel in the cell membrane. Which type of groups 


(b) Hydrophobic groups 
would be facing the ions to help the ion transport? er aoe 


Exercises 

13.37 Choose the best answer: A colloidal dispersion of one liquid (a) Which part of sodium stearate, head or tail, is more likely 
in another is called (a) a gel, (b) an emulsion, (c) a foam, to be solvated by water? 
(d) an aerosol. (b) Grease is a complex mixture of (mostly) hydrophobic 

13.38 Aerosols are important components of the atmosphere. compounds. Which part of sodium stearate, head or tail, 
Does the presence of aerosols in the atmosphere increase or is most likely to bind to grease? 
decrease the amount of sunlight that arrives at the Earth’s (c) Ifyou have large deposits of grease that you want to wash 
surface, compared to an “aerosol-free” atmosphere? Explain away with water, you can see that adding sodium stea- 
your reasoning. 


rate will help you produce an emulsion. What intermo- 
13.39 Soaps consist of compounds such as sodium stearate, CH3 lecular interactions are responsible for this? 
(CH);6COO Na‘, that have both hydrophobic and hydro- 
philic parts. Consider the hydrocarbon part of sodium stea- 
rate to be the “tail” and the charged part to be the “head.” 
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= Sample Integrative Exercise 


2 Putting Concepts Together 


A 0.100 L solution is made by dissolving 0.441 g of CaClo(s) in water. (a) Calculate the osmotic pressure of this solution at 
27°C, assuming that it is completely dissociated into its component ions. (b) The measured osmotic pressure of this solution is 
259.4 kPa at 27 °C. Explain why it is less than the value calculated in (a), and calculate the van’t Hoff factor, /, for the solute in 
this solution. (c) The enthalpy of solution for CaCl is AH = —81.3 kJ/mol. If the final temperature of the solution is 27 °C, what 
was its initial temperature? (Assume that the density of the solution is 1.00 g/mL, that its specific heat is 4.18 J/g K, and that 
the solution loses no heat to its surroundings.) 


SOLUTION 


(a) The osmotic pressure is given by Equation 13.14, 
Il = iMRT. We know the temperature, 
T = 27°C = 300K, and the gas constant, f 0.441 g Ca€h \ / 1 mol CaCl, 
R = 8.314 m? Pa/mol K. We can calculate the molarity of Molarity ( 0.100 L ( 110 È) 
the solution from the mass of CaCl, and the volume of 
the solution: = 0.0397 mol CaCl,/L 


Soluble ionic compounds are strong electrolytes. Thus, 
CaCl, consists of metal cations (Ca**) and nonmetal 
anions (Cl). When completely dissociated, each CaCl, 
unit forms three ions (one Ca?* and two Cl’). Hence, the 
calculated osmotic pressure is: 


(b) The actual values of colligative properties of electrolytes 
are less than those calculated because the electrostatic 
interactions between ions limit their independent move- 
ments. In this case, the van’t Hoff factor, which measures 
the extent to which electrolytes actually dissociate into 


ions, is given by: 
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iMRT = (3)(0.0397 mot/L)(8.314 m? Pa/mol K)(300 K) 
297 kPa 


Il(measured) 


II(calculated for nonelectrolyte) 


259.4 kPa 


Thus, the solution behaves as if the CaCl, has dissociated 2.62 
into 2.62 particles instead of the ideal 3. (0.0397 mol/L) (8.314 m? Pa/mol K)(300 K) 
(c) Ifthe solution is 0.0397 Min CaCl, and has a total volume 
of 0.100 L, the number of moles of solute is: (0.100 K) (0.0397 mol/L) = 0.00397 mol 
Hence, the quantity of heat generated in forming the 
solution is: (0.00397 mol)(—81.3 kJ/mol) = —0.323 kJ 
The solution absorbs this heat, causing its temperature to 
increase. The relationship between temperature change 
and heat is given by Equation 5.22: q = (specific heat)(grams)(AT) 
The heat absorbed by the solution is AT q 
q = +0.323 kJ = 323J. The mass of the 0.100 L of solu- (specific heat of solution) (grams of solution) 
tion is (100 mL)(1.00 g/mL) = 100 g (to three significant 
figures). Thus, the temperature change is: 323 J 0.773K 


A kelvin has the same size as a degree Celsius. Because the 
solution temperature increases by 0.773 °C, the initial tem- 
perature was: 


(4.18 J/g K)(100 8) 


27.0°C — 0.773 °C = 26.2°C 


S.-  VO eee 


Chapter Summary and Key Terms 


THE SOLUTION PROCESS (SECTION 13.1) Solutions form when 
one substance disperses uniformly throughout another. The attractive 
interaction of solvent molecules with solute is called solvation. When 
the solvent is water, the interaction is called hydration. The dissolution 
of ionic substances in water is promoted by hydration of the separated 
ions by the polar water molecules. The overall enthalpy change upon 
solution formation may be either positive or negative. Solution for- 
mation is favored both by a positive entropy change, corresponding 
to an increased dispersal of the components of the solution, and by a 
negative enthalpy change, indicating an exothermic process. 


SATURATED SOLUTIONS AND SOLUBILITY (SECTION 13.2) The 
equilibrium between a saturated solution and undissolved solute 
is dynamic; the process of solution and the reverse process, crys- 
tallization, occur simultaneously. In a solution in equilibrium with 
undissolved solute, the two processes occur at equal rates, giving 
a saturated solution. If there is less solute present than is needed to 
saturate the solution, the solution is unsaturated. When solute con- 
centration is greater than the equilibrium concentration value, the 
solution is supersaturated. This is an unstable condition, and sepa- 
ration of some solute from the solution will occur if the process is 
initiated with a solute seed crystal. The amount of solute needed 
to form a saturated solution at any particular temperature is the 
solubility of that solute at that temperature. 


FACTORS AFFECTING SOLUBILITY (SECTION 13.3) The solubility 
of one substance in another depends on the tendency of systems to 
become more random, by becoming more dispersed in space, and 
on the relative intermolecular solute-solute and solvent-solvent 


energies compared with solute-solvent interactions. Polar and ionic 
solutes tend to dissolve in polar solvents, and nonpolar solutes tend 
to dissolve in nonpolar solvents (“like dissolves like”). Liquids that 
mix in all proportions are miscible; those that do not dissolve signifi- 
cantly in one another are immiscible. Hydrogen-bonding interactions 
between solute and solvent often play an important role in deter- 
mining solubility; for example, ethanol and water, whose molecules 
form hydrogen bonds with each other, are miscible. The solubilities 
of gases in a liquid are generally proportional to the pressure of the 
gas over the solution, as expressed by Henry’s law: Sg = kP,. The sol- 
ubilities of most solid solutes in water increase as the temperature of 
the solution increases. In contrast, the solubilities of gases in water 
generally decrease with increasing temperature. 


EXPRESSING SOLUTION CONCENTRATIONS (SECTION 13.4) 
Concentrations of solutions can be expressed quantitatively by sev- 
eral different measures, including mass percentage [(mass solute/mass 
solution) X 100] parts per million (ppm), parts per billion (ppb), and 
mole fraction. Molarity, M, is defined as moles of solute per liter of 
solution; molality, m, is defined as moles of solute per kilogram of sol- 
vent. Molarity can be converted to these other concentration units if 
the density of the solution is known. 


COLLIGATIVE PROPERTIES (SECTION 13.5) A physical property 
of a solution that depends on the concentration of solute particles 
present, regardless of the nature of the solute, is a colligative property. 
Colligative properties include vapor-pressure lowering, freezing- 
point lowering, boiling-point elevation, and osmotic pressure. 
Raoult’s law expresses the lowering of vapor pressure. An ideal solution 
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obeys Raoult’s law. Differences in solvent-solute as compared with 
solvent-solvent and solute-solute intermolecular forces cause many 
solutions to depart from ideal behavior. 

A solution containing a nonvolatile solute possesses a higher 
boiling point than the pure solvent. The molal boiling-point-elevation 
constant, K,, represents the increase in boiling point fora 1 m solution 
of solute particles as compared with the pure solvent. Similarly, the 
molal freezing-point-depression constant, K;, measures the lowering of 
the freezing point of a solution for a 1 m solution of solute particles. 
The temperature changes are given by the equations AJ, = iK,m and 
AT; = —iKgm where i is the van’t Hoff factor, which represents how 
many particles the solute breaks up into in the solvent. When NaCl 
dissolves in water, two moles of solute particles are formed for each 
mole of dissolved salt. The boiling point or freezing point is thus ele- 
vated or depressed, respectively, approximately twice as much as that 
of a nonelectrolyte solution of the same concentration. Similar con- 
siderations apply to other strong electrolytes. 

Osmosis is the movement of solvent molecules through a 
semipermeable membrane from a less concentrated to a more con- 
centrated solution. This net movement of solvent generates an 
osmotic pressure, II, which can be measured in units of gas pressure, 


such as atm. The osmotic pressure of a solution is proportional to the 
solution molarity: II = iMRT. Osmosis is a very important process in 
living systems, in which cell walls act as semipermeable membranes, 
permitting the passage of water but restricting the passage of ionic 
and macromolecular components. 


COLLOIDS (SECTION 13.6) Particles that are large on the molecular 
scale but still small enough to remain suspended indefinitely in a sol- 
vent system form colloids, or colloidal dispersions. Colloids, which are 
intermediate between solutions and heterogeneous mixtures, have 
many practical applications. One useful physical property of colloids, 
the scattering of visible light, is referred to as the Tyndall effect. Aque- 
ous colloids are classified as hydrophilic or hydrophobic. Hydrophilic 
colloids are common in living organisms, in which large molecular 
aggregates (enzymes, antibodies) remain suspended because they 
have many polar, or charged, atomic groups on their surfaces that 
interact with water. Hydrophobic colloids, such as small droplets of 
oil, may remain in suspension through adsorption of charged parti- 
cles on their surfaces. 

Colloids undergo Brownian motion in liquids, analogous to the 
random three-dimensional motion of gas molecules. 


Learning Outcomes after studying this chapter, you should be able to: 


° Describe how enthalpy and entropy changes affect solution for- 
mation. (Section 13.1) Related Exercises: 13.6, 13.40, 13.56 


e Describe the relationship between intermolecular forces and 
solubility, including use of the “like dissolves like” rule. (Sec- 
tions 13.1 and 13.3) Related Exercises: 13.3, 13.53 


e Describe the role of equilibrium in the solution process and its 
relationship to the solubility of a solute. (Section 13.2) 
Related Exercises: 13.8, 13.57 


e Describe the effect of temperature on the solubility of solids and 
gases in liquids. (Section 13.3) Related Exercises: 13.16, 13.63 


e Describe the relationship between the partial pressure of a gas 
and its solubility. (Section 13.3) Related Exercises: 13.16 


e Calculate the concentration of a solution in terms of molarity, 
molality, mole fraction, percent composition, and parts per mil- 
lion and be able to interconvert between them. (Section 13.4) 
Related Exercises: 13.22, 13.69 


e Describe what a colligative property is and explain the van’t 
Hoff factor. (Section 13.5) 
Related Exercises: 13.28, 13.78, 13.83, 13.84 


e Calculate the vapor pressure of a solvent over a solution. (Sec- 
tion 13.5) Related Exercises: 13.79, 13.81 


e Calculate the boiling-point elevation and freezing-point depres- 
sion of a solution. (Section 13.5) Related Exercises: 13.32, 13.86 


e Calculate the osmotic pressure of a solution. (Section 13.5) 
Related Exercises: 13.33, 13.89 


e Use colligative properties of solutions to calculate molar masses 
of solutes. (Section 13.5) Related Exercises: 13.34, 13.90 


e Explain the difference between a solution and a colloid. (Sec- 
tion 13.6) Related Exercises: 13.37, 13.94 


e Explain how hydrophilic and hydrophobic colloids can be stabi- 
lized in water. (Section 13.6) Related Exercises: 13.39, 13.95 


as 


Key Equations 


e Sg = kP, 


mass of component in soln 
e Mass % of component x 100 
total mass of soln 


mass of component in soln 


° ppm of component 10° 


total mass of soln 
moles of component 


e Mole fraction of component 


moles of solute 


e Molarity = 
y liters of soln 
. moles of solute 
e Molality z 
kilograms of solvent 
k Polution = solvent. solvent 


Ah, = iKym 


total moles of all components 


[13.4] Henry’s law, which relates gas solubility to partial 
pressure 

[13.5] Concentration in terms of mass percent 

[13.6] Concentration in terms of parts per million (ppm) 

[13.7] Concentration in terms of mole fraction 

[13.8] Concentration in terms of molarity 

[13.9] Concentration in terms of molality 

[13.10] Raoult’s law, calculating vapor pressure of solvent 
above a solution 

[13.12] The boiling-point elevation of a solution 


Y AT; = —iKşm 


e m= ()er = iMRT 
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[13.13] The freezing-point depression of a solution 


[13.14] The osmotic pressure of a solution 


Exercises 


Visualizing Concepts 


13.40 Rank the contents of the following containers in order of in- 
creasing entropy: [Section 13.1] 


Jų 


(a) (b) (c) 


13.41 This figure shows the interaction of a cation with surround- 
ing water molecules. 


Ne 
Ni / 
/ 
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(a) Which atom of water is associated with the cation? 
Explain. 


(b) Which of the following explanations accounts for the 
fact that the ion-solvent interaction is greater for Li* 
than for K*? 


. Li* is of lower mass than K*. 

. The ionization energy of Li is higher than that for K. 
Li* has a smaller ionic radius than K*. 

. Lihas a lower density than K. 

e. Lireacts with water more slowly than K. [Section 13.1] 


aoe 


13.42 Consider two ionic solids, both composed of singly charged 
ions, that have different lattice energies. (a) Will the solids 
have the same solubility in water? (b) If not, which solid 
will be more soluble in water, the one with the larger lattice 
energy or the one with the smaller lattice energy? Assume 
that solute-solvent interactions are the same for both sol- 
ids. [Section 13.1] 


13.43 Which two statements about gas mixtures are true? 
[Section 13.1] 


(a) Gases always mix with other gases because the gas par- 
ticles are too far apart to feel significant intermolecular 
attractions or repulsions. 


(b) Just like water and oil don’t mix in the liquid phase, two 
gases can be immiscible and not mix in the gas phase. 


(c) If you cool a gaseous mixture, you will liquefy all the 
gases at the same temperature. 


(d) Gases mix in all proportions in part because the entropy 
of the system increases upon doing so. 


13.44 Which of the following is the best representation of a satu- 


rated solution? Explain your reasoning. [Section 13.2] 


(a) (b) (c) 


13.45 If you compare the solubilities of the noble gases in wa- 


ter, you find that solubility increases from smallest atomic 
weight to largest, Ar < Kr < Xe. Which of the following 
statements is the best explanation? [Section 13.3] 


(a) The heavier the gas, the more it sinks to the bottom of 
the water and leaves room for more gas molecules at the 
top of the water. 

(b) The heavier the gas, the more dispersion forces it has, 
and, therefore, the more attractive interactions it has 
with water molecules. 


(c) The heavier the gas, the more likely it is to hydrogen- 
bond with water. 


(d) The heavier the gas, the more likely it is to make a satu- 
rated solution in water. 


13.46 The structures of vitamins E and B, are shown here. Predict 


which is more water soluble and which is more fat soluble. 
[Section 13.3] 


g- 
oo PES: 
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Vitamin Bg Vitamin E 
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13.47 


13.48 


13.49 
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You take a sample of water that is at room temperature and 
in contact with air and put it under a vacuum. Right away, 
you see bubbles leave the water, but after a little while, the 
bubbles stop. As you keep applying the vacuum, more bub- 
bles appear. A friend tells you that the first bubbles were 
water vapor, and the low pressure had reduced the boiling 
point of water, causing the water to boil. Another friend 
tells you that the first bubbles were gas molecules from the 
air (oxygen, nitrogen, and so forth) that were dissolved 
in the water. Which friend is mostly likely to be correct? 
What, then, is responsible for the second batch of bubbles? 
[Section 13.4] 


The figure shows two identical volumetric flasks containing 
the same solution at two temperatures. 


(a) Does the molarity of the solution change with the 
change in temperature? 


(b) Does the molality of the solution change with the 
change in temperature? [Section 13.4] 


k, Q 


252C perc 


This portion of a phase diagram shows the vapor-pressure 
curves of a volatile solvent and of a solution of that solvent 
containing a nonvolatile solute. (a) Which line represents 
the solution? (b) What are the normal boiling points of the 
solvent and the solution? [Section 13.5] 


1.0 
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13.50 Suppose you had a balloon made of some highly flexible 


semipermeable membrane. The balloon is filled completely 
with a 0.2 M solution of some solute and is submerged in a 
0.1 M solution of the same solute: 


13.51 


(a) 


0.2 M 


Initially, the volume of solution in the balloon is 0.25 L. As- 
suming the volume outside the semipermeable membrane 
is large, as the illustration shows, what would you expect for 
the solution volume inside the balloon once the system has 
come to equilibrium through osmosis? [Section 13.5] 


Which diagram best represents a liquid-liquid emulsion 
such as milk? The colored balls represent different liquid 
molecules. [Section 13.6] 


(b) 


(c) 


The Solution Process (Section 13.1) 


13.52 


13.53 


13.54 


Indicate whether each statement is true or false: 


(a) A solute will dissolve in a solvent if solute-solute interac- 
tions are stronger than solute-solvent interactions. 


(b) In making a solution, the enthalpy of mixing is always a 
positive number. 


(c) An increase in entropy favors mixing. 


Indicate the type of solute-solvent interaction that should 
be most important in each of the following solutions: 
(a) CCl, in benzene (C6H6), (b) methanol (CHOH) in 
water, (c) KBr in water, (d) HCl in acetonitrile (CH3CN). 
When ammonium chloride dissolves in water, the solution 
becomes colder. (a) Is the solution process exothermic or 
endothermic? (b) Why does the solution form? 


13.55 (a) In Equation 13.1, which of the enthalpy terms for dis- 
solving an ionic solid would correspond to the lattice en- 
ergy? (b) Which energy term in this equation is always 
exothermic? 


13.56 KBr is relatively soluble in water, yet its enthalpy of solution 
is +19.8 kJ/mol. Which of the following statements pro- 
vides the best explanation for this behavior? 


(a) Potassium salts are always soluble in water. 
(b) The entropy of mixing must be unfavorable. 


(c) The enthalpy of mixing must be small compared to the 
enthalpies for breaking up water-water interactions and 
K-Br ionic interactions. 


(d) KBr has a high molar mass compared to other salts like 
NaCl. 


Saturated Solutions; Factors Affecting Solubility 
(Sections 13.2 and 13.3) 


13.57 The solubility of alum, KAl(SO4)2+ 12 H,O, in water at is 44 g 
per 100 g of water at 50°C. A solution of alum in water at 
80°C is formed by dissolving 130 g in 100 g of water. When 
this solution is slowly cooled to 50 °C, no precipitate forms. 
(a) Is the solution that has cooled down to 50°C unsatu- 
rated, saturated, or supersaturated? (b) You take a metal spat- 
ula and scratch the side of the glass vessel that contains this 
cooled solution, and crystals start to appear. What has just 
happened? (c) At equilibrium, what mass of crystals do you 
expect to form? 


13.58 By referring to Figure 13.14, determine whether the addi- 
tion of 50.0 g of each of the following ionic solids to 100 g 
of water at 20 °C will lead to a saturated solution: (a) NaCl, 
(b) CaCl, (c) KNO3, (d) NaNO3. 

13.59 Consider water and glycerol, CH2(0H)CH(OH)CH2OH. 
(a) Would you expect them to be miscible in all propor- 
tions? (b) List the intermolecular attractions that occur be- 
tween a water molecule and a glycerol molecule. 

13.60 Would you expect alanine (an amino acid) to be more solu- 
ble in water or in hexane? 


y 


Alanine 
13.61 (a) Would you expect stearic acid, CH;(CH2)16COOH, to be 
more soluble in water or in carbon tetrachloride? 


(b) Which would you expect to be more soluble in water, 
cyclohexane or dioxane? 


©: CH, 
SN ZN 
oi ek Me 
H,C CH, H,C CH, 
N- Wert 
O. CH) 
Dioxane Cyclohexane 


13.62 Which of the following in each pair is likely to be more 
soluble in hexane, CgH,,4: (a) CCl, or CaCl,, (b) benzene 
(C6H6) or glycerol, CH2(OH)CH(OH)CH2OH, (c) octanoic 
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acid, CH;CH,CH,CH,CH,CH,CH,COOH, or acetic acid, 
CH3COOH? Explain your answer in each case. 


13.63 Indicate whether each statement is true or false: 


(a) The higher the temperature, the more soluble most gases 
are in water. 


(b) The higher the temperature, the more soluble most ionic 
solids are in water. 


(c) As you cool a saturated solution from high temperature 
to low temperature, solids start to crystallize out of solu- 
tion if you achieve a supersaturated solution. 


(d) If you take a saturated solution and raise its tempera- 
ture, you can (usually) add more solute and make the 
solution even more concentrated. 


13.64 The mole fraction of Nz in air at sea level is 0.78. Using the data 
in Table 13.1, together with Henry’s law, calculate the molar 
concentration of N, in the surface water of a mountain lake 
saturated with air at 20°C and an atmospheric pressure of 
86.6 kPa. 


Concentrations of Solutions (Section 13.4) 


13.65 (a) Calculate the mass percentage of NaNO; in a solution 
containing 13.6 g of NaNO; in 834 g of water. (b) An alloy 
contains 2.86 g of chromium per 100 kg of alloy. What is the 
concentration of chromium in ppm? 


13.66 A solution is made containing 50.0 g of ethanol (C2H;OH) in 
1000 g of H2O. Calculate (a) the mole fraction of C,H;OH, (b) 
the mass percent of C,H;OH, (c) the molality of C,H;OH. 


13.67 Calculate the molarity of the following aqueous solutions: 
(a) 0.640 g of Mg(NO3)2 in 500.0 mL of solution, (b) 50.0 g 
of LiClO, 3 H20 in 250 mL of solution, (c) 125 mL of 3.00 M 
HNO; diluted to 1.00 L. 


13.68 Calculate the molality of each of the following solutions: 
(a) 10.0 g of benzene (C6H6) dissolved in 50.0 g of carbon 
tetrachloride (CCl,), (b) 5.00 g of NaCl dissolved in 0.100 L 
of water. 


13.69 A sulfuric acid solution containing 697.6 g of HSO; per 
liter of solution has a density of 1.395 g/cm’. Calculate 
(a) the mass percentage, (b) the mole fraction, (c) the mo- 
lality, (d) the molarity of H2SO, in this solution. 


13.70 The density of acetonitrile (CH3CN) is 0.786 g/mL and 
the density of methanol (CH30H) is 0.791 g/mL. A solu- 
tion is made by dissolving 25.0 mL of CH3;0H in 100 mL of 
CH3CN. (a) What is the mole fraction of methanol in the 
solution? (b) What is the molality of the solution? (c) As- 
suming that the volumes are additive, what is the molarity 
of CH30OH in the solution? 


13.71 The density of toluene (C7Hg) is 0.867 g/mL, and the den- 
sity of thiophene (C4H,S) is 1.065 g/mL. A solution is made 
by dissolving 8.10 g of thiophene in 250.0 mL of toluene. 
(a) Calculate the mole fraction of thiophene in the solution. 
(b) Calculate the molality of thiophene in the solution. 
(c) Assuming that the volumes of the solute and solvent are 
additive, what is the molarity of thiophene in the solution? 


13.72 Calculate the number of moles of solute present in each 
of the following aqueous solutions: (a) 750 mL of 0.120 M 
SrBro, (b) 70.0 g of 0.200 m KCI, (c) 150.0 g of a solution that 
is 5.75% glucose (C6H1206) by mass. 


13.73 Describe how you would prepare each of the following 
aqueous solutions, starting with solid KBr: (a) 0.75 L of 
1.5 X 10°? MKBr, (b) 125 g of 0.180 m KBr, (c) 1.85 L of a 
solution that is 12.0% KBr by mass (the density of the solu- 
tion is 1.10 g/mL), (d) a 0.150 M solution of KBr that con- 
tains just enough KBr to precipitate 16.0 g of AgBr from a 
solution containing 0.480 mol of AgNO3. 
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Describe how you would prepare each of the following 
aqueous solutions: (a) 1.50 L of 0.110 M (NH4)2SO, solution, 
starting with solid (NH4)2SO,; (b) 225 g of a solution that 
is 0.65 min Na,COs, starting with the solid solute; (c) 1.20 L 
of a solution that is 15.0% Pb(NO3)2 by mass (the density 
of the solution is 1.16 g/mL), starting with solid solute; 
(d) a 0.50 M solution of HCl that would just neutralize 5.5 g 
of Ba(OH), starting with 6.0 M HCl. 


Commercial aqueous nitric acid has a density of 1.12 g/mL 
and is 3.7 M. Calculate the percent HNO; by mass in the 
solution. 


Brass is a substitutional alloy consisting of a solution of 
copper and zinc. A particular sample of yellow brass con- 
sisting of 65.0% Cu and 35.0% Zn by mass has a density 
of 8470 kg/m®. (a) What is the molality of Zn in the solid 
solution? (b) What is the molarity of Zn in the solution? 


During a person’s typical breathing cycle, the CO, concen- 
tration in the expired air rises to a peak of 4.6% by volume. 
(a) Calculate the partial pressure of the CO, in the expired 
air at its peak, assuming 101.3 kPa pressure and a body tem- 
perature of 37 °C. (b) What is the molarity of the CO3 in the 
expired air at its peak, assuming a body temperature of 37 °C? 
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13.78 


13.79 


13.80 


13.81 


13.82 


13.83 


13.84 


13.85 


You make two solutions of a nonvolatile solute with a liquid 
solvent, 0.01 M and 1.00 M. Indicate whether each of the fol- 
lowing statements is true or false. (a) The vapor pressure of 
the concentrated solution is higher than that of the diluted 
solution. (b) The osmotic pressure of the concentrated solu- 
tion is higher than that of the diluted solution. (c) The boil- 
ing point of the concentrated solution is higher than that of 
the diluted solution. (d) The freezing point of the concen- 
trated solution is higher than that of the diluted solution. 


Consider two solutions, one formed by adding 150 g of 
glucose (CgH,20¢) to 1 L of water and the other formed by 
adding 150 g of sucrose (Cy2H 20,1) to 1 L of water. Calcu- 
late the vapor pressure for each solution at 25 °C; the vapor 
pressure of pure water at this temperature is 3.17 kPa. 


The vapor pressure of pure water at 70°C is 31.2 kPa. The 
vapor pressure of water over a solution at 70°C containing 
equal numbers of moles of water and glycerol (C3H;(OH)3, 
a nonvolatile solute) is 13.3 kPa. Is the solution ideal ac- 
cording to Raoult’s law? 


(a) Calculate the vapor pressure of water above a solution 
prepared by adding 22.5 g of lactose (C12H22011) to 200.0 g 
of water at 338 K. (Vapor-pressure data for water are given 
in Appendix B.) (b) Calculate the mass of propene glycol 
(C3HgO2) that must be added to 0.340 kg of water to reduce 
the vapor pressure by 384 Pa at 40°C. 


At 20°C, the vapor pressure of benzene (C6H6) is 10 kPa, 
and that of toluene (C7Hg) is 2.9 kPa. Assume that benzene 
and toluene form an ideal solution. (a) What is the composi- 
tion in mole fraction of a solution that has a vapor pressure 
of 4.7 kPa at 20 °C? (b) What is the mole fraction of benzene 
in the vapor above the solution described in part (a)? 


(a) Does a 0.10 m aqueous solution of KCl have a higher 
freezing point, a lower freezing point, or the same freezing 
point as a 0.10 m aqueous solution of urea (CO(NHz)2), 
(b) The experimental freezing point of the KCI solution 
is higher than that calculated assuming that KCl is com- 
pletely dissociated in solution. Why is this the case? 


Arrange the following aqueous solutions, each 10% by 
mass in solute, in order of increasing boiling point: glucose 
(C6H1206), sucrose (C12H22011), sodium nitrate (NaNO3). 


List the following aqueous solutions in order of increas- 
ing boiling point: 0.080 M KBr, 0.130 M urea (CO(NHz)2), 
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Using data from Table 13.3, calculate the freezing and boil- 
ing points of each of the following solutions: (a) 0.22 m 
glycerol (C3HgO3) in ethanol, (b) 0.240 mol of naphtha- 
lene (Cj 9Hg) in 2.45 mol of chloroform, (c) 1.50 g NaCl 
in 0.250 kg of water, (d) 2.04 g KBr and 4.82 g glucose 
(C6H1206) in 188 g of water. 


How many grams of ethylene glycol (C}H602) must be 
added to 2.00 kg of water to produce a solution that freezes 
at — 10.00 °C? 

What is the freezing point of an aqueous solution that boils 
at 105.0 °C? 


What is the osmotic pressure formed by dissolving 50.0 mg 
of acetylsalicylic acid (CgHgO,) in 0.100 L of water at 37 °C? 


Adrenaline is the hormone that triggers the release of extra 
glucose molecules in times of stress or emergency. A solu- 
tion of 0.64 g of adrenaline in 36.0 g of CCl, elevates the 
boiling point by 0.49 °C. Calculate the approximate molar 
mass of adrenaline from this data. 


Pa oo z 


4 


Adrenaline 


Lauryl alcohol is obtained from coconut oil and is used to 
make detergents. A solution of 5.00 g of lauryl alcohol in 
0.100 kg of benzene freezes at 4.1°C. What is the molar 
mass of lauryl alcohol from this data? 


A dilute aqueous solution of fructose in water is formed by 
dissolving 1.25 g of the compound in water to form 0.150 L 
of solution. The resulting solution has an osmotic pressure 
of 112.8 kPa at 20 °C. Assuming that the organic compound 
is a nonelectrolyte, what is its molar mass? 


The osmotic pressure of a 0.010 M aqueous solution of 
CaCl, is found to be 68.3 kPa at 25 °C. Calculate the van’t 
Hoff factor, i, for the solution. 


Colloids (Section 13.6) 
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(a) Do colloids made only of gases exist? Why or why 
not? (b) In the 1850s, Michael Faraday prepared ruby-red 
colloids of gold nanoparticles in water that are still stable 
today. These brightly colored colloids look like solutions. 
What experiment(s) could you do to determine whether a 
given colored preparation is a solution or colloid? 


An “emulsifying agent” is a compound that helps stabi- 
lize a hydrophobic colloid in a hydrophilic solvent (or 
a hydrophilic colloid in a hydrophobic solvent). Which 
of the following choices is the best emulsifying agent? 
(a) CHCOOH, (b) CH3CH,CH,COOH, (c) CH;(CH2)11 
COOH, (d) CH3(CH,);;COONa. 


Proteins can be precipitated out of aqueous solution by 
the addition of an electrolyte; this process is called “salting 
out” the protein. (a) Do you think that all proteins would 
be precipitated out to the same extent by the same concen- 
tration of the same electrolyte? (b) If a protein has been 
salted out, are the protein-protein interactions stronger or 
weaker than they were before the electrolyte was added? 
(c) A friend of yours who is taking a biochemistry class says 
that salting out works because the waters of hydration that 
surround the protein prefer to surround the electrolyte as 


the electrolyte is added; therefore, the protein’s hydration 
shell is stripped away, leading to protein precipitation. An- 
other friend of yours in the same biochemistry class says 
that salting out works because the incoming ions adsorb 
tightly to the protein, making ion pairs on the protein 
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surface, which end up giving the protein a zero net charge in 
water and therefore leading to precipitation. Discuss these 
two hypotheses. What kind of measurements would you 
need to make to distinguish between these two hypotheses? 
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The “free-base” form of cocaine (C}7H21NO,) and its proton- 
ated hydrochloride form (C,7H22CINO,) are shown here; 
the free-base form can be converted to the hydrochloride 
form with one equivalent of HCl. For clarity, not all the car- 
bon and hydrogen atoms are shown; each vertex represents 
a carbon atom with the appropriate number of hydrogen at- 
oms so that each carbon makes four bonds to other atoms. 


(a) One of these forms of cocaine is relatively water-soluble: 
which form, the free base or the hydrochloride? 


(b) One of these forms of cocaine is relatively insoluble in 
water: which form, the free base or the hydrochloride? 


7 Es 
H;C—N C—O 
ON, + HCl 
I 
Cocaine 


(Free base) 


(c) The free-base form of cocaine has a solubility of 1.00 g in 
6.70 mL ethanol (CH3;CH,OH). Calculate the molarity of 
a saturated solution of the free-base form of cocaine in 
ethanol. 


(d) The hydrochloride form of cocaine has a solubility of 1.00 g 
in 0.400 mL water. Calculate the molarity of a saturated 
solution of the hydrochloride form of cocaine in water. 


(e) How many mL of a concentrated 18.0 M HCl aque- 
ous solution would it take to convert 1.00 kilograms 
(a “kilo”) of the free-base form of cocaine into its hydro- 
chloride form? 


cir H ? CH; 
H,c—Ni ,C—O 
On 

l 

Cocaine hydrochloride 
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A supersaturated solution of sucrose (C12H22011) is made 

by dissolving sucrose in hot water and slowly letting the 

solution cool to room temperature. After a long time, the 

excess sucrose crystallizes out of the solution. Indicate 

whether each of the following statements is true or false: 

(a) After the excess sucrose has crystallized out, the remain- 
ing solution is saturated. 


(b) After the excess sucrose has crystallized out, the system 
is now unstable and is not in equilibrium. 


(c) After the excess sucrose has crystallized out, the rate of 
sucrose molecules leaving the surface of the crystals to 
be hydrated by water is equal to the rate of sucrose mol- 
ecules in water attaching to the surface of the crystals. 


Some soft drinks contain up to 85 ppm oxygen. (a) What is 
this concentration in mol/L? (b) What partial pressure of 
O, above water is needed to obtain 85 ppm O; in water at 
10°C? (The Henry’s law constant for O2 at this temperature 
is 1.69 x 1075 mol/m? Pa.) 


The presence of the radioactive gas radon (Rn) in well wa- 
ter presents a possible health hazard in parts of the United 
States. (a) Assuming that the solubility of radon in water with 
15.2 kPa pressure of the gas over the water at 30 °C is 0.109 M, 
what is the Henry’s law constant for radon in water at 
this temperature? (b) A sample consisting of various gases 
contains 4.5-ppm radon (mole fraction). This gas at a total 
pressure of 5.07 MPa is shaken with water at 30 °C. Calcu- 
late the molar concentration of radon in the water. 


Glucose makes up about 0.10% by mass of human blood. 
Calculate this concentration in (a) ppm, (b) molality. 
(c) What further information would you need to determine 
the molarity of the solution? 


The maximum allowable concentration of lead in drinking 
water is 9.0 ppb. (a) Calculate the molarity of lead in a 9.0- 
ppb solution. (b) How many grams of lead are in a swim- 
ming pool containing 9.0 ppb lead in 60 m° of water? 


13.103 Acetonitrile (CH3CN) is a polar organic solvent that dis- 


solves a wide range of solutes, including many salts. The den- 
sity of a 1.80 M LiBr solution in acetonitrile is 0.826 g/cm’. 
Calculate the concentration of the solution in (a) molality, 
(b) mole fraction of LiBr, (c) mass percentage of CH3CN. 


13.104 A “canned heat” product used to warm buffet dishes con- 


sists of a homogeneous mixture of ethanol (C}H5OH) and 
paraffin, which has an average formula of C.4Hs59. What 
mass of C,H;OH should be added to 620 kg of the paraf- 
fin to produce 1.07 kPa of ethanol vapor pressure at 35 °C? 
The vapor pressure of pure ethanol at 35 °C is 13.3 kPa. 


13.105 A solution contains 0.50 mol H2O and an unknown num- 


ber of moles of sodium chloride. The vapor pressure of the 
solution at 29°C is 3.85 kPa. The vapor pressure of pure 
water at this temperature is 4.05 kPa. Calculate the num- 
ber of grams of sodium chloride in the solution. (Hint: 
Remember that sodium chloride is a strong electrolyte.) 


13.106 Two beakers are placed in a sealed box at 25 °C. One beaker 


contains 50.0 mL of a 0.050 M aqueous solution of a NaCl. 
The other beaker contains 50.0 mL of a 0.040 M aqueous 
solution of CaCl). The water vapor pressure of the two 
solutions reaches equilibrium. (a) In which beaker does 
the solution level rise, and in which one does it fall? 
(b) What are the volumes in the two beakers when equi- 
librium is attained, assuming ideal behavior? 


13.107 Thenormalboiling point ofethanol,CH3CH,OH, is 78.4°C. 


When 3.26 gof a soluble nonelectrolyte is dissolved in 100.0 g 
of ethanol at that temperature, the vapor pressure of the 
solution is 100 kPa. What is the molar mass of the solute? 


13.108 Calculate the freezing point of a 0.100 m aqueous solution 


of K2SOu, (a) ignoring interionic attractions, and (b) tak- 
ing interionic attractions into consideration by using the 
van’t Hoff factor (Table 13.4). 


13.109 Benzene (C6H6) boils at 80.1°C and has a density of 


0.876 g/mL. (a) When 0.100 mol of a nondissociating 
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solute is dissolved in 500 mL of CgHg, the solution boils at 
79.52 °C, What is the molal boiling-point-elevation con- 
stant for C6He? (b) When 10.0 g of a nondissociating un- 
known is dissolved in 500 mL of CgHg, the solution boils 
at 79.23 °C. What is the molar mass of the unknown? 


13.110 A lithium salt used in lubricating grease has the formula 


LiC,,H2, +102. The salt is soluble in water to the extent of 
0.036 g per 100 g of water at 25 °C. The osmotic pressure of 
this solution is found to be 7.61 kPa. Assuming that molality 
and molarity in such a dilute solution are the same and that 
the lithium salt is completely dissociated in the solution, de- 
termine an appropriate value of n in the formula for the salt. 
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Fluorocarbons (compounds that contain both carbon and 
fluorine) were, until recently, used as refrigerants. The 
compounds listed in the following table are all gases at 
25 °C, and their solubilities in water at 25 °C and 101.3 kPa 
fluorocarbon pressure are given as mass percentages. 
(a) For each fluorocarbon, calculate the molality of a sat- 
urated solution. (b) Which molecular property best pre- 
dicts the solubility of these gases in water: molar mass, 
dipole moment, or ability to hydrogen-bond to water? 
(c) Infants born with severe respiratory problems are some- 
times given liquid ventilation: They breathe a liquid that 
can dissolve more oxygen than air can hold. One of these 
liquids is a fluorinated compound, CF3(CF2)7Br. The solu- 
bility of oxygen in this liquid is 66 mL O, per 100 mL liq- 
uid. In contrast, air is 21% oxygen by volume. Calculate the 
moles of O present in an infant’s lungs (volume: 15 mL) 
if the infant takes a full breath of air compared to taking 
a full “breath” of a saturated solution of O; in the fluori- 
nated liquid. Assume a pressure of 101.3 kPa in the lungs. 


Fluorocarbon Solubility (mass %) 


CF, 0.0015 
CCIF; 0.009 
CCl 0.028 
CHCIE, 0.30 


At ordinary body temperature (37 °C), the solubility of 
Nz in water at ordinary atmospheric pressure is 0.015 g/L. 
Air is approximately 78 mol % N3. (a) Calculate the num- 
ber of moles of N, dissolved per liter of blood, assum- 
ing blood is a simple aqueous solution. (b) At a depth of 
30.5 m in water, the external pressure is 405 kPa. What 
is the solubility of N from air in blood at this pressure? 
(c) If a scuba diver suddenly surfaces from this depth, how 
many milliliters of Nz gas, in the form of tiny bubbles, are 
released into the bloodstream from each liter of blood? 


Consider the following values for enthalpy of vaporiza- 
tion (kJ/mol) of several organic substances: 


I 
CH3CCH3, 32.0 
Acetone 


Q 


HC —— CH, 28.5 
Ethylene oxide 


|| 
CH;C—H 30.4 
Acetaldehyde 


CH, 


ao 


HC CH, 24.7 
Cyclopropane 


(a) Account for the variations in heats of vaporiza- 
tion for these substances, considering their relative 
intermolecular forces. (b) How would you expect the solu- 
bilities of these substances to vary in hexane as solvent? In 
ethanol? Use intermolecular forces, including hydrogen- 
bonding interactions where applicable, to explain your 
responses. 


13.114 A series of anions is shown here: 


Oo oO E F 
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BCA CEs 
CF; BC CFs 
(iv) (v) 


The anion on the far right is called “BARF” by chemists, as 
its common abbreviation sounds similar to this word. 


(a) What is the central atom and the number of electron- 
pair domains around the central atom in each of these 
anions? 


(b) What is the electron-domain geometry around the 
central B in BARF? 


(c) Which, if any, of these anions has an expanded octet 
around its central atom? 


(d) Tetrabutylammonium, (CH3CH2zCH2CHz2)4N* is a 
bulky cation. Which anion, when paired with the 
tetrabutylammonium cation, would lead to a salt that 
will be most soluble in nonpolar solvents? 


(a) A sample of hydrogen gas is generated in a closed con- 
tainer by reacting 1.750 g of zinc metal with 50.0 mL of 
1.00 M hydrochloric acid. Write the balanced equation 
for the reaction, and calculate the number of moles of hy- 
drogen formed, assuming that the reaction is complete. 
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(b) The volume over the solution in the container is 150 
mL. Calculate the partial pressure of the hydrogen gas in 
this volume at 25 °C, ignoring any solubility of the gas in 
the solution. (c) The Henry’s law constant for hydrogen in 
water at 25 °Cis 7.7 X 10° mol/m’ Pa. Estimate the num- 
ber of moles of hydrogen gas that remain dissolved in the 
solution. What fraction of the gas molecules in the system 
is dissolved in the solution? Was it reasonable to ignore 
any dissolved hydrogen in part (b)? 


The following table presents the solubilities of several 
gases in water at 25°C under a total pressure of gas and 
water vapor of 101.3 kPa. (a) What volume of CH,(g) 
under standard conditions of temperature and pressure 
is contained in 4.0 L of a saturated solution at 25 °C? 
(b) The solubilities (in water) of the hydrocarbons are as 
follows: methane ethane ethene. Is this because ethene 
is the most polar molecule? (c) What intermolecu- 
lar interactions can these hydrocarbons have with 
water? (d) Draw the Lewis dot structures for the three 
hydrocarbons. Which of these hydrocarbons possess 
a bonds? Based on their solubilities, would you say 7 
bonds are more or less polarizable than ø bonds? (e) Ex- 
plain why NO is more soluble in water than either N3 
or Op. (£) H2S is more water-soluble than almost all the 
other gases in table. What intermolecular forces is H2S 
likely to have with water? (g) SOz is by far the most water- 
soluble gas in table. What intermolecular forces is SO, 
likely to have with water? 


Gas Solubility (mM) 
CH, (methane) 1.3 
CH, (ethane) 1.8 
C2H; (ethene) 4.7 

N2 0.6 

Oz 1.2 
NO 1.9 
H3S 99 

SO, 1476 


A small cube of sodium (density = 0.968 g/cm?) measur- 
ing 1.0 mm on each edge is added to 0.100 L of water. The 
following reaction occurs: 


2Na(s) + HO —> 2NaOH(aq) + H2(g) 
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What is the freezing point of the resulting solution, as- 
suming that the reaction goes to completion? 


At 35°C the vapor pressure of acetone, (CH3)2CO, is 
47.9 kPa, and that of carbon disulfide, CS3, is 66.7 kPa. 
A solution composed of an equal number of moles of ace- 
tone and carbon disulfide has a vapor pressure of 86.7 kPa 
at 35 °C. (a) What would be the vapor pressure of the solu- 
tion if it exhibited ideal behavior? (b) Based on the behav- 
ior of the solution, predict whether the mixing of acetone 
and carbon disulfide is an exothermic (AH,oj, < 0) or en- 
dothermic (AHgoin > 0) process. 


Compounds like sodium stearate, called “surfactants” in 
general, can form structures known as micelles in water, 
once the solution concentration reaches the value known 
as the critical micelle concentration (cmc). Micelles con- 
tain dozens to hundreds of molecules. The cmc depends 
on the substance, the solvent, and the temperature. 


Surfactant 


Neg a 
A apa 
wv ner 


Surfactant monomers 


Micelle 


At and above the cmc, the properties of the solution vary 
drastically. 


(a) The turbidity (the amount of light scattering) of 
solutions increases dramatically at the cmc. Suggest an 
explanation. (b) The ionic conductivity of the solution 
dramatically changes at the cmc. Suggest an explanation. 
(c) Chemists have developed fluorescent dyes that glow 
brightly only when the dye molecules are in a hydropho- 
bic environment. Predict how the intensity of such flu- 
orescence would relate to the concentration of sodium 
stearate as the sodium stearate concentration approaches 
and then increases past the cmc. 


Design an Experiment 


Based on Figure 13.17, you might think that the reason volatile 
solvent molecules in a solution are less likely to escape to the gas 
phase, compared to the pure solvent, is because the solute mole- 
cules are physically blocking the solvent molecules from leaving 


at the surface. This isa common misconception. Design an exper- 
iment to test the hypothesis that solute blocking of solvent vapor- 
ization is not the reason that solutions have lower vapor pressures 
than pure solvents. 
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KINETICS 


Chemical reactions take time to occur. Some reactions, such as the rusting of iron, 
occur relatively slowly, requiring days, months, or years to complete. Others, such as the 
decomposition of sodium azide, the reaction used to inflate automobile air bags, occur 
so quickly they are difficult to measure. As chemists, we need to be concerned about the 
speed of chemical reactions as well as the products of those reactions. 


SECTION 14.1 Factors That Affect Reaction Rates 659 


The part of chemistry that deals with the speed of a chemical reaction is known as 
chemical kinetics. It plays an important role in processes as diverse as the production 
of chemicals on an industrial scale and the decay of radioactive isotopes used in med- 
icine. Chemical kinetics is also useful in providing information about how reactions 
occur—the order in which chemical bonds are broken and formed during the course of a 
reaction. Chemical kinetics helps us formulate a reaction mechanism, which is a step-by- 
step, molecular-level view of the pathway from reactants to products. 

The speed at which a chemical reaction occurs is called the reaction rate. One 
mechanism for controlling reaction rate is to adjust the temperature. Reaction rates 
slow down as the temperature decreases and speed up when the temperature increases. 
The chemical reactions that govern the metabolism of food, the transport of essential 
nutrients, and many other important physiological processes in the human body must 
proceed with the appropriate speeds. To do so, it is essential that our internal body tem- 
perature remain relatively constant regardless of the outside temperature. However, not 
all mammals operate within these strict confines. The body temperatures of animals that 
hibernate during the cold winter months often drop considerably in order to slow their 
metabolisms and conserve energy. The most extreme case is the arctic ground squirrel, 
an animal that hibernates for 7 to 8 months every year. Scientists have measured body 
temperatures as low as 3 °C in hibernating arctic ground squirrels! At these low tempera- 
tures, reaction rates are slowed by several orders of magnitude, which allow the squirrels 
to hibernate over such long periods. 

By the end of this section, you should be able to 


e List the factors that affect the rate of chemical reactions. 
Four factors affect the rate at which any particular reaction occurs: 


1. Physical state of the reactants. Reactants must come together to react. The more 
readily reactant molecules collide with one another, the more rapidly they react. 
Reactions may broadly be classified as homogeneous, involving either all gases or all 
liquids, or as heterogeneous, in which reactants are in different phases. Under het- 
erogeneous conditions, a reaction is limited by the area of contact of the reactants. 
Thus, heterogeneous reactions that involve solids tend to proceed more rapidly if 
the surface area of the solid is increased. For example, a medicine in the form of a 
fine powder dissolves in the stomach and enters the blood more quickly than the 
same medicine in the form of a tablet. 


2. Reactant concentrations. Most chemical reactions proceed more quickly if the concen- 
tration of one or more reactants is increased. For example, steel wool burns only slowly 
in air, which contains 20% O,, but bursts into flame in pure oxygen (Figure 14.1). As 
reactant concentration increases, the frequency with which the reactant molecules 
collide increases, leading to increased rates. 


3. Reaction temperature. Reaction rates generally increase as temperature is increased. 
The bacterial reactions that spoil milk, for instance, proceed more rapidly at room 
temperature than at the lower temperature of a refrigerator. Increasing temperature 
increases the kinetic energies of molecules. As molecules move more rapidly, they 
collide more frequently and with higher energy, leading to increased reaction rates. 


4. The presence of a catalyst. Catalysts are agents that increase reaction rates without them- 
selves being used up. They affect the kinds of collisions (and therefore alter the mecha- 
nism) that lead to reaction. Catalysts play many crucial roles in living organisms. 


On a molecular level, reaction rates depend on the frequency of collisions between 
molecules. The greater the frequency of collisions, the higher the reaction rate. For a collision 
to lead to a reaction, however, it must occur with sufficient energy to break bonds and 
with suitable orientation for new bonds to form in the proper locations. 


V Go Figure 


If a heated steel nail were placed in 
pure O», would you expect it to burn 
as readily as the steel wool does? 


Steel wool heated in air 
(about 20% O2) glows red-hot 
but oxidizes to Fe,O3 slowly. 


Red-hot steel wool in 100% O, 
burns vigorously, forming 
Fe,O3 quickly. 


A Figure 14.1 Effect of concentration on 
reaction rate. The difference in behavior is 
due to the different concentrations of O2 
in the two environments. 
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Self-Assessment Exercise 


14.1 Ina reaction involving molecules in the gas state, how does (a) It will increase the rate 
increasing the partial pressures of the gases affect the reac- (b) It will decrease the rate 
tion rate? 


(c) The rate will remain unchanged 


Exercises 
14.2 (a) What is meant by the term reaction rate? (b) Name (c) Is the rate of disappearance of reactants always the same 
three factors that can affect the rate of a chemical reaction. as the rate of appearance of products? 
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14.2 | Reaction Rates 


An explosion is a chemical reaction that occurs very, very fast, coupled with one that is 
highly exothermic and produces gaseous products. Nitroglycerine fulfills these criteria 
but is an extremely unstable liquid and very difficult to use. 


4 C,H.N,0, (I) — 6 N, (8) + 12 CO, (g) + 10 H,O (8) +O, (g) 


The Swedish inventor, Alfred Nobel, found that by mixing nitroglycerine with an absor- 
bent solid material such as diatomaceous earth or cellulose, a solid explosive (dynamite) 
was produced and was much easier to handle than nitroglycerine. He had invented the 
most powerful military explosive to date, but he strongly supported international peace 
movements. His will stated that his fortune should be used to establish prizes awarding 
those who ‘have conferred the greatest benefit on mankind’, including the promotion 
of peace. The Nobel Prize is probably the most coveted award that a scientist, economist, 
writer, or peace advocate can receive 

In this section, we introduce reaction rates and by the end of it you should be able to 


e Determine the rate of a reaction by measuring the concentration of a reactant or 
product as a function of time. 

e Relate the rate of formation of products and the rate of disappearance of reactants 
given the balanced chemical equation for the reaction. 


The speed of an event is defined as the change that occurs in a given time interval, 
which means that whenever we talk about speed, we necessarily bring in the notion of 
time. For example, the speed of a car is expressed as the change in the car’s position over 
a certain time interval. 

Similarly, the speed of a chemical reaction—its reaction rate—is the change in the 
concentration of reactants or products per unit of time. The units for reaction rate are 
usually molarity per second (M/s)—that is, the change in concentration measured in 
molarity divided by a time interval measured in seconds. 

Let’s consider the hypothetical reaction A —> B, depicted in Figure 14.2. Each red 
sphere represents 0.01 mol of A, each blue sphere represents 0.01 mol of B, and the con- 
tainer has a volume of 1.00 L. At the beginning of the reaction, there is 1.00 mol A, so the 
concentration is 1.00 mol/L = 1.00 M. After 20 s, the concentration of A has fallen to 
0.54 M and the concentration of B has risen to 0.46 M. The sum of the concentrations is 
still 1.00 M because 1 mol of B is produced for each mole of A that reacts. After 40 s, the 
concentration of A is 0.30 M and that of B is 0.70 M. 

The rate of this reaction can be expressed either as the rate of disappearance of reac- 
tant A or as the rate of appearance of product B. The average rate of appearance of B over 
a particular time interval is given by the change in concentration of B divided by the 
change in time: 


change in concentration of B 


Average rate of appearance of B 


change in time 

B] att, — [B]at t. A[B 

[Blatt ~[BJatt; _ A[B] i 
b — ty At 


We use square brackets around a chemical formula, as in [B], to indicate molarity. 
The Greek letter delta, A, is read “change in” and is always equal to a final value minus 
an initial value. The average rate of appearance of B over the 20 s interval from the begin- 
ning of the reaction (ti = Os tot, = 20s) is 


0.46 M — 0.00 M 
20s — Os 


Average rate = = 2.3 x 107M/s 


W TN TTT) Estimate the number of moles of A in the mixture after 30 s. 


os) 2sQ sos) 


1.00 mol A 0.54 mol A 0.30 mol A 
0 mol B 0.46 mol B 0.70 mol B 


A Figure 14.2 Progress of a hypothetical reaction A —— B. The volume of the flask is 1.0 L. 


SECTION 14.2 Reaction Rates 


661 


662 CHAPTER 14 Chemical Kinetics 


We could equally well express the reaction rate in terms of the reactant, A. In this 
case, we would be describing the rate of disappearance of A, which we express as 


change in concentration of A 


Average rate of disappearance of A = 
& Pp change in time 


AIA] 14.2] 
© At is 
Notice the minus sign in this equation, which we use to indicate that the concentra- 
tion of A decreases. 


By convention, rates are always expressed as positive quantities. 


Because [A] decreases, A[A] is a negative number. The minus sign we put in the equation 
converts the negative A[A] to a positive rate of disappearance. 

Because one molecule of A is consumed for every molecule of B that forms, the aver- 
age rate of disappearance of A equals the average rate of appearance of B: 


A[A] 0.54M — 1.00M 
At 20s — Os 


Average rate = = 2.3 x 107? M/s 


a Sample Exercise 14.1 
D Calculating an Average Rate of Reaction 


From the data in Figure 14.2, calculate the average rate at which A disappears over the time interval from 20 s to 40 s. 


SOLUTION 


Analyze We are given the concentration of A at 20 s (0.54 M) and 
at 40 s (0.30 M) and asked to calculate the average rate of reaction 
over this time interval. 


> Practice Exercise 
If the experiment in Figure 14.2 is run for 60 s, 0.16 mol A re- 
main. Which of the following statements is or are true? 
(i) After 60 s there are 0.84 mol B in the flask. 


Plan The average rate is given by the change in concentration, A[A], (ii) The decrease in the number of moles of A from t, = Os to 
divided by the change in time, At. Because A is a reactant, a minus t, = 20s is greater than that from tı = 40 to t, = 60s. 
sign is used in the calculation to make the rate a positive quantity. (iii) The average rate for the reaction from tı = 40s to tz = 60s 


is 7.0 X 10°3M/s. 


ma ATA (a) Only one of the statements is true. 
Average rate [A] Gay SOSEM (b) Statements (i) and (ii) are true. 
At 40s — 20s (c) Statements (i) and (iii) are true. 
= 1.2 x 107M/s (d) Statements (ii) and (iii) are true. 


(e) All three statements are true. 


Change of Rate with Time 


Now let’s consider the reaction between chlorobutane (C,H Cl) and water to form 
butanol (C,H OH) and hydrochloric acid: 


C4HoCl (aq) + H2O(1) —> C,H »OH(ag) + HCl(aq) [14.3] 


Suppose we prepare a 0.1000 M aqueous solution of C,H Cl and then measure 
the concentration of C4HoCl at various times after time zero (which is the instant 
at which the reactants are mixed, thereby initiating the reaction). We can use the 
resulting data, shown in the first two columns of Table 14.1, to calculate the average 
rate of disappearance of C4HoCl over various time intervals; these rates are given in 
the third column. Notice that the average rate decreases over each 50 s interval for 
the first several measurements and continues to decrease over even larger intervals 
through the remaining measurements. It is typical for rates to decrease as a reaction 


TABLE 14.1 Rate Data for Reaction of CHCl with Water 


Time, t(s) [C4HgCI] (M) 
0.0 0.1000 
50.0 0.0905 
100.0 0.0820 
150.0 0.0741 
200.0 0.0671 
300.0 0.0549 
400.0 0.0448 
500.0 0.0368 
800.0 0.0200 

10,000 o 


proceeds because the concentration of reactants decreases. The 
change in rate as the reaction proceeds is also seen in a graph 
of [C4H9C1] versus time (Figure 14.3). Notice how the steep- 
ness of the curve decreases with time, indicating a decreasing 
reaction rate. 


Instantaneous Rate 


Graphs such as Figure 14.3 that show how the concentration 
of a reactant or product changes with time allow us to evalu- 
ate the instantaneous rate of a reaction, which is the rate 
at a particular instant during the reaction. The instantaneous 
rate is determined from the slope of the curve at a particular 
point in time. We have drawn two tangent lines in Figure 14.3, 
a dashed line running through the point at t = 0s anda solid 
line running through the point at t = 600s. The slopes of 
these tangent lines give the instantaneous rates at these two 
time points.* To determine the instantaneous rate at 600 s, for 
example, we construct horizontal and vertical lines to form the 
blue right triangle in Figure 14.3. The slope of the tangent line 
is the ratio of the height of the vertical side to the length of the 
horizontal side: 


A[C4HoCl] (0.017 — 0.042) M 
At (800 — 400) s 


= 6.3 x 10 °M/s 


Instantaneous rate 


In discussions that follow, the term rate means instanta- 
neous rate unless indicated otherwise. The instantaneous rate at 
t = Ois called the initial rate of the reaction. To understand the 
difference between average and instantaneous rates, imagine you 
have just driven 160 km in 2.0 h. Your average speed for the trip is 
80 km/hr, but your instantaneous speed at any moment during 
the trip is the speedometer reading at that moment. 
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Average Rate (M/s) 


1.9 x 104 
1.7 x 10 
1.6 x 10-4 
1.4 x 1074 
1.22 x 104 
1.01 x 1077 
0.80 x 1074 
0.560 x 107+ 


W Go Figure 


Does the instantaneous rate increase, decrease, or remain 
the same as the reaction proceeds? 


CyHgCl(aq) + H2O(1) —> CyHoOH(aq) + HCl(aq) 


Instantaneous 
rate att = 0s 
(initial rate) 


Instantaneous rate at 
time t= slope of tangent 
to the line at time t 


Instantaneous 
rate att = 600s 


[C4HoCl] (M) 


100 200 300 400 500 600 700 800 900 
Time (s) 


A Figure 14.3 Concentration of butyl chloride (C,HgCI) as a function 
of time. 


*You may wish to review graphical determination of slopes in Appendix A. If you are familiar 
with calculus, you may recognize that the average rate approaches the instantaneous rate as 
the time interval approaches zero. This limit, in the notation of calculus, is the negative of the 


derivative of the curve at time t, —d[C4H9Cl]/dt. 
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\a Sample Exercise 14.2 


lt Calculating an Instantaneous Rate of Reaction 


Using Figure 14.3, calculate the instantaneous rate of disappearance of C,HoCl at t = Os (the initial rate). 


A[C4H9Cl 0.060 — 0.100) M 
SOLUTION Rate [ ue a a ) 
Analyze We are asked to determine an instantaneous rate from a ( )s 
graph of reactant concentration versus time. = 1.9 x 10*M/s 


Plan To obtain the instantaneous rate at t = 0s, we must deter- 
mine the slope of the curve at t = 0. The tangent is drawn on 
the graph as the hypotenuse of the tan triangle. The slope of 
this straight line equals the change in the vertical axis divided 
by the corresponding change in the horizontal axis (which, in 
the case of this example, is the change in molarity over change 


> Practice Exercise 
Which of the following could be the instantaneous rate of 
the reaction in Figure 14.3 at t = 1000s? 
(a) 1.2 x 10° 4M/s 
(b) 8.8 x 10° M/s 


PANE), (c) 6.3 x 10 M/s 
Solve The tangent line falls from [C4H9Cl] = 0.100 M to 0.060 M (d) 2.7 x 10° M/s 
in the time change from 0s to 210 s. Thus, the initial rate is (e) More than one of these. 


Reaction Rates and Stoichiometry 


During our discussion of the hypothetical reaction A ——> B, we saw that the stoichiom- 
etry requires that the rate of disappearance of A equal the rate of appearance of B. Like- 
wise, the stoichiometry of Equation 14.3 indicates that 1 mol of C4H OH is produced for 
each mole of CyH Cl consumed. Therefore, the rate of appearance of C,H9OH equals the 
rate of disappearance of C4H9Cl: 

A[C4H 9Cl] A[CyH OH] 


R = 
ate At At 


What happens when the stoichiometric relationships are not one-to-one? For exam- 
ple, consider the reaction 2 HI(g) —> H2(8) + I2(g). We can measure either the rate of 
disappearance of HI or the rate of appearance of either Hz or Iz. Because 2 mol of HI dis- 
appears for each mole of H, or I, that forms, the rate of disappearance of HI is twice the 
rate of appearance of either H3 or I2. How do we decide which number to use for the rate 
of the reaction? Depending on whether we monitor HI, Ip, or H3, the rates can differ by a 
factor of 2. To fix this problem, we need to take into account the reaction stoichiometry. 
To arrive at a number for the reaction rate that does not depend on which component 
we measured, we must divide the rate of disappearance of HI by 2 (its coefficient in the 
balanced chemical equation): 

1 A[HI] ATH] _ A[h] 


Rate = -3 Ae a A 


In general, for the reaction 
aA+bB—>cC+dD 
the rate is given by 


1 A[A] 1 A[B] 1 A[C] 1 A[D] 
At b At c At d At 


Rate [14.4] 


When we speak of the rate of a reaction without specifying a particular reactant or 
product, we utilize the definition in Equation 14.4.* 


*Equation 14.4 does not hold true if substances other than C and D are formed in significant 
amounts. For example, sometimes intermediate substances build in concentration before form- 
ing the final products. In that case, the relationship between the rate of disappearance of reac- 
tants and the rate of appearance of products is not given by Equation 14.4. All reactions whose 
rates we consider in this chapter obey Equation 14.4. 
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Na Sample Exercise 14.3 ®© 


D Relating Rates at Which Products Appear and Reactants Disappear 


(a) How is the rate at which ozone disappears related to the rate at which oxygen appears in the reaction 2 03(g) —> 3 02(8)? 


(b) If the rate at which O, appears, A[02]/At, is 6.0 Xx 107° M/s at a particular instant, at what rate is O3 disappearing at this 
same time, — A[03]/A £ 


SOLUTION 
Analyze We are given a balanced chemical equation and asked to Plan We can use the coefficients in the chemical equation as 
relate the rate of appearance of the product to the rate of disap- shown in Equation 14.4 to express the relative rates of reactions. 


pearance of the reactant. 


Solve 
(a) Using the coefficients in the balanced 


equation and the relationship given by Rate 1 A[O;] _ 1 A[Og] 
Equation 14.4, we have: 2 At 3 At 
(b) Solving the equation from part (a) for the A[0;] A[O»] 
rate at which O; disappears, —A[O3]/At, 3] _ 2 2} _ 2 0 x 194s) = 4.0 X 105M 
we have: At 3 At 3 A: /s) : is 
Check We can apply a stoichiometric factor to A[O3] _, molO;/L) /2 mol O; _, mol O3/L 
convert the O; formation rate to the O; disap- AE 6.0 x 10 s 3 molOs, 4.0x 10 5 
pearance rate: 
= 4.0 x 10°°M/s 
> Practice Exercise (a)2A+B—>3C (b)A— 2B+ 3C 
At a certain time in a reaction, substance A is disappearing (c)2A —>B+3C (d)4A—>2B+3C 
at a rate of 4.0 x 10°? M/s, substance B is appearing at a rate GA + 2B —>3C 


of 2.0 x 107? M/s, and substance C is appearing at a rate of 
6.0 X 10°? M/s. Which of the following could be the stoichi- 
ometry for the reaction being studied? 


Self-Assessment Exercises 


14.3 In Figure 14.3, order the following three rates from fastest 
to slowest: (i) The average rate of the reaction between 0 s 
and 600 s, (ii) the instantaneous rate at t= 0 s, and (iii) the 
instantaneous rate at t = 600 s. You should not have to do 


14.4 For the reaction N,O, (g) — 2 NO, (g), how is the rate of 
disappearance of dinitrogen tetroxide related to the rate of 
appearance of nitrogen dioxide? 


any calculations. A[N204] _ A[NO>] 
(a) Rate 

(a) Average rate > Rate at t=0 s > Rate at t=600s At At 

(b) Rate at t= 600 s > Average rate > Rate at t=0 s (b) Rate 1 A[N204] _ A[NOz] 

(c) Rate at t=0 s > Average rate > Rate at t= 600 s 2 At At 
(c) Rate Ae ao AT 


ZZ 


Exercises 
14.5 A flask is charged with 0.200 mol of A and allowed to react (a) Calculate the number of moles of B at each time in the 
to form B according to the hypothetical gas-phase reaction table, assuming that A is cleanly converted to B with no in- 
A(g) —> B(g). The following data are collected: termediates. (b) Calculate the average rate of disappearance 
a sess sess of A for each 50 s interval in units of mol/s. (c) Which of the 
Time (s) 0 50 100 150 200 following would be needed to calculate the rate in units of 


MolesofA 0.200 0.141 0.100 0.071 0.050 concentration per time: (i) the partial pressure of the gases at 
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each time, (ii) the temperature, (iii) the volume of the reac- 
tion flask, or (iv) the molecular weights of A and B? 


The rate of disappearance of HCl was measured for the fol- 
lowing reaction: 


CH3OH(aq) + HCl(aq) —> CH3Cl(aq) + H20(1) 


The following data were collected: 


Time (min) [HC1](M) 
0.0 1.85 
54.0 1.58 
107.0 1.36 
215.0 1.02 
430.0 0.580 


(a) Calculate the average rate of reaction, in M/s, for the 
time interval between each measurement. (b) Calculate 
the average rate of reaction for the entire time for the data 
from t = 0.0 min to t = 430.0 min. (c) Which is greater, 


14.3 


14.7 


14.8 


the average rate between t = 54.0 and t = 215.0 min, or 
between t = 107.0 and t = 430.0 min? (d) Graph [HCI] 
versus time and determine the instantaneous rates in 
M/min and M/s att = 75.0 min and t = 250 min. 

For each of the following gas-phase reactions, write the rate 
expression in terms of the appearance of each product and 
disappearance of each reactant: 


(a) O3(g) + H2O(g) — 2 O2(g) + H2(8) 

(b) 4NH3(g) + 5 O2(g) —> 4NO(8) + 6 H20(8) 

(c) 2 C2H2(8) + 5 On(g) —> 4CO,(g) + 2 H20(8) 

(d) C3H7NH2(g) —> C3He(g) + NH3(g) 

(a) Consider the combustion of ethene, C2H4(8) + 
3 Oo(g) — > 2CO2(g) + 2H,O(g). If the concentra- 
tion of C2H4 is decreasing at the rate of 0.025 M/s, 
what are the rates of change in the concentrations of 
CO, and H,0? (b) The rate of decrease in NH; partial 
pressure in a closed reaction vessel from the reaction 
N2H,(g) + H2(g) —> 2 NH;(8) is 10 kPa per hour. What 


are the rates of change of NH; partial pressure and total 
pressure in the vessel? 


(0) e'vh 


y 


(0) pv 
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Concentration and Rate Laws 


Acid rain results largely from emissions from industry of sulfur dioxide and nitrogen 
oxide reacting with water in the atmosphere. Coal-fired power stations are a major source 
of these gases and their emissions increased significantly during the industrial revolu- 
tion of the nineteenth century. Some statues and buildings, most notably those made of 
limestone, are sensitive to acidic solutions and erosion of the stone has been accelerated 
in the modern era as the rain in some regions has become more acidic. 


By the end of this section, you should be able to 


rate constant. 


SECTION 14.3 Concentration and Rate Laws 


Explain the form and meaning ofa rate law, including the ideas of reaction order and 


Determine the rate law and rate constant for a reaction from a series of data. 


One way of studying the effect of concentration on reaction rate is to determine 
the way in which the initial rate of a reaction depends on the initial concentrations. For 


example, we might study the rate of the reaction 


NH4 (aq) + NOz (aq) —> N2(8) + 2 H20(/) 


A CLOSER LOOK Using Spectroscopic Methods to Measure Reaction Rates: Beer’s Law 


A variety of techniques can be used to monitor reactant and product 
concentration during a reaction, including spectroscopic methods, 
which rely on the ability of substances to absorb (or emit) light. Spec- 
troscopic kinetic studies are often performed with the reaction mix- 
ture in the sample compartment of a spectrometer, an instrument that 
measures the amount of light transmitted or absorbed by a sample at 
different wavelengths. For kinetic studies, the spectrometer is set to 
measure the light absorbed at a wavelength characteristic of one of 
the reactants or products. In the decomposition of HI(g) into H2(8) 


0.4 


Spectrometer measures 
intensity of violet color as lo 
concentration increases. 


and I,(g), for example, both HI and H; are colorless, whereas I, is 
violet. During the reaction, the violet color of the reaction mixture 
gets more intense as I, forms. Thus, visible light of appropriate wave- 
length can be used to monitor the reaction (Figure 14.4). 

Figure 14.5 shows the components of a spectrometer. The spec- 
trometer measures the amount of light absorbed by the sample by 
comparing the intensity of the light emitted from the light source with 
the intensity of the light transmitted through the sample, for various 
wavelengths. As the concentration of Iz increases and its color becomes 
more intense, the amount of light absorbed by the reaction 
mixture increases, as Figure 14.4 shows, causing less light to 
reach the detector. 

How can we relate the amount of light detected by the spec- 
trometer to the concentration of a species? A relationship called 
Beer’s law gives us a direct route to the information we seek. Beer’s 
law connects the amount of light absorbed to the concentration 
of the absorbing substance: 


A=elc [14.5] 


In this equation, A is the measured absorbance, s is the 
extinction coefficient (a characteristic of the substance being 
monitored at a given wavelength of light), / is the path length 
through which the light passes, and c is the molar concen- 


vo 

Q 

S — 100 mg/L 
$ — 70 mg/L 
8 0.2 — 40 mg/L 
< — 10mg/L 

— l mg/L 
0.0 
400 450 500 550 600 
Wavelength (nm) 


A Figure 14.4 Visible spectra of Iz at different concentrations. 


Monochromator 
(selects wavelength) 


Lenses/slits/ 
collimators 


Source Sample 


A Figure 14.5 Components of a spectrometer. 


tration of the absorbing substance. Thus, the concentration 
is directly proportional to absorbance. Many chemical and 
pharmaceutical companies routinely use Beer’s law to calcu- 
late the concentration of purified solutions of the compounds 
that they make. In the laboratory portion of your course, you 
may very well perform one or more experiments in which you 
use Beer’s law to relate absorption of light to concentration. 

Related Exercises: 14.111, 14.112, Design an 
Experiment 
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TABLE 14.2 Rate Data for the Reaction of Ammonium and Nitrite Ions 
in Water at 25 °C 


Initial NH,* Initial NO.~ Observed Initial 
Experiment Number Concentration (M) Concentration (M) Rate (M/s) 
il 0.0100 0.200 5 ALS 10>" 
2 0.0200 0.200 10.8 x 1077 
3 0.0400 0.200 PLS x 10" 
4 0.200 0.0202 10.8 x 1077 
5 0.200 0.0404 DG 3 IO” 
6 0.200 0.0808 43.3 x 1077 


by measuring the concentration of NH,‘ or NO, as a function of time or by measuring 
the volume of N, collected as a function of time. Because the stoichiometric coefficients 
on NH,*, NO, _, and N; are the same, all of these rates are the same. 

Table 14.2 shows that changing the initial concentration of either reactant changes 
the initial reaction rate. If we double [NH,*] while holding [NO,] constant, the rate 
doubles (compare experiments 1 and 2). If we increase [NH,"] by a factor of 4 but 
leave [NO, ] unchanged (experiments 1 and 3), the rate changes by a factor of 4, and 
so forth. These results indicate that the initial reaction rate is proportional to [NH,"]. 
When [NO, ] is similarly varied while [NH,'] is held constant, the rate is affected in 
the same manner. Thus, the rate is also directly proportional to the concentration of 
[NO, ]. 

We express the way in which the rate depends on the reactant concentrations by the 
equation 


Rate = k[NH,"][NO> ] [14.6] 


An equation such as Equation 14.6, which shows how the rate depends on reactant con- 
centrations, is called a rate law. For the general reaction 


aA+bB—cC+dD 


the rate law generally has the form 
Rate = k[A]'"[B]” [14.7] 


Notice that only the concentrations of the reactants generally appear in the rate law. The 
constant k is called the rate constant. The magnitude of k changes with temperature 
and therefore determines how temperature affects rate, as we will see in Section 14.5. The 
exponents m and n are typically small whole numbers, whose values are not necessarily 
equal to the coefficients a and b from the balanced equation. As we will learn shortly, if we 
know m and n for a reaction, we can gain great insight into the individual steps that occur 
during the reaction. 

Once we know the rate law for a reaction and the reaction rate for a set of reactant 
concentrations, we can calculate the value of k. For example, using the values for experi- 
ment 1 in Table 14.2, we can substitute into Equation 14.6: 


5.4 x 1077 M/s = k(0.0100 M)(0.200 M) 


5.4 X 107 M/s 


2.7 x 10 *M!s1 
(0.0100 M)(0.200 M) à 


You should verify that this same value of k is obtained using any of the other experimen- 
tal results in Table 14.2. 

Once we have both the rate law and the k value for a reaction, we can calculate 
the reaction rate for any set of concentrations. For example, using Equation 14.7 with 
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k = 2.7 x 104M'!s1!,m = 1,andn = 1, wecancalculate the rate for [NH4] = 0.100 M 
and [NO,z | = 0.100 M: 


Rate = (2.7 x 10°-4M~!s"!)(0.100 M)(0.100 M) = 2.7 x 10°°M/s 


Reaction Orders: The Exponents in the Rate Law 


The rate law for most reactions has the form 


Rate = k[reactant 1]'[reactant 2]”... [14.8] 


The exponents m and n are called reaction orders. For example, consider again 
the rate law for the reaction of NH," with NO, : 


Rate = k[NH,"][NO, ] 


Because the exponent of [NH,'] is 1, the rate is first order in NH,". The rate is also first 
order in NO, . (The exponent 1 is not shown in rate laws.) The overall reaction order 
is the sum of the orders with respect to each reactant represented in the rate law. Thus, 
for the reaction between NH,* and NO; the rate law has an overall reaction order of 
1 + 1 = 2, and the reaction is second order overall. 

The exponents in a rate law indicate how the rate is affected by each reactant con- 
centration. Because the rate at which NH," reacts with NO, depends on [NH,"] raised to 
the first power, the rate doubles when [NH,*] doubles, triples when [NH,"] triples, and 
so forth. Doubling or tripling [NO7 ] likewise doubles or triples the rate. If a rate law is 
second order with respect to a reactant, [A]*, then doubling the concentration of that 
substance causes the reaction rate to quadruple because [2]? = 4, whereas tripling the 
concentration causes the rate to increase ninefold: [3]? = 

The following are some additional examples of experimentally determined rate laws: 


2N205(§) —> 4NO2(g) + On(g) Rate = k[N20s] [14.9] 
H2(g) + b(8) —> 2HI(g) Rate = k[H2][12] [14.10] 
CHCl;(g) + Clo(g) —> CCly(g) + HCl(g) Rate = K[CHCh [Ch]? [14.11] 


Although the exponents in a rate law are sometimes the same as the coefficients in the 
balanced equation, this is not necessarily the case, as Equations 14.9 and 14.11 show. 


For any reaction, the rate law must be determined experimentally. 


In most rate laws, reaction orders are 0, 1, or 2. However, we also occasionally encounter 
rate laws in which the reaction order is fractional (as is the case with Equation 14.11) or 
even negative. 


Na Sample Exercise 14.4 
lt Relating a Rate Law to the Effect of Concentration on Rate 


Consider a reaction A + B —> C for which 


rate = k{A][B]*. Each of the following boxes ye 
represents a reaction mixture in which A is 
shown as red spheres and B as purple ones. 
Rank these mixtures in order of increasing rate 
of reaction. J a 
@ 
) (2) 


(1 


(3) 


SOLUTION Plan Because all three boxes have the same volume, we can put the 
number of spheres of each kind into the rate law and calculate the 


Analyze We are given three boxes containing different numbers of 
rate for each box. 


spheres representing mixtures containing different reactant con- 
centrations. We are asked to use the given rate law and the com- 
positions of the boxes to rank the mixtures in order of increasing 


reaction rates. 
Continued 
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Solve Box 1 contains 5 red spheres and 5 purple spheres, giving 


the following rate: > Practice Exercise 
: — 2_ Suppose the rate law for the reaction in this Sample Exercise 
a Ga 123K were rate = k[A]*[B]. What would be the ordering of the 
Box 2 contains 7 red spheres and 3 purple spheres: rates for the three mixtures in this Sample Exercise, from 
> slowest to fastest? 
Box 2: Rate = k(7)(3)* = 63k fajl=2=3 
Box 3 contains 3 red spheres and 7 purple spheres: (b)1<3<2 
@Ma<2<il 
Box 3: Rate = k(3)(7)? = 147k (O23 
Gos laz 


The slowest rate is 63k (Box 2), and the highest is 147k (Box 3). 
Thus, the rates vary in the order 2 < 1 < 3. 


Check Each box contains 10 spheres. The rate law indicates that 
in this case [B] has a greater influence on rate than [A] because B 
has a larger reaction order. Hence, the mixture with the highest 
concentration of B (most purple spheres) should react fastest. This 
analysis confirms the order 2 < 1 < 3. 


Magnitudes and Units of Rate Constants 


If chemists want to compare reactions to evaluate which ones are relatively fast and 
which ones are relatively slow, the quantity of interest is the rate constant. A good gen- 
eral rule is that a large value of k (~10° or higher) means a fast reaction and a small value 
of k (10 or lower) means a slow reaction. 

The units of the rate constant depend on the overall reaction order of the rate law. 
In a reaction that is second order overall, for example, the units of the rate constant must 
satisfy the equation: 


Units of rate = (units of rate constant) (units of concentration)? 


Hence, in our usual units of molarity for concentration and seconds for time, we have 


its of rat M/s 
Units of rate constant = ————"— 5 = À =M's! 
(units of concentration) M 

\%A Sample Exercise 14.5 
D Determining Reaction Orders and Units for Rate Constants 

(a) What are the overall reaction orders for the reactions described in Equations 14.9 and 14.11? 

(b) What are the units of the rate constant for the rate law in Equation 14.9? 

SOLUTION so 

Analyze We are given two rate laws and asked to express (a) the Units ofrat aint units of rate M/s zi 
overall reaction order for each and (b) the units for the rate con- TES OSTAS CORSAN units of concentration M i 


stant for the first reaction. 


Note that if the reaction order changes, the units of the rate con- 
Plan The overall reaction order is the sum of the exponents in the ae 


t h $ 
rate law. The units for the rate constant, k, are found by using the Sete MRE 
normal units for rate (M/s) and concentration (M) in the rate law 
and applying algebra to solve for k. 
Solve > Practice Exercise 
(a) The rate of the reaction in Equation 14.9 is first order in NOs Which of the following are the units of the rate constant for 
and first order overall. The reaction in Equation 14.11 is first Equation 14.11? 
order in CHCl; and one-half order in Cl. The overall reaction @a)M s’ (b)M7?s"2 (C)M"S" (d)M?s" (e) M°? 


order is three halves. 
(b) For the rate law for Equation 14.9, we have 


Units of rate = (units of rate constant) (units of concentration) 


Using Initial Rates to Determine Rate Laws 
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We have seen that the rate law for most reactions has the general form 


Rate = k[{reactant 1][reactant 2]”... 


Thus, the task of determining the rate law becomes one of determining the reaction 
orders, m and n. In most reactions, the reaction orders are 0, 1, or 2. As noted earlier in 
this section, we can use the response of the reaction rate to a change in initial concentra- 


tion to determine the reaction order. 


In working with rate laws, it is important to realize that the rate of a reaction depends 
on concentration but the rate constant does not. As we will see later in this chapter, the 
rate constants (and hence the reaction rate) are affected by temperature and by the pres- 


ence of a catalyst. 


Sample Exercise 14.6 


Determining a Rate Law from Initial Rate Data 


The initial rate of a reaction A + B —> C was measured for three different starting concentrations of A and B, and the results 


are as follows: 


Experiment 

Number [A](M) 
1 0.100 
2 0.100 
3 0.200 


[B](M) Initial Rate (M/s) 
0.100 4.0 x 10-5 
0.200 4.0 x 1075 
0.100 16.0 x 10° 


Using these data, determine (a) the rate law for the reaction, (b) the rate constant, (c) the rate of the reaction when 


[A] = 0.050M and [B] = 0.100 M. 


SOLUTION 


Analyze We are given a table of data that relates concentrations of 
reactants with initial rates of reaction and asked to determine 

(a) the rate law, (b) the rate constant, and (c) the rate of reaction 
for a set of concentrations not listed in the table. 


Solve 


(a) If we compare experiments 1 and 2, we see that [A] is held 
constant and [B] is doubled. Thus, this pair of experiments 


Plan (a) We assume that the rate law has the following form: 

Rate = k[A]'"[B]”. We will use the given data to deduce the reac- 
tion orders m and n by determining how changes in the concen- 
tration change the rate. (b) Once we know m and n, we can use the 
rate law and one of the sets of data to determine the rate constant 
k. (c) Upon determining both the rate constant and the reaction 
orders, we can use the rate law with the given concentrations to 
calculate rate. 


mų n 
shows how [B] affects the rate, allowing us to deduce the order Rate 1 KAJ B" 
of the rate law with respect to B. Rate2  K[A2]"[B2] 
Inserting values of rate and concentration from the 4.0 x 1075 M/S  K[0.100 M]”[0.100 M]” 


experiments gives: 


4.0 X 105M/5  K[0.100 M]”[0.200 M]” 


The only way this equation can be true isif n = 0. Therefore, 1 = (1/2)" 
the rate law is zero order in B, which means that the rate is 

independent of [B]. 

In experiments 1 and 3, [B] is held constant, so these data allow Rate1 (A, ]’"[B,]” 

us to determine the order of the rate law with respect to [A]. Rate3 KA; ]"[B3]" 


Inserting values of rate and concentration from the 
experiments gives: 


Because the rate increases by a factor of four when [A] is dou- 
bled, we can conclude that m = 2 and the rate law is second 
order in B. 


16.0 x 10°°M/s — k{0.200M]'"[0.100M]" 
4.0 x 10°5Mfs  K[0.100M]”"[0.100M]" 
4 = (2)" 


Combining these results, we arrive at the rate law: 


Rate = k[A}*[B]° = k[A]? 
Continued 
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(b) Using the rate law and the data from experiment 1, we have: 


(c) Using the rate law from part (a) and the rate constant from 
part (b), we have: 


Because [B] is not part of the rate law, it is irrelevant to the 
rate if there is at least some B present to react with A. 


Check A good way to check our rate law is to use the concentra- 
tions in experiment 2 or 3 and see if we can correctly calculate the 
rate. Using data from experiment 3, we have 


Rate = k[A]? = (4.0 x 10° M~!s~!)(0.200 M)? 
= 1.6 x 10 *M/s 


Thus, the rate law correctly reproduces the data, giving both the 
correct number and the correct units for the rate. 


Rate = k[A]? 


rate 4.0 x 10° M/s 


4.0 x 103M !s! 
[A]? (0.100 M)? 


= (4.0 x 10° M™!s71)(0.050 M)? 
= 1.0 x 10% M/s 


> Practice Exercise 


Consider the reaction examined in the Sample Exercise, 
A + B— C. If the concentration of B is doubled, the rate of 
disappearance of B , whereas if the concentration of 


A is doubled, the rate of disappearance of B 

(a) does not change; does not change 

(b) increases by a factor of two; increases by a factor of two 
(c) increases by a factor of four; increases by a factor of two 
(d) does not change; increases by a factor of four 

(e) increases by a factor of four; does not change 


e Explain the form and meaning ofa rate law, including the ideas of reaction order and 


rate constant. 


e Determine the rate law and rate constant for a reaction from a series of data. 


Self-Assessment Exercises 


14.9 The experimentally determined rate law for the substitution 
reaction (CH3),CCl + CHOH — (CH;),COCH, + HCl is Rate 
=k[(CH,),CCI]. 

If the concentration of CH,OH is doubled, how will the reac- 
tion rate change? 


(a) The reaction rate will remain the same 
(b) The reaction rate will double 
(c) The reaction rate will quadruple 


14.10 From the given data, determine the rate equation and value 
of the rate constant for the reaction: 


NO,(g) + CO(g) + NO(g) + CO,(g) 


Exercises 


14.11 Consider a hypothetical reaction between A, B, and C that 
is zero order in A, second order in B, and first order in C. (a) 
Write the rate law for the reaction. (b) How does the rate 
change when [A] is tripled and the other reactant concen- 
trations are held constant? (c) How does the rate change 
when [B] is doubled and the other reactant concentrations 
are held constant? (d) How does the rate change when [C] 
is tripled and the other reactant concentrations are held 
constant? (e) By what factor does the rate change when the 
concentrations of all three reactants are doubled? (f) By 
what factor does the rate change when the concentrations 
of all three reactants are cut in half? 


Experiment 

Number [NO,1(M)  [CO](M) Initial Rate (M/s) 
il 0.10 0.10 0.0050 

2 0.40 0.10 0.080 

3 0.10 020 0.0050 


(a) Rate = k[NO,][CO] where k=0.50 M! s~! 
(b) Rate = k[NO,]? where k=0.50 M+ s71 
(c) Rate = k[CO]? where k=0.50 M! s7! 


ťa 


14.12 The decomposition reaction of N20; in tetrachloro- 
methne is 2 N20; —> 4 NO, + Op. The rate law is first 
order in N20;. At 55 °C the rate constant is 4.12 x 107° s7t. 
(a) Write the rate law for the reaction. (b) What is the rate 
of reaction when [N20;] = 0.050 M? (c) What happens 
to the rate when the concentration of N20; is tripled to 
0.150 M? (d) What happens to the rate when the concen- 
tration of NO; is reduced by 10% to 0.045 M? 


14.13 The reaction between bromoethane (C2H;Br) and hydrox- 
ide ion in ethanol at 330 K, C2H;Br(alc) + OH (alc) —> 
C2H5OH(1) + Br` (alc), is first order each in bromoethane 
and hydroxide ion. When [C,H;Br] is 0.0477 M and [OH | 


14.14 


14.15 


14.4 | The Change of Concentration 
with Time 


is 0.100 M, the rate of disappearance of bromoethane is 
1.7 X 107” M/s. (a) What is the value of the rate constant? 
(b) What are the units of the rate constant? (c) How would 
the rate of disappearance of bromoethane change if the 
solution were diluted by adding an equal volume of pure 
ethanol to the solution? 


The reaction 2ClO,(aq) + 2OH™~ (aq) —> ClO; (aq) + 
ClO% (aq) + H2O(1) was studied with the following results: 


Experiment [CI0,](M) [OH ~](M) Initial Rate (M/s) 
íl 0.060 0.030 0.0248 

2 0.020 0.030 0.00276 

3 0.020 0.090 0.00828 


(a) Determine the rate law for the reaction. (b) Calculate 
the rate constant with proper units. (c) Calculate the rate 
when [ClO,] = 0.100 M and [OH] = 0.050 M. 


The following data were collected for the rate of disappear- 
ance of NO in the reaction 2 NO(g) + O2(8) —> 2 NO,(8): 


Experiment [NO](M) [0] (M) Initial Rate (M/s) 
1 0.0126 0.0125 ME ior? 
2 0.0252 0.0125 5.64 X 107? 
3 0.0252 0.0250 1G x io~ 


(a) What is the rate law for the reaction? (b) What are 
the units of the rate constant? (c) What is the average 
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14.16 
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value of the rate constant calculated from the three data 
sets? (d) What is the rate of disappearance of NO when 
[NO] = 0.0750 M and [O,] = 0.0100 M? (e) What is the 
rate of disappearance of O, at the concentrations given in 
part (d)? 

Consider the reaction of peroxydisulfate ion (S20%) with 
iodide ion (I~) in aqueous solution: 


S208 (aq) + 31° (aq) — 280- (aq) + Iz (aq) 


At a particular temperature, the initial rate of disappear- 
ance of S07 varies with reactant concentrations in the 
following manner: 


Experiment [S304 ](M) [I](M) Initial Rate (M/s) 
1 0.018 0.036 2.6 X 10% 
2 0.027 0.036 3.9 x 10% 
3 0.036 0.054 743 10 
4 0.050 0.072 1.4 x 10°5 


(a) Determine the rate law for the reaction and state the 
units of the rate constant. (b) What is the average value 
of the rate constant for the disappearance of S,0,77 
based on the four sets of data? (c) How is the rate of 
disappearance of S,O,’ related to the rate of disappear- 
ance of I”? (d) What is the rate of disappearance of I~ 
when [S2087] = 0.025 M and [I7] = 0.050 M? 


(e) 6h 


y 


(q) OFtL 
SƏS191ƏXJ JUBWSSASSy-}]aS 0} SIƏMSUY 
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The Iron pillar of Delhi dates from the late fourth to early fifth century and was con- 
structed in the reign of King Chandragupta II. Over the course of time, it has shown great 
resistance to corrosion, attracting the attention of metallurgists as well as archaeologists. 
The pillar’s endurance is attributed to a natural protective film on the surface of the pil- 
lar resulting from a relatively high phosphorous content in the iron. It has outlasted the 
ravages of time and weather! 

At the end of this section, you should be able to 


e Apply the integrated form of a rate law to determine the concentration of a reactant 
at a given time. 
e Relate the rate constant for a first order reaction to the reaction half-life. 


The rate laws we have examined so far enable us to calculate the rate of a reac- 
tion from the rate constant and reactant concentrations. In this section, we will 
show that rate laws can also be converted into equations that show the relation- 
ship between concentrations of reactants or products and time. The mathematics 
required to accomplish this conversion involves calculus. We do not expect you to 
be able to perform the calculus operations, but you should be able to use the result- 
ing equations. We will apply this conversion to three of the simplest rate laws: those 
that are first order overall, those that are second order overall, and those that are 
zero order overall. 


First-Order Reactions 


A first-order reaction is one whose rate depends on the concentration of a single reac- 
tant raised to the first power. If a reaction of the type A —— products is first order, the rate 
law is: 
A[A] 
Rate = — AL. = k[A] 

This form of a rate law, which expresses how rate depends on concentration, is called the 
differential rate law. Using the operation from calculus called integration, we see that this 
relationship can be transformed into an equation known as the integrated rate law for a 
first-order reaction that relates the initial concentration of A, [A]o, to its concentration 
at any other time t, [A];: 


[Ale 
[Alo 


In[A], — In[A]o = —kt or In = —kt [14.12] 


The function “In” in Equation 14.12 is the natural logarithm (Appendix A.2). Equa- 
tion 14.12 can also be rearranged to 


In[A]; = —kt + In[A]o [14.13] 


Equations 14.12 and 14.13 can be used with any concentration units as long as the 
units are the same for both [A], and [A]o. When dealing with gases, we can use partial 
pressure as a concentration in Equations 14.12 and 14.13. This substitution follows from 
the fact that the ideal gas law (see Section 10.4) dictates that at constant temperature the 
pressure is directly proportional to the concentration (n/V). 

For a first-order reaction, Equation 14.12 or 14.13 can be used in several ways. 
Given any three of the following quantities, we can solve for the fourth: k, t, [A]o, and 
[A];. Thus, you can use these equations to determine (1) the concentration of a reactant 
remaining at any time after the reaction has started, (2) the time interval required for a 
given fraction of a sample to react, or (3) the time interval required for a reactant concen- 
tration to fall to a certain level. 


= Sample Exercise 14.7 
s Using the Integrated First-Order Rate Law 
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The decomposition of a certain insecticide in water at 12 °C follows first-order kinetics with a rate constant of 1.45 yr™}. A 
quantity of this insecticide is washed into a lake on June 1, leading to a concentration of 5.0 x 107 g/cm?. Assume that 
the temperature of the lake is constant (so that there are no effects of temperature variation on the rate). (a) What is the 
concentration of the insecticide on June 1 of the following year? (b) How long will it take for the insecticide concentration to 


decrease to 3.0 x 1077 g/cm*? 


SOLUTION 


Analyze We are given the rate constant for a reaction that obeys 
first-order kinetics, as well as information about concentrations 
and times, and asked to calculate how much reactant (insecti- 
cide) remains after 1 yr. We must also determine the time interval 
needed to reach a particular insecticide concentration. 


Solve 
(a) Substituting the known quantities into Equation 14.13, we have: 


Plan In part (a) we are given the rate constant, a period of time, 
and the initial concentration of the reactant, so we can use Equa- 
tion 14.13 to determine the concentration of the reactant after 

1 year has passed. In part (b) we are given the initial and final con- 
centrations and the rate constant. In this case we can use Equa- 
tion 14.13 to calculate the time that must pass to reach the desired 
concentration. 


In[insecticide];-1y. = —(1.45 yr!)(1.00 yr) + In(5.0 x 107) 


We use the In function on a calculator to evaluate the second 
term on the right [that is, In(5.0 x 1077)], giving: 


In[insecticide];— 1 yr 1.45 + (-14.51) 15.96 


To obtain [insecticide],—; yr, we use the inverse natural loga- 
rithm, or e*, function on the calculator: 


[insecticide ];—1 yr = e °° = 1.2 x 1077 g/cm? 


Note that the concentration units for [ A], and [A] must be 
the same. 


(b) Again substituting into Equation 14.13, with 
[insecticide], = 3.0 x 1077 g/cm’, gives: 


In(3.0 x 1077) = —(1.45 yr7!)(t) + In(5.0 x 1077) 


Solving for t gives: 


Check In part (a) the concentration remaining after 1.00 yr (that 
is, 1.2 x 1077 g/cm’) is less than the original concentration 
(5.0 x 1077 g/cm’), as it should be. In (b) the given concen- 
tration (3.0 x 1077 g/cm?) is greater than that remaining after 
1.00 yr, indicating that the time must be less than a year. Thus, 
t = 0.35 yr is a reasonable answer. 


t = —[In(3.0 x 107) — In(5.0 x 1077)]/1.45 yr 
= —(-15.02 + 14.51) /1.45 yr! = 0.35 yr 
> Practice Exercise 


The decomposition of dimethyl ether, (CH3)20, at 510°C isa 
first-order process with a rate constant of 6.8 x 10~4 s71: 


(CH3)20(g) —> CH4(8) + H2(g) + CO(g) 


If the initial pressure of (CH3) 0 is 18 kPa, what is its pressure 
after 1420 s? 


Equation 14.13 can be used to verify whether a reaction is first order and to determine 


its rate constant. This equation has the form of the general equation for a straight line, 
y = mx + b, in which mis the slope and bis the y-intercept of the line (Appendix A.4): 


In [A] = -kt + In [A] 
| = l + | 


For a first-order reaction, therefore, a graph of In[{ A]; versus time gives a straight line with 
a slope of —k anda y-intercept of In[A]g. A reaction that is not first order will not yield a 
straight line. 
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As an example, consider the conversion of methyl isonitrile (CH3NC) to its isomer 
acetonitrile (CH3CN) (Figure 14.6). Because experiments show that the reaction is first 
order, we can write the rate equation: 


= In[CH3NC], = —kt + In[CH3;NC]o 
Methyl isonitrile 

We run the reaction at a temperature at which methyl isonitrile is a gas (199°C), and 
Figure 14.7(a) shows how the pressure of this gas varies with time. Figure 14.7(b) shows 
that a plot of the natural logarithm of the pressure versus time is a straight line. The slope 
of this line is —5.1 x 1075 s™!. (You should verify this for yourself, remembering that 
your result may vary slightly from ours because of inaccuracies associated with reading 
the graph.) Because the slope of the line equals —k, the rate constant for this reaction 
equals 5.1 x 10°s 1. 


< Second-Order Reactions 

Acetonitrile A second-order reaction is one for which the rate depends either on a reactant concen- 
A Figure 14.6 The first-order reaction of tration raised to the second power or on the concentrations of two reactants each raised 
CH3NC conversion into CH3CN. to the first power. For simplicity, let’s consider reactions of the type A —— products or 


A + B —> products that are second order in just one reactant, A: 


A[A] 
Rate = -—— = k{A/? 
ate Ag [A] 
With the use of calculus, this differential rate law can be used to derive the integrated rate 
law for second-order reactions: 
1 al 
= kt + —— 


[Ak [Alo 


[14.14] 


This equation, like Equation 14.13, has four variables, k, t, [A]o, and [A]; and any one of 
these can be calculated knowing the other three. Equation 14.14 also has the form of a 
straight line (y = mx + b). If the reaction is second order, a plot of 1/[A]; versus t yields 
a straight line with slope k and y-intercept 1/[A]o. One way to distinguish between first- 
and second-order rate laws is to graph both In{A], and 1/[A], against t. If the In[A], 
plot is linear, the reaction is first order; if the 1/[A], plot is linear, the reaction is second 
order. 


V COM What can you conclude given that the plot of In P versus t is 


linear? 
20.0 3.2 
£ 17.5 y 3.0 
= 150 E 2.8 
Z 12.5 UO 
L o A 
3] 10.0 z 22 
g 7.5 3 20 
2 5.0 os 
È 2.5 = 1.6 
0 1.4 
0 10,000 20,000 30,000 0 10,000 20,000 30,000 
Time (s) Time (s) 
(a) (b) 


A Figure 14.7 Kinetic data for conversion of methyl isonitrile into acetonitrile. 
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a Sample Exercise 14.8 


s Determining Reaction Order from the Integrated Rate Law 


The following data were obtained for the gas-phase decomposition Time (s) [N03] (M) 
of nitrogen dioxide at 300 °C, NO2(g) —> NO(g) + 502(g). Is the =a ea EE | 
; : ; 0.0 0.01000 
reaction first or second order in NO»? 
50.0 0.00787 
100.0 0.00649 
200.0 0.00481 
300.0 0.00380 
SOLUTION 
Analyze We are given the concentrations of a reactant at various Plan We can plot In[ NO,] and 1/[NO,] against time. If one plot 
times during a reaction and asked to determine whether the reac- or the other is linear, we will know the reaction is either first or 
tion is first or second order. second order. 
Solve 
To graph In{ NO2] and 1/[NO2| “Ema fcA. aan aa IIAN 
against time, we first make the fol- Time(s) [NOM INNO]  1/[N0;] (1/M) 
lowing calculations from the data 0.0 0.01000 —4.605 100 
given: 50.0 0.00787 —4.845 127 
100.0 0.00649 z5 037 154 
200.0 0.00481 =5.337 208 
300.0 0.00380 = 503 263 


As Figure 14.8 shows, only the plot of 
1/[INOg] versus time is linear. Thus, 
the reaction obeys a second-order -4.8 250 


rate law: Rate = k[NO |’. From the S 
slope of this straight-line graph, we — 79.0 = 
determine that k = 0.543 M's! 5 = 
: 5. a 
for the disappearance of NO3. T 9 150 
-5.4 z 
= 
-5.6 
-5.8 50 
0 100 200 300 0 100 200 300 
Time (s) Time (s) 
A Figure 14.8 Kinetic data for decomposition of NO. 
> Practice Exercise (a) Only one of the statements is true. 
For a certain reaction A —> products, a plot of In[A] versus (b) Statements (i) and (ii) are true. 
time produces a straight line with a slope of —3.0 x 10°71. (c) Statements (i) and (iii) are true. 
Which of the following statements is or are true? (d) Statements (ii) and (iii) are true. 
(i) The reaction follows first-order kinetics. (e) All three statements are true. 


(ii) The rate constant for the reaction is 3.0 X 102 s71. 


(iii) The initial concentration of [A] was 1.0 M. 


Zero-Order Reactions 


We have seen that in a first-order reaction the concentration of a reactant A decreases 
nonlinearly, as shown by the red curve in Figure 14.9. As [A] declines, the rate at which it 
disappears declines in proportion. A zero-order reaction is one in which the rate of 
disappearance of A is independent of [A]. The rate law for a zero-order reaction is 

—A[A] 


Rate = =k 14.1 
ate Ae [14.15] 
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W. Go Figure 


[A] 


At which times during the reaction would 
you have trouble distinguishing a zero-order where [A], is the concentration of A at time t and [A], is the initial concentration. 


reaction from a first-order reaction? 


First-order reaction 


__— Zero-order reaction 


The integrated rate law for a zero-order reaction is 


[A]; = —kt + [A]o [14.16] 


This is the equation for a straight line with vertical intercept [A], and slope —Kt, as 
shown in the blue curve in Figure 14.9. 

The most common type of zero-order reaction occurs when a gas undergoes 
decomposition on the surface of a solid. If the surface is completely covered by 
decomposing molecules, the rate of reaction is constant because the number of react- 
ing surface molecules is constant, so long as there is some gas-phase substance left. 


Half-Life 


The half-life of a reaction, tı/2, is the time required for the concentration of a 
reactant to reach half its initial value, [A],,, = 5[A]o. Half-life is a convenient 
way to describe how fast a reaction occurs, especially if it is a first-order process. A 
fast reaction has a short half-life. 


We can determine the half-life of a first-order reaction by substituting 


[Ali = 3[ Ao for [A]; and ty/2 for tin Equation 14.12: 
Time 
init _ 
A Figure 14.9 Comparison of first-order and zero- i [A]o z 1/2 
order reactions for the disappearance of reactant A 
with time. Ing = ~ktyj2 
In} 0.693 
tz = -—— = —— 14.17 
1/2 k k [ ] 


From Equation 14.17, we see that t;/2 for a first-order rate law does not depend on the 
initial concentration of any reactant. Consequently, the half-life remains constant through- 
out the reaction. If, for example, the initial concentration of a reactant is 0.120 M it will be 
3(0. 120 M) = 0.060 M after one half-life. After one more half-life passes, the concentration 
will drop to 0.030 M, and so on. Equation 14.17 also indicates that, for a first-order reaction, 
we can calculate t/z if we know k and calculate k if we know t;2. 

The change in concentration over time for the first-order rearrangement of gaseous 
methyl isonitrile at 199 °C is graphed in Figure 14.10. Because the concentration of this gas 
is directly proportional to its pressure during the reaction, we have chosen to plot pressure 
rather than concentration in this graph. The first half-life occurs at 13,600 s (3.78 h). Ata time 
13,600 s later, the methyl isonitrile pressure (and therefore, concentration) has decreased to 
half of one-half, or one-fourth, of the initial value. 


In a first-order reaction, the concentration of 
the reactant decreases by one-half in each of a 


20 
series of regularly spaced time intervals, each 
interval equal to t1/2. 

> The half-life for second-order and other reactions depends on reac- 

av, tant concentrations and therefore changes as the reaction progresses. 

U We obtained Equation 14.17 for the half-life for a first-order reaction by 

E substituting [A];,,, = 5[A]o for [A], and ty/2 for tin Equation 14.12. We 

O 10 find the half-life of a second-order reaction by making the same substi- 

v tutions into Equation 14.14: 

3 

A 1 1 

gq 5 Hab (Alo 

2 1 
= KE 
[A [Alo 
0 10,000 20,000 30,000 1 
i t2 = 14.19 
Time (s) 12 = KAJ [ ] 

A Figure 14.10 Kinetic data for the rearrangement of methyl 
isonitrile to acetonitrile at 199 °C, showing the half-life of the In this case, the half-life depends on the initial concentration of reac- 


reaction. 


tant—the lower the initial concentration, the longer the half-life. 


SECTION 14.4 The Change of Concentration with Time 679 
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The compounds known as chlorofluorocarbons (CFCs) are well- 
known agents responsible for the destruction of Earth’s protective 
ozone layer. Another simple molecule that has the potential to destroy 
the stratospheric ozone layer is bbomomethane, CH3Br (Figure 14.11). 
Because this substance has a wide range of uses, including antifungal 
treatment of plant seeds, it has been produced in large quantities in 
the past (at the height of its production in 1997 about 70 000 tonnes 
per year worldwide). In the stratosphere, the C—Br bond is broken 


Stratosphere 


Diffusion to 


Troposphere 
stratosphere Bee 


50% decomposes in 0.8 years 


Lower atmosphere 


A Figure 14.11 Distribution and fate of methyl bromide in Earth’s atmosphere. 


Sample Exercise 14.9 


P Determining the Half-Life of a First-Order Reaction 


the half-life from (a) to calculate the rate constant. 


SOLUTION 


Analyze We are asked to estimate the half-life of a reaction from a 
graph of concentration versus time and then to use the half-life to 
calculate the rate constant for the reaction. 


Plan 

(a) To estimate a half-life, we can select a concentration and then 
determine the time required for the concentration to decrease 
to half of that value. 

(b) Equation 14.17 is used to calculate the rate constant from the 
half-life. 

Solve 

(a) From the graph, we see that the initial value of [C4H,Cl] is 
0.100 M. The half-life for this first-order reaction is the time 
required for [C4H9Cl] to decrease to 0.050 M, which we can 
read off the graph. This point occurs at approximately 340 s. 


through absorption of short-wavelength radiation. The resultant Br 
atoms then catalyze decomposition of O3. 

Bromomethane is removed from the lower atmosphere by a 
variety of mechanisms, including a slow reaction with ocean water: 


CH3Br(g) + H,O(/) — > CH3OH(aq) + HBr(aq) [14.18] 


To determine the potential importance of CH3Br in destruction 
of the ozone layer, it is important to know how rapidly the reaction in 
Equation 14.18 and all other reactions remove CH3Br from the lower 
atmosphere before it can diffuse into the stratosphere. 

The average lifetime of CH3Br in Earth’s lower atmo- 
sphere is difficult to measure because the conditions that 
exist in the atmosphere are too complex to be simulated 
in the laboratory. Instead, scientists analyzed nearly 4000 
atmospheric samples collected above the Pacific Ocean for 
the presence of several trace organic substances, including 
bromomethane. From these measurements, it was possible 
to estimate the atmospheric residence time for CH3Br. 

The atmospheric residence time is related to the half- 
life for CH3Br in the lower atmosphere, assuming CH3Br 
decomposes by a first-order process. From the experimental 
data, the half-life for bbomomethane in the lower atmo- 
sphere is estimated to be 0.8 + 0.1 yr. That is, a collection 
of CH3Br molecules present at any given time will, on aver- 
age, be 50% decomposed after 0.8 yr, 75% decomposed 
after 1.6 yr, and so on. A half-life of 0.8 yr, while compara- 
tively short, is still sufficiently long so that CH3Br contrib- 
utes significantly to the destruction of the ozone layer. 

In 1997 an international agreement was reached to 
phase out use of bromomethane in developed countries 
by 2005. Although exemptions for critical agricultural use 
have been granted, global consumption in 2013 was only 
3% of the levels seen in the early 1990s. 

Related Exercise: 14.131 


The reaction of C,H9Cl with water is a first-order reaction. (a) Use Figure 14.3 to estimate the half-life for this reaction. (b) Use 


(b) Solving Equation 14.17 for k, we have 


0.693 0.693 Si 
OX 
k he 340s 2.0 x 1073s 


Check At the end of the second half-life, which should occur at 
680 s, the concentration should have decreased by yet another 
factor of 2, to 0.025 M. Inspection of the graph shows that this is 
indeed the case. 


> Practice Exercise 


(a) Using Equation 14.17, calculate t;/2 for the decomposition 
of the insecticide described in Sample Exercise 14.7. 

(b) How long does it take for the concentration of the insecti- 
cide to reach one-quarter of the initial value? 
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Self-Assessment Exercises 


14.17 


In 1 Lofa solution, 10.0 g of substance A remain after three- 
half-lives of a first order reaction. What was the original 
amount of substance A before the start of the reaction? 


14.18 


An antibiotic breaks down in the body with a first order rate 
constant of k= 1.9 x 10 min™!. What is the half-life of the 
antibiotic? 


(a) 3.33 g (a) 16 min 
(b) 30.0 g (b) 36 min 
(c) 80.0 g (c) 52 min 
Exercises 

14.19 (a) For the generic reaction A —> B what quantity, when 14.23 Consider the data presented in Exercise 14.5. (a) Deter- 
graphed versus time, will yield a straight line for a first-order mine whether the reaction is first order or second order. (b) 
reaction? (b) How can you calculate the rate constant for a What is the rate constant? (c) What is the half-life? 
first-order reaction from the graph you made in part (a)? 14.24 Sucrose (C12H22011), commonly known as table sugar, 

14.20 (a) The gas-phase decomposition of sulfuryl chloride reacts in dilute acid solutions to form two simpler sug- 
(SO2C12), SOzClo(g) —> SOo(g) + Clo(g) is first order in ars, glucose and fructose, both of which have the formula 
SO,Cl,. At 300 °C the half-life for this process is two and CoH 20,. At 23°C and in 0.5 M HCI, the following data 
a half days. What is the rate constant at this temperature? were obtained for the disappearance of sucrose: 
(b) At 400°C the rate constant is 0.19 min !. What is the ————— a 
half-life at this temperature? Time (min) [C12H2201:] (M) 

14.21 As described in Exercise 14.20, the decomposition of sulfuryl 0 0.316 
chloride (SO2C1,) is a first-order process. The rate constant for 39 0.274 
the decomposition at 660 K is 4.5 x 10~*s71. (a) If we begin 
with an initial SO2Cl; pressure of 60 kPa, what is the partial 80 0.238 
pressure of this substance after 60 s? (b) At what time will the 140 0.190 
partial pressure of SO,Cl, decline to one-tenth its initial value? 210 0.146 

14.22 From the following data for the second-order gas-phase 


decomposition of HI at 430 °C, calculate the second-order 
rate constant and half-life for the reaction: 


Time (s) [HI]/mol dm~? 
0 1 
100 0.89 
200 0.8 
300 0.72 
400 0.66 


14.5 | Temperature 


(a) Is the reaction first order or second order with respect to 
[C12H22011]? (b) What is the rate constant? (c) Using this 
rate constant, calculate the concentration of sucrose at 39, 
80, 140, and 210 min if the initial sucrose concentration was 
0.316 M and the reaction were zero order in sucrose. 


(0) 81L (0) ZEL 
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and Rate 
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The rates of most chemical reactions increase as the temperature rises. For example, 
dough rises faster at room temperature than when refrigerated, and plants grow more 
rapidly in warm weather than in cold. We can see the effect of temperature on reaction 
rate by observing a chemiluminescence reaction (one that produces light), such as that 
in Cyalume’ light sticks (Figure 14.12). 

By the end of this section, you should be able to 


e Explain how the activation energy affects a rate and be able to use the Arrhenius 
equation. 


How is this experimentally observed temperature effect reflected in the rate law? The 
faster rate at higher temperature is due to an increase in the rate constant with increasing 
temperature. For example, let’s reconsider the first-order reaction we saw in Figure 14.6 
namely, CH;NC ——> CH;CN. Figure 14.13 shows the rate constant for this reaction as a 
function of temperature. The rate constant and, hence, the rate of the reaction increase A Figure 14.12 Temperature affects the 


rapidly with temperature, approximately doubling for each 10 °C rise. ipa of the chemiluminescence reaction i 
light sticks: The chemiluminescent reaction 


Du occurs more rapidly in hot water, and more 
The Collision Model light is produced. 


Hot water Cold water 


Reaction rates are affected both by reactant concentrations and by temperature. The 
collision model, based on the kinetic-molecular theory, accounts for both of these effects 
at the molecular level. The central idea of the collision model is that molecules must collide 
to react. The greater the number of collisions per second, the greater the reaction rate. As 
reactant concentration increases, therefore, the number of collisions increases, leading to 
an increase in reaction rate. According to the kinetic-molecular theory of gases, increasing 
the temperature increases molecular speeds. As molecules move faster, they collide more 
forcefully (with more energy) and more frequently, both of which increase the reaction rate. 
For a reaction to occur, though, more is required than simply a collision—it must be 
the right kind of collision. For most reactions, in fact, only a tiny fraction of collisions 
leads to a reaction. For example, in a mixture of H; and I; at ordinary temperatures and 
pressures, each molecule undergoes about 107° collisions per second. If every collision 
between H; and I, resulted in the formation of HI, the reaction would be over in much 
less than a second. Instead, at room temperature the reaction proceeds 
very slowly because only about one in every 10} collisions produces a 
reaction. What keeps the reaction from occurring more rapidly? 


W Go Figure 


Would you expect this curve to eventually go back 
down to lower values? Why or why not? 


The Orientation Factor 


In most reactions, collisions between molecules result in a chemi- 
cal reaction only if the molecules are oriented in a certain way when 
they collide. The relative orientations of the molecules during colli- 
sion determine whether the atoms are suitably positioned to form new 
bonds. For example, consider the reaction 


3x 1073 


Cl + NOC] —> NO + Cl, 


which takes place if the collision brings Cl atoms together to form Clp, 2 x 107° 
as shown in the top panel of Figure 14.14. In contrast, in the collision 
shown in the lower panel, the two Cl atoms are not colliding directly 


with one another, and no products are formed. 


ke1) 


1 x 107° 
Activation Energy 


Molecular orientation is not the only factor influencing whether a 
molecular collision will produce a reaction. In 1888 the Swedish chem- 
ist Svante Arrhenius suggested that molecules must possess a certain 
minimum amount of energy to react. According to the collision model, 
this energy comes from the kinetic energies of the colliding mole- 
cules. Upon collision, the kinetic energy of the molecules can be used 
to stretch, bend, and ultimately break bonds, leading to chemical reac- 
tions. That is, the kinetic energy is used to change the potential energy 


180 190 200 210 220 230 240 250 
Temperature (°C) 


A Figure 14.13 Temperature dependence of the rate constant 
for methyl isonitrile conversion to acetonitrile. The four points 
indicated are used in Sample Exercise 14.11. 
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Before collision 


Before collision 


Effective collision, 


reaction occurs, Clo 


forms 


Collision After collision 


Ineffective collision, no 


reaction possible, no Clo 


Collision After collision 


A Figure 14.14 Molecular collisions may or may not lead to a chemical reaction between CI and NOCI. 


y 


of the molecule. If molecules are moving too slowly—in other words, with too little kinetic 
energy—they merely bounce off one another without changing. The minimum energy 
required to initiate a chemical reaction is called the activation energy, E,, and its value 
varies from reaction to reaction. 

The situation during reactions is analogous to that shown in Figure 14.15. The golfer 
hits the ball to make it move over the hill in the direction of the cup. The hill is a barrier 
between ball and cup. To reach the cup, the player must impart enough kinetic energy 
with the putter to move the ball to the top of the barrier. If he does not impart enough 
energy, the ball will roll partway up the hill and then back down toward him. In the 
same way, molecules require a certain minimum energy to break existing bonds during a 
chemical reaction. We can think of this minimum energy as an energy barrier. In the rear- 
rangement of methyl isonitrile to acetonitrile, for example, we might imagine the reac- 
tion passing through an intermediate state in which the N=C portion of the methyl 
isonitrile molecule is sideways: 


oN C 
H;C —N =C: = H;C--- ||| —> H3C—C=N: 


CAA which of the following determines how hard the golfer must strike the ball: 
the difference in elevation between the ball and the hole or between the 
ball and the top of the barrier? 


A Figure 14.15 Energy is needed to overcome a barrier between initial and final states. 


Figure 14.16 shows that energy must be supplied to stretch the bond 
between the H3C group and the N=C group to allow the N=C 
group to rotate. After the N=C group has twisted sufficiently, 
the C—C bond begins to form, and the energy of the molecule 
drops. Thus, the barrier to formation of acetonitrile represents 
the energy necessary to force the molecule through the rela- 
tively unstable intermediate state, analogous to forcing the ball in 
Figure 14.15 over the hill. The difference between the energy of the 
starting molecule and the highest energy along the reaction path- 
way is the activation energy, E,. The molecule having the arrange- 
ment of atoms shown at the top of the barrier is called either the 
activated complex or the transition state. 

The conversion of H3C—N=C to H3C—C=N is exother- 
mic. Figure 14.16 therefore shows the product as having a lower 
energy than the reactant. The energy change for the reaction, AE, 
has no effect on reaction rate, however. 


The rate constant depends on the magnitude of E,; generally, 
the lower the value of E, is, the larger the rate constant and 
the faster the reaction. 


Notice that the reverse reaction is endothermic. The activation 
energy for the reverse reaction is equal to the energy that must be 
overcome if approaching the barrier from the right: AE + E,. Thus, 
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W Go Figure 


How does the energy needed to overcome the energy 
barrier compare with the overall change in energy for this 
reaction? 


Activated complex forms. 


Molecule bends, 
C—N bond 
begins to break. 


Potential energy 


Reaction progress 


( > ) A Figure 14.16 Energy profile for conversion of methyl 


isonitrile (H3;CNC) to its isomer acetonitrile (H3CCN). 


to reach the activated complex for the reverse reaction requires more 
energy than for the forward reaction—for this reaction, there is a larger 
barrier to overcome going from right to left than from left to right. 

Any particular methyl isonitrile molecule acquires sufficient energy to overcome the 
energy barrier through collisions with other molecules. Recall from the kinetic-molecular 
theory of gases that, at any instant, gas molecules are distributed in energy over a wide 
range. Figure 14.17 shows the distribution of kinetic energies for two temperatures, com- 
paring them with the minimum energy needed for reaction, E,. At the higher tempera- 
ture a much greater fraction of the molecules have kinetic energy greater than E,, which 
leads to a greater rate of reaction. 

For a collection of molecules in the gas phase, the fraction of molecules that have 
kinetic energy equal to or greater than E, is given by the expression 


f= eENT [14.20] 


In this equation, R is the gas constant (18.314 J/mol K) and Tis the absolute temperature. To 
get an idea of the magnitude of f, let’s suppose that E, is 100 kJ /mol, a value typical of many 
reactions, and that T is 300 K. The calculated value of fis 3.9 x 10-18, an extremely small 


YW Go Figure What would the curve look like for a temperature higher than 
that for the red curve in the figure? 


Lower T | — Minimum energy 


needed for reaction, E, 
Higher T 


I 
l 

l 

l 

ı | Larger fraction of molecules 
reacts at higher temperature. 
l 


Fraction of molecules 


Kinetic energy 


A Figure 14.17 The effect of temperature on the distribution of kinetic energies of molecules in a 
sample. 
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\a Sample Exercise 14.10 


© 


» Practice Exercise 


the rate constant for a reaction: 


Reaction progress 


rate constant. Hence, the order of the rate constantsis2 < 3 < 1. 


Which of the following changes always leads to an increase in 


number! At 320K, f = 4.7 x 10-1”. Thus, only a 20° increase in temperature produces a more 
than tenfold increase in the fraction of molecules possessing at least 100 kJ /mol of energy. 


The Arrhenius Equation 


Arrhenius noted that for most reactions the increase in rate with increasing temperature 
is nonlinear (Figure 14.13). He found that most reaction-rate data obeyed an equation 
based on (a) the fraction of molecules possessing energy E, or greater, (b) the number of 
collisions per second, and (c) the fraction of collisions that have the appropriate orienta- 
tion. These three factors are incorporated into the Arrhenius equation: 


k = Ae Fak? [14.21] 


In this equation, k is the rate constant, E, is the activation energy, R is the gas constant 
(18.314 J/mol K), and Tis the absolute temperature. The frequency factor, A, is constant, 
or nearly so, as temperature is varied. This factor is related to the frequency of collisions and 
the probability that the collisions are favorably oriented for reaction.* As the magnitude of 
E, increases, k decreases because the fraction of molecules that possess the required energy 
is smaller. Thus, at fixed values of T and A, the rate constant decreases as E; increases. 


D Activation Energies and Speeds of Reaction f 


Consider a series of reactions having these energy profiles: 


© © 


Bs 

5 i i 20 kJ/mol 

T 15 kJ/mol 

TE E S -n | | nn 

2 5 kJ/mol 
=10 kJ/mol —15 KJ/mol 


— =! 


Reaction progress Reaction progress 


Rank the forward rate constants from smallest to largest assuming all three reactions have nearly the same value for the frequency factor A. 


SOLUTION 
ae (i) Decreasing the temperature 

The lower the activation energy, the larger the rate constant and the (ii) Decreasing the activation energy 

faster the reaction. The value of AE does not affect the value of the (iii) Making the value of AE more negative 


(a) Only one—(i), or (ii), or (iii)—increases the reaction rate. 
(b) (i) and (ii) 

(c) (i) and (iii) 

(d) (ii) and (iii) 

(e) All three—(i), (ii), and (iii)—increase the reaction rate. 


*Because collision frequency increases with temperature, A also has some temperature depen- 
dence, but this dependence is much smaller than the exponential term. Therefore, A is consid- 
ered to be approximately constant. 
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Determining the Activation Energy 


We can calculate the activation energy for a reaction by manipulating the Arrhenius 
equation. Taking the natural log of both sides of Equation 14.21, we obtain 


Ink = In Ae™ Fe/RT 


Ink = Ine~*/8T + In A 


Ea 
= ——— + nA 
Ink RT n 


an i 


y = mx + b 


which has the form of the equation for a straight line. A graph of In k versus 1/T is a line 
with a slope equal to —E,/R and a y-intercept equal to In A. Thus, the activation energy 
can be determined by measuring k at a series of temperatures, graphing In k versus 1/T, 
and calculating E, from the slope of the resultant line. 

We can also use Equation 14.22 to evaluate E, in a nongraphical way if we know the 
rate constant of a reaction at two or more temperatures. For example, suppose that at two 
different temperatures T, and 73 a reaction has rate constants kı and kz. For each condi- 
tion, we have 


“+InA and Ink, = -—* 


+InA 
RT; a 


Ink, =i 


Subtracting In kz from In k; gives 


Ez Ez 
Ink, — Ink, = |— + InA }-\|- +InA 


RT, RT 
Assuming temperature-dependent changes in the frequency factor A are negligible, 
we can simplify to obtain 
kı Egf1 1 
n= = nE = +) [14.23] 
k R\E H 


Equation 14.23 provides a convenient way to calculate a rate constant kı at some tem- 
perature Ti when we know the activation energy and the rate constant kz at some other 
temperature 7). 


N\A Sample Exercise 14.11 
| Determining the Activation Energy 


The table at right shows the rate constants for the rearrangement of methyl 


aa 4 oo eee ee Temperature (°C) k(s~') 
isonitrile at various temperatures (these are the data points in Figure 14.13): 

189.7 DED Se 10°" 
a ia these data, o the activation os si the reaction. 198.9 5.25 x 105 
(b) What is the value of the rate constant at 430.0 K? 230.3 ERE: 

251.2 3.16 x 10° 
SOLUTION and the natural log of each rate constant, In k. This gives us the 
following table: 


Analyze We are given rate constants, k, measured at several tem- 
peratures and asked to determine the activation energy, E,, and T(K) 1/T(K -1) Ink 
the rate constant, k, at a particular temperature. 


462.9 2.160 x 10? —10.589 
Plan We can obtain E, from the slope of a graph of In k versus 1/T. 


Once we know E,, we can use Equation 14.23 together with the 472.1 2.118 x 10° —9.855 
given rate data to calculate the rate constant at 430.0 K. 503.5 1.986 x 10733 -7.370 


Solve 524.4 1.907 x 10°% -5.757 
(a) We must first convert the temperatures from degrees Celsius E 
to kelvins. We then take the inverse of each temperature, 1/T, 
Continued 
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A graph of In k versus 1/T is a straight line (Figure 14.18). 


=5 


6 


—10 


0.0019 0.0020 0.0021 
1/T (K7) 


0.0022 


A Figure 14.18 Graphical determination of activation energy Ez. 


The slope of the line is obtained by choosing any two well- 
separated points and using the coordinates of each: 


Ay —6.6 — (—10.4) 
Ax 0.00195 — 0.00215 


1.9 x 104 


Slope 


Because logarithms have no units, the numerator in this equation 
is dimensionless. The denominator has the units of 1/T, namely, 
Kt. Thus, the overall units for the slope are K. The slope equals 
—E,/R. We use the value for the gas constant R in units of J/mol K 
(Table 10.2). We thus obtain 


Eq 

Slope = -R 
E, = —(slope)(R) = —(-1.9 x 10'K)(8 314 J ( 14 ) 
a P 2-4 mol K/\ 1000) 


= 1.6 X 10*kJ/mol = 160kJ/mol 


We report the activation energy to only two significant figures 
because we are limited by the precision with which we can read the 
graph in Figure 14.18. 


(b) To determine the rate constant, k,, at T, = 430.0 K, we can 
use Equation 14.23 with E, = 160 kJ/mol and one of the 
rate constants and temperatures from the given data, such as 
ky = 2.52 X 10°s land T, = 462.9K: 


Ea. 

n 

252x 10s] 
e \( 1 1 ea als 
8.314J/molK/\462.9K  430.0K 1K : 
kı 


2.52 X 107557! 
k, = (4.15 X 107*)(2.52 x 1075s~!) = 1.0 107657! 


Thus, 


e318 = 4.15 x 107? 


Note that the units of kı are the same as those of k, and the rate con- 
stant at 430.0 K is smaller than it is at 462.9 K, as it should be. 


> Practice Exercise 
Using the data in Sample Exercise 14.11, which of the following 
is the rate constant for the rearrangement of methyl isonitrile 
at 320°C? 
ABI <io st 22 iohs! O27 x<ioes 
(d)2.3x 101s? (e)9.2 x 10°s! 


Self-Assessment Exercise 


14.25 Ifa reaction has a rate constant of 2.0 10s“! at 20 °C and (c) 42 kJ/mol 
7.3 X 10 s~! at 30 °C, what is the activation energy? (d) 96 kJ/mol 
(a) 280 J/mol 
(b) 650J/mol 
Exercises 


14.26 (a) What factors determine whether a collision between two 
molecules will lead to a chemical reaction? (b) Does the rate 
constant for a reaction generally increase or decrease with an 
increase in reaction temperature? (c) Which factor is most 
sensitive to changes in temperature—the frequency of colli- 
sions, the orientation factor, or the fraction of molecules with 
energy greater than the activation energy? 


14.27 (a) The activation energy for the reaction A(g) —— B(g) is 
100 kJ/mol. Calculate the fraction of the molecule A that has 
an energy equal to or greater than the activation energy at 
400 K. (b) Calculate this fraction for a temperature of 500 K. 
What is the ratio of the fraction at 500 K to that at 400 K? 


14.28 For the elementary process N,O;(g) —> NOz2(g) + NO3(g) 
the activation energy (E,) and overall AE are 154 kJ/mol 
and 136 kJ/mol, respectively. (a) Sketch the energy profile 
for this reaction, and label E, and AE. (b) What is the acti- 
vation energy for the reverse reaction? 


14.29 Indicate whether each statement is true or false. 


(a) If you measure the rate constant for a reaction at differ- 
ent temperatures, you can calculate the overall enthalpy 
change for the reaction. 


(b) Exothermic reactions are faster than endothermic 
reactions. 


(c) If you double the temperature for a reaction, you cut 
the activation energy in half. 


14.30 Data for a forward reaction is: 
(a) E, = 75 kJ/mol; AE = —20kJ/mol 
(b) E, = 100 kJ/mol; AE = +30kJ/mol 
(c) E, = 85 kJ/mol; AE = —50kJ/mol 


Which of these reactions will be the fastest in the reverse 
direction? Which will be slowest? 


SECTION 14.6 Reaction Mechanisms 


14.31 Understanding the high-temperature behavior of nitro- 
gen oxides is essential for controlling pollution gener- 


ated in car engines. The decomposition of nitric oxide 600 
(NO) to Nz and O; is second order with a rate constant 650 
of 0.0796 M7!s"! at 737 °C and 0.0815 M's! at 947 °C. 
Calculate the activation energy for the reaction. 700 
14.32 The temperature dependence of the rate constant for a 750 
reaction is tabulated as follows: 800 
Calculate E, and A. 
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A reaction mechanism is a little like a climber of a rock face. The climber may be faced 
with a number of possible routes from bottom to top and it’s by testing out the possibili- 
ties that the best one to accomplish the task is found. 

A balanced equation for a chemical reaction indicates the substances present at the 
start of the reaction and those present at the end of the reaction. It provides no informa- 
tion, however, about the detailed steps that occur at the molecular level as the reactants 
are turned into products. The steps by which a reaction occurs is called the reaction 
mechanism. At the most sophisticated level, a reaction mechanism describes the order 
in which bonds are broken and formed and the changes in relative positions of the atoms 
in the course of the reaction. As we are unable to observe individual molecules as they col- 
lide and react, a reaction mechanism is always a hypothesis, however much confidence 
we have in our interpretation of the data. By the end of this section, you should be able to 


e Connect the rate law for a reaction to a mechanism given the individual steps in the 
mechanism. 


Temperature (K) 


k(M4 s7) 
0.028 
0.22 
1.3 
6.0 

23 
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vV Go Figure 


state 


Intermediates 


Potential energy 


Reactants 


Reaction progress 


transition states and an intermediate. 


state Transition 


A Figure 14.19 The energy profile of a reaction, showing 


Elementary Reactions 


We have seen that reactions take place because of collisions between reacting molecules. 
For example, the collisions between molecules of methyl isonitrile (CH3NC) can provide 
the energy to allow the CH3NC to rearrange to acetonitrile: 


E S C 
H;C —N =C: — H;C--- ||| —> H3C—C=N: 


Similarly, the reaction of NO and O; to form NO; and O, appears to occur as a result 
of a single collision involving suitably oriented and sufficiently energetic NO and O3 
molecules: 


NO(g) + O3(g) —> NO2(g) + O2(g) [14.24] 


Both reactions occur in a single event or step and are called elementary reactions. 

The number of molecules that participate as reactants in an elementary reaction 
defines the molecularity of the reaction. If a single molecule is involved, the reaction is 
unimolecular. The rearrangement of methyl isonitrile is a unimolecular process. Elemen- 
tary reactions involving the collision of two reactant molecules are bimolecular. The reac- 
tion between NO and O; is bimolecular. Elementary reactions involving the simultaneous 
collision of three molecules are termolecular. Termolecular reactions are far less probable 
than unimolecular or bimolecular processes and are extremely rare. The chance that four or 
more molecules will collide simultaneously with any regularity is even more remote; con- 
sequently, such collisions are never proposed as part of a reaction mechanism. Thus, nearly 
all reaction mechanisms contain only unimolecular and bimolecular elementary reactions. 


Multistep Mechanisms 


The net change represented by a balanced chemical equation often occurs by a multistep 
mechanism consisting of a sequence of elementary reactions. For example, below 225 °C, 
the reaction 


NO,(g) + CO(g) —> NO(g) + CO2(8) [14.25] 


appears to proceed in two elementary reactions (or two elementary steps), each of which 

is bimolecular. First, two NO, molecules collide, and an oxygen atom is transferred from 

one to the other. The resultant NO; then collides with a CO molecule and transfers an 
oxygen atom to it: 


NO2(g) + NO2(g) — > NO3(g) + NO(g) 


For this profile, which elementary reaction rate is 
; z : NO + CO(g) —> NO + CO 
faster, intermediates converting to products or 3(8) (8) 2(8) 2(8) 
intermediates converting back to reactants? Thus, we say that the reaction occurs by a two-step mechanism. 
Transition The chemical equations for the elementary reactions in a 


multistep mechanism must always add to give the chemical 
equation of the overall process. 


In the present example, the sum of the two elementary reactions is 
2 NO2(5) + NOs(g) + CO(s) — NO2(8) + NO3(g) + NO(g) + CO2(8) 


Products Simplifying this equation by eliminating substances that appear on both 
sides gives Equation 14.25, the net equation for the process. 

Because NO; is neither a reactant nor a product of the reaction—it is 
formed in one elementary reaction and consumed in the next—it is called an 
intermediate. Multistep mechanisms involve one or more intermediates. 
Intermediates are not the same as transition states, as shown in Figure 14.19. 
Intermediates can be stable and can therefore sometimes be identified and 
even isolated. Transition states, on the other hand, are always inherently unsta- 
ble and as such can never be isolated. Nevertheless, the use of advanced “ultra- 
fast” techniques sometimes allows us to characterize them. 


j Sample Exercise 14.12 
D 


Determining Molecularity and Identifying Intermediates 
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It has been proposed that the conversion of ozone into O» proceeds by a two-step mechanism: 


03(g) — O2(g) + O(g) 
O3(g) + O(g) —> 2 02(g) 


(a) Describe the molecularity of each elementary reaction in this mechanism. 


(b) Write the equation for the overall reaction. 
(c) Identify the intermediate(s). 


SOLUTION 


Analyze We are given a two-step mechanism and asked for (a) the 
molecularities of each of the two elementary reactions, (b) the 
equation for the overall process, and (c) the intermediate. 


Plan The molecularity of each elementary reaction depends on 
the number of reactant molecules in the equation for that reac- 
tion. The overall equation is the sum of the equations for the ele- 
mentary reactions. The intermediate is a substance formed in one 
step of the mechanism and used in another and therefore not part 
of the equation for the overall reaction. 


Solve 


(a) The first elementary reaction involves a single reactant and 
is consequently unimolecular. The second reaction, which 
involves two reactant molecules, is bimolecular. 


(b) Adding the two elementary reactions gives 
2.03(g) + O(8) —> 3 O2(g) + O(g) 


Because O(g) appears in equal amounts on both sides of the equa- 
tion, it can be eliminated to give the net equation for the chemical 
process: 

2.03(g) — 3 On(g) 


Rate Laws for Elementary Reactions 


(c) The intermediate is O(g). It is neither an original reactant nor 
a final product but is formed in the first step of the mecha- 
nism and consumed in the second. 


> Practice Exercise 
Consider the following two-step reaction mechanism: 
A(g) + B(g) —> X(g) + Y(g) 
X(g) + C(g) —> Y(g) + Z(g) 
Which of the following statements about this mechanism is 
or are true? 
(i) Both of the steps in this mechanism are bimolecular. 

(ii) The overall reaction is A(g) + B(g) + C(g) > Y(g) + Z(g). 
(iii) The substance X(g) is an intermediate in this mechanism. 
(a) Only one of the statements is true. 

(b) Statements (i) and (ii) are true. 
(c) Statements (i) and (iii) are true. 
(d) Statements (ii) and (iii) are true. 
(e) All three statements are true. 


In Section 14.3, we stressed that rate laws must be determined experimentally; they can- 
not be predicted from the coefficients of balanced chemical equations. We are now in a 
position to understand why this is so. Every reaction is made up of a series of one or more 
elementary steps, and the rate laws and relative speeds of these steps dictate the overall 
rate law for the reaction. Indeed, the rate law for a reaction can be determined from its 
mechanism, as we will see shortly, and compared with the experimental rate law. Thus, 
our next challenge in kinetics is to arrive at reaction mechanisms that lead to rate laws 
consistent with those observed experimentally. We start by examining the rate laws of 


elementary reactions. 


Elementary reactions are significant in a very important way: If a reaction is elemen- 
tary, its rate law is based directly on its molecularity. For example, consider the unimolecular 


reaction 


A —> products 


As the number of A molecules increases, the number that reacts in a given time interval 
increases proportionally. Thus, the rate of a unimolecular process is first order: 


Rate = k[A] 


For bimolecular elementary steps, the rate law is second order, as in the reaction 


A + B —> products Rate = k[A][B] 
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The second-order rate law follows directly from collision theory. If we double the concen- 
tration of A, the number of collisions between the molecules of A and B doubles; likewise, 
if we double [B], the number of collisions between A and B doubles. Therefore, the rate law 
is first order in both [A] and [B] and second order overall. 

The rate laws for all feasible elementary reactions are given in Table 14.3. 
Notice how each rate law follows directly from the molecularity of the reaction. It 
is important to remember, however, that we cannot tell by merely looking at a bal- 
anced, overall chemical equation whether the reaction involves one or several ele- 
mentary steps. 


The Rate-Determining Step for a Multistep Mechanism 


As with the reaction in Sample Exercise 14.13, most reactions occur by mechanisms that 
involve two or more elementary reactions. Each step of the mechanism has its own rate 
constant and activation energy. Often one step is much slower than the others, and the 
overall rate of a reaction cannot exceed the rate of the slowest elementary step. Because 


TABLE 14.3 Elementary Reactions and Their Rate Laws 


Molecularity Elementary Reaction Rate Law 
Unimolecular A —> products Rate = k[A] 
Bimolecular A + A — products Rate = k[A]? 
Bimolecular A + B ——> products Rate = k[A][B] 
Termolecular A+tA+A > products Rate = k AP 
Termolecular A + A+B —= products Rate = k[A}*[B] 
Termolecular A + B + C —> products Rate = k[A][B][C] 


VW Sample Exercise 14.13 


D Predicting the Rate Law for an Elementary Reaction 


If the following reaction occurs in a single elementary reaction, predict its rate law: 


H2(8) + Bro(g) —> 2 HBr(g) 


SOLUTION 


Analyze We are given the equation and asked for its rate law, as- 
suming that it is an elementary process. 


Plan Because we are assuming that the reaction occurs as a sin- 
gle elementary reaction, we are able to write the rate law using 
the coefficients for the reactants in the equation as the reaction 
orders. 


Solve The reaction is bimolecular, involving one molecule of Hz 
and one molecule of Br. Thus, the rate law is first order in each 
reactant and second order overall: 


Rate = k[H3][Br2] 


Comment Experimental studies of this reaction show that the reac- 
tion actually has a very different rate law: 


Rate = k[H2][Br2]"/? 


Because the experimental rate law differs from the one obtained 
by assuming a single elementary reaction, we can conclude that 
the mechanism cannot occur by a single elementary step. It must, 
therefore, involve two or more elementary steps. 


> Practice Exercise 
Consider the following reaction: 2 A + B —> X + 2Y. You 
are told that the first step in the mechanism of this reaction 
has the following rate law: Rate = k{A][B]. Which of the fol- 
lowing could be the first step in the reaction mechanism (note 
that substance Z is an intermediate)? 
(a) A+A—>Y+Z 
(b) A—> X+Z 
(c) A+ A+B 
(d) B—>X+Y 
G A i Bi aa 
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the slow step limits the overall reaction rate, it is called the rate-determining step (or 
rate-limiting step). 

To understand the concept of the rate-determining step for a reaction, consider a 
toll road with two toll plazas (Figure 14.20). Cars enter the toll road at point 1 and pass 
through toll plaza A. They then pass an intermediate point 2 before passing through toll 
plaza B and arriving at point 3. We can envision this trip along the toll road as occurring 
in two elementary steps: 


Step 1: Point 1 —> Point 2 (through toll plaza A) 
Step 2: Point 2 —— Point 3 (through toll plaza B) 
Overall: Point 1 —> Point 3 (through both toll plazas) 


Now suppose that one or more gates at toll plaza A are malfunctioning, so that traf- 
fic backs up behind the gates, as depicted in Figure 14.20(a). The rate at which cars can 
get to point 3 is limited by the rate at which they can get through the traffic jam at plaza 
A. Thus, step 1 is the rate-determining step of the journey along the toll road. If, however, 
all gates at A are functioning but one or more at B are not, traffic flows quickly through 
A but gets backed up at B, as depicted in Figure 14.20(b). In this case, step 2 is the rate- 
determining step. 

In the same way, the slowest step in a multistep reaction determines the overall rate. By 
analogy to Figure 14.20(a), the rate of a fast step following the rate-determining step does 
not speed up the overall rate. If the slow step is not the first one, as is the case in Fig- 
ure 14.20(b), the faster preceding steps produce intermediate products that accumulate 
before being consumed in the slow step. In either case, the rate-determining step governs the 
rate law for the overall reaction. 


Mechanisms with a Slow Initial Step 


We can most easily see the relationship between the slow step in a mechanism and the 
rate law for the overall reaction by considering an example in which the first step in a mul- 
tistep mechanism is the rate-determining step. Consider the reaction of NO, and CO to 
produce NO and CO, (Equation 14.25). Below 225 °C, it is found experimentally that the 
rate law for this reaction is second order in NO, and zero order in CO: Rate = k{NO,]?. 


YW CAA In scenario (a), would increasing the rate at which cars pass 
through Toll plaza B increase the rate at which cars go from 
point 1 to point 3? 


Toll plaza A Toll plaza B 


(a) Cars slowed at toll plaza A, rate-determining step is passage through A 


Toll plaza A Toll plaza B 


(b) Cars slowed at toll plaza B, rate-determining step is passage through B 


A Figure 14.20 Rate-determining steps in traffic flow on a toll road. 
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Can we propose a reaction mechanism consistent with this rate law? Consider the two- 
step mechanism:* 


Step 1: NO,(g) + NO2(g) —> NO3(g) + NO(g) (slow) 
Step 2: NO3(g) + CO(g)—2 NO,(g) + CO,(g) (fast) 
Overall: NO2(g) + CO(g)_ — > NO(g) + CO2(g) 


Step 2 is much faster than step 1; that is, kp >> kı, telling us that the intermediate 
NO;(g) is slowly produced in step 1 and immediately consumed in step 2. 

Because step 1 is slow and step 2 is fast, step 1 is the rate-determining step. Thus, the 
rate of the overall reaction depends on the rate of step 1, and the rate law of the overall 
reaction equals the rate law of step 1. Step 1 is a bimolecular process that has the rate law 

Rate = k,[NO,]? 
Thus, the rate law predicted by this mechanism agrees with the one observed experimen- 
tally. The reactant CO is absent from the rate law because it reacts in a step that follows 
the rate-determining step. 

A scientist would not, at this point, say that we have “proved” that this mechanism 
is correct. All we can say is that the rate law predicted by the mechanism is consistent with 
experiment. We can often envision a different sequence of steps that leads to the same rate 
law. If, however, the predicted rate law of the proposed mechanism disagrees with exper- 
iment, we know for certain that the mechanism cannot be correct. 


WA Sample Exercise 14.14 
D Determining the Rate Law for a Multistep Mechanism 


The decomposition of nitrous oxide, N20, is believed to occur by a two-step mechanism: 


N20(8) —> N2(g) + O(g) (slow) 
N20(g) + O(g) —> No(g) + O2(g) (fast) 


(a) Write the equation for the overall reaction. (b) Write the rate law for the overall reaction. 


SOLUTION 


Analyze Given a multistep mechanism with the relative speeds of 
the steps, we are asked to write the overall reaction and the rate 
law for that overall reaction. 


> Practice Exercise 
An alternative two-step reaction mechanism has been proposed 
for the reaction NO2(g) + CO(g) > NO(g) + CO2(g), 
which was discussed on page 692: 

Plan (a) Find the overall reaction by adding the elementary steps Step 1: 

and eliminating the intermediates. (b) The rate law for the overall 

reaction will be that of the slow, rate-determining step. 


NO2(g) + NOo(g) —— N204(8) (slow) 
Step 2: 
N20,4(g) + CO(Z) 


Which experiment would allow you to distinguish between 
the two proposed mechanisms? 


Solve 
(a) Adding the two elementary reactions gives 


2N20(g) + O(g) —> 2N2(8) + O2(g) + O(8) 


> NO(g) + CO2(g) + NO2(g) (fast) 


Omitting the intermediate, O(g), which occurs on both sides 
of the equation, gives the overall reaction: 


2N20(g) —> 2N2(8) + O2(8) 


(b) The rate law for the overall reaction is just the rate law for the slow, 
rate-determining elementary reaction. Because that slow step is a 
unimolecular elementary reaction, the rate law is first order: 

Rate = k[N,O] 


(a) Run trials with different initial concentrations of NO2(g) 
and measure the initial reaction rates. (b) Run trials with 
different initial concentrations of CO(g) and measure 

the initial reaction rates. (c) Conduct experiments to 
identify the reaction intermediate(s). (d) It is not possible 
to distinguish between the two proposed reaction 
mechanisms. 


*Note the rate constants kı and kz written above the reaction arrows. The subscript on each rate 
constant identifies the elementary step involved. Thus, kų is the rate constant for step 1, and kz 
is the rate constant for step 2. A negative subscript refers to the rate constant for the reverse of an 
elementary step. For example, k_, is the rate constant for the reverse of the first step. 
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Mechanisms with a Fast Initial Step 


It is possible, but not particularly straightforward, to derive the rate law for a mechanism 
in which an intermediate is a reactant in the rate-determining step. This situation arises 
in multistep mechanisms when the first step is fast and therefore not the rate-determining 
step. Let’s consider one example: the gas-phase reaction of nitric oxide (NO) with bromine 


(Br): 
2NO(g) + Bro(g) —> 2 NOBr(g) [14.26] 


The experimentally determined rate law for this reaction is second order in NO and first 
order in Bry: 


Rate = k{NO}*[Bro] [14.27] 


We seek a reaction mechanism that is consistent with this rate law. One possibility is that 
the reaction occurs in a single termolecular step: 


NO(g) + NO(g) + Bro(g) —> 2NOBr(g) Rate = k[NO]?[Bry] [14.28] 


As noted in Practice Exercise 2 of Exercise 14.13, this does not seem likely because termo- 
lecular processes are so rare. 
Let’s consider an alternative mechanism that does not involve a termolecular step: 


Step 1: NO(g) + Bro(g) — NOBr2(g) (fast) 
Step 2: NOBr(g) + NO(g) +“, 2 NOBr(g) (slow) [14.29] 


In this mechanism, step 1 involves two processes: a forward reaction and its reverse. 
Because step 2 is the rate-determining step, the rate law for that step governs the rate 
of the overall reaction: 


Rate = k,[ NOBr,|[NO] [14.30] 


Note that NOBr, is an intermediate generated in the forward reaction of step 1. Interme- 
diates are usually unstable and have a low, unknown concentration. Thus, the rate law of 
Equation 14.30 depends on the unknown concentration of an intermediate, which isn’t 
desirable. We want instead to express the rate law for a reaction in terms of the reactants, 
or the products if necessary, of the reaction. 

With the aid of some assumptions, we can express the concentration of the inter- 
mediate NOBr, in terms of the concentrations of the starting reactants NO and Brz. We 
first assume that NOBry is unstable and does not accumulate to any significant extent in 
the reaction mixture. Once formed, NOBr, can be consumed either by reacting with NO 
to form NOBr or by falling back apart into NO and Bry. The first of these possibilities is 
step 2 of our alternative mechanism, a slow process. The second is the reverse of step 1, a 
unimolecular process: 


NOBn(g) — NO(g) + Bro(g) 


Because step 2 is slow, we assume that most of the NOBr, falls apart according to this reac- 
tion. Thus, we have both the forward and reverse reactions of step 1 occurring much faster 
than step 2. Because they occur rapidly relative to step 2, the forward and reverse reactions 
of step 1 establish an equilibrium. As in any other dynamic equilibrium, the rate of the 
forward reaction equals that of the reverse reaction: 


kL NO][ Bry] = k_,[ NOBr]| 


Rate of forward reaction Rate of reverse reaction 


Solving for [NOBr], we have 


ky 
[NOBr] = —+[NO][Bry] 


=i 


Substituting this relationship into Equation 14.30, we have 


Rate = ky [NO][Br][NO] = k{NO}[Bro] 
-1 


693 


694 CHAPTER 14 Chemical Kinetics 


where the experimental rate constant k equals kjk, /k_;. This expression is consistent with 
the experimental rate law (Equation 14.27). Thus, our alternative mechanism (Equation 
14.29), which involves two steps but only unimolecular and bimolecular processes, is far 
more probable than the single-step termolecular mechanism of Equation 14.28. 


In general, whenever a fast step precedes a slow one, we can solve for the concentration 
of an intermediate by assuming that an equilibrium is established in the fast step. 


So far we have considered only three reaction mechanisms: one for a reaction that 
occurs in a single elementary step and two for simple multistep reactions where there is 
one rate-determining step. There are other more complex mechanisms, however. If you 
take a biochemistry class, for example, you will learn about cases in which the concentra- 
tion of an intermediate cannot be neglected in deriving the rate law. Furthermore, some 
mechanisms require a large number of steps, sometimes 35 or more, to arrive at a rate law 
that agrees with experimental data! 


= Sample Exercise 14.15 
Lt Deriving the Rate Law for a Mechanism with a Fast Initial Step 
Show that the following mechanism for Equation 14.26 also produces a rate law consistent with the experimentally observed one: 


ky 
Step 1: NO(g) + NO(g) = N202(g) (fast, equilibrium) 


Step 2: N202(8) + Bro(g) a NOBr(g) (slow) 


SOLUTION We solve for the concentration of the intermediate N20, by 
assuming that an equilibrium is established in step 1; thus, the 
rates of the forward and reverse reactions in step 1 are equal: 


k, [NO]? = ka[N203] 


Analyze We are given a mechanism with a fast initial step and 
asked to write the rate law for the overall reaction. 


Plan The rate law of the slow elementary step in a mechanism 


determines the rate law for the overall reaction. Thus, we first Solving for the concentration of the intermediate, N20%2, gives 
write the rate law based on the molecularity of the slow step. In kı 

this case, the slow step involves the intermediate N20; as a reac- [N,O,] = —[NO]? 

tant. Experimental rate laws, however, do not contain the con- ka 

centrations of intermediates; instead they are expressed in terms Substituting this expression into the rate expression gives 

of the concentrations of reactants, and in some cases products. k 

Thus, we must relate the concentration of N20; to the concentra- Rate = k HNOFP[Bn] = kK[NO] [Brz] 

tion of NO by assuming that an equilibrium is established in the ky 

first step. Thus, this mechanism also yields a rate law consistent with the 


Solve The second step is rate determining, so the overall rate is experimental one. Remember: There may be more than one 
mechanism that leads to an observed experimental rate law! 
Rate = ka[ N2O2][ Bro] 


> Practice Exercise Substances T and U are unstable intermediates. What rate law 
Consider the following hypothetical reaction: is predicted by this mechanism? 
2P + Q —> 2R + S. The following mechanism is proposed (a) Rate = k[P]? (b) Rate = k[P][Q] (©) Rate = k[P]*[Q] 
for this reaction: (d) Rate = k[P][Q]? (e) Rate = k[U] 


PIP = T (ea Sts) 
O e E = R (slow) 
WS ar S (ess) 


Self-Assessment Exercise 


14.33 For the reaction: 2 NO,(g) + F,(g) —> 2 NO,F(g) a two- What rate law is consistent with this mechanism? 
step mechanism was proposed with Step 1 as the rate- (a) Rate = k[NO,|[F,] 


determining step: 
8 step (b) Rate = K[NO;][F] 
NO, +F,—NO,F+F Step1 
(c) Rate = K[NO,]?[F,] 
NO, +F—NO,F Step2 
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a 
Exercises 


14.34 


14.35 


14.36 


14.7 


(a) Can an intermediate appear as a reactant in the first 
step of a reaction mechanism? (b) On a reaction energy 
profile diagram, is an intermediate represented as a peak or 
a valley? (c) If a molecule like Cl, falls apart in an elemen- 
tary reaction, what is the molecularity of the reaction? 


What is the molecularity of each of the following elemen- 
tary reactions? Write the rate law for each. 


(a) 2NO(g) — N202(8) 
CH, 
IN 
(b) HC — CH;(g) —> CH: =CH—CH;(8) 


(©) SO3(g) — SO2(g) + O(8) 
Consider the following energy profile. 


Potential energy 


Reaction progess 


(a) How many elementary reactions are in the reaction 
mechanism? (b) How many intermediates are formed in 
the reaction? (c) Which step is rate limiting? (d) For the 
overall reaction, is AE positive, negative, or zero? 


| Catalysis 


14.37 


14.38 


The decomposition of hydrogen peroxide is catalyzed by 
iodide ion. The catalyzed reaction is thought to proceed by 
a two-step mechanism: 


H202(aq) + I (aq) —> H20(1) + 10" (aq) 
IO (aq) + H202(4aq) —> H20(1) + O2(g) + I (aq) (fast) 
(a) Write the chemical equation for the overall process. 
(b) Identify the intermediate, if any, in the mechanism. 


(c) Assuming that the first step of the mechanism is rate 
determining, predict the rate law for the overall process. 


(slow) 


You have studied the gas-phase oxidation of HBr by O3: 


4HBr(g) + O2(g) —> 2H20(g) + 2 Brz(8) 


You find the reaction to be first order with respect to HBr 
and first order with respect to O2. You propose the follow- 
ing mechanism: 
HBr(g) + O2(g) —> HOOBr(g) 
HOOBr(g) + HBr(g) —> 2 HOBr(g) 
HOBr(g) + HBr(g) —> H20(5) + Brz(8) 


(a) Confirm that the elementary reactions add to give the 
overall reaction. (b) Based on the experimentally deter- 
mined rate law, which step is rate determining? (c) What 
are the intermediates in this mechanism? (d) If you are un- 
able to detect HOBr or HOOBr among the products, does 
this disprove your mechanism? 
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We have seen that the rate of a reaction is very dependent on the fraction of reacting 
molecules that have above a minimum amount of energy, the activation energy, and the 
rate increases rapidly as the temperature of the reaction increases. This allows us to per- 
form quite slow reactions simply by heating them. But what about a situation wherein 
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we cannot change the temperature? A healthy person maintains a body temperature 
of 37 + 0.5 °C, yet there is a myriad of very different chemical reactions that would be 
vanishingly slow under normal laboratory conditions at that temperature. The body 
employs a vast number of catalysts to facilitate these reactions while maintaining a con- 
stant temperature of 37 °C. Occasionally a person may not produce sufficient amount of 
a catalyst and supplementation may be needed; for example a diabetic may require insu- 
lin injections in order to metabolize blood sugars. 
By the end of this section, you should be able to 


e Explain the principles underlying catalysis. 


A catalyst is a substance that changes the speed of a chemical reaction with- 
out undergoing a permanent chemical change itself. Most reactions in the body, the 
atmosphere, and the oceans occur with the help of catalysts. Much industrial chemical 
research is devoted to the search for more effective catalysts for reactions of commercial 
importance. Extensive research efforts also are devoted to finding means of inhibiting or 
removing certain catalysts that promote undesirable reactions, such as those that cor- 
rode metals, age our bodies, and cause tooth decay. 


Homogeneous Catalysis 


A catalyst that is present in the same phase as the reactants in a reaction mixture is called 
a homogeneous catalyst. Examples abound both in solution and in the gas phase. 
Consider, for example, the decomposition of aqueous hydrogen peroxide, H,O,(aq), into 
water and oxygen: 


2H,O(aq) — 2H,O(I) + O,(g) [14.31] 


In the absence of a catalyst, this reaction occurs extremely slowly. Many substances are 
capable of catalyzing the reaction, however, including bromide ion, which reacts with 
hydrogen peroxide in acidic solution, forming aqueous bromine and water (Figure 14.21). 


2 Br (aq) + H,O.(aq) + 2H*(aq) —> Brz(aq) + 2 H20(1) [14.32] 


If this were the complete reaction, bromide ion would not be a catalyst because it under- 
goes chemical change during the reaction. However, hydrogen peroxide also reacts with 
the Br,(aq) generated in Equation 14.32: 


Br,(aq) + H202(aq) —> 2 Br (aq) + 2H*(aq) + O,(g) [14.33] 


The sum of Equations 14.32 and 14.33 is just Equation 14.31, a result that you can check 
for yourself. 

When the H20, has been completely decomposed, we are left with a colorless 
solution of Br (aq), which means that this ion is indeed a catalyst of the reaction 
because it speeds up the reaction without itself undergoing any net change. In con- 
trast, Br, is an intermediate because it is first formed (Equation 14.32) and then con- 
sumed (Equation 14.33). The color change we see in Figure 14.22 illustrates that the 
presence of intermediates can in some cases be readily detected. Neither the catalyst 
nor the intermediate appears in the equation for the overall reaction. Notice, how- 
ever, that the catalyst is present at the start of the reaction, whereas the intermediate is 
formed during the course of the reaction. 

How does a catalyst work? If we think about the general form of rate laws (Equa- 
tion 14.7, rate = k[A]”[B]”), we conclude that the catalyst must affect the numerical 
value of k, the rate constant. On the basis of the Arrhenius equation (Equation 14.21, 
k = Ae */8T) | kis determined by the activation energy (E,) and the frequency factor (A). 
A catalyst may affect the rate of reaction by altering the value of either E, or A. We can 
envision this happening in two ways: The catalyst could provide a new mechanism for 
the reaction that has an E, value lower than the E, value for the uncatalyzed reaction, 
or the catalyst could assist in the orientation of reactants and so increase A. The most 
dramatic catalytic effects come from lowering E,. As a general rule, a catalyst provides a 
different mechanism for the chemical reaction of lower overall activation energy. 

In the decomposition of hydrogen peroxide, for example, two successive reactions of 
H20,, first with bromide and then with bromine, take place. Because these two reactions 
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W TN TTI) Which species is responsible for the brownish color in the middle cylinder: 
HO», Bro, Na+, Br~, or O3? Is the brown substance a catalyst or an 
intermediate? 


O G 


NaBr catalyst about 
to be added to 
reaction mixture 


H202(aq) in 
acidic solution 


2 Br (ag) + HyO,(aq) + 2H*(aq) — Bra(aq) + H O2(a9) —> 
—> Br,(aq) + 2 H,O(1) 2 Br (aq) + 2 H* (ag) + O2(g) 
brown colorless bubbles 


A Figure 14.21 Homogeneous catalysis. Effect of catalyst on the speed of hydrogen peroxide 
decomposition to water and oxygen gas. 


together serve as a catalytic pathway for hydrogen peroxide decomposition, both of them 
must have significantly lower activation energies than the uncatalyzed decomposition 
(Figure 14.22). 


Heterogeneous Catalysis 


A heterogeneous catalyst is one that exists in a phase different from the phase of the 
reactant molecules, usually as a solid in contact with either gaseous reactants or reac- 
tants in a liquid solution. Many industrially important reactions are catalyzed by the 
surfaces of solids. For example, raw petroleum is transformed into smaller hydrocarbon 
molecules by using what are called “cracking” catalysts. Heterogeneous catalysts are 
often composed of metals or metal oxides. 

The initial step in heterogeneous catalysis is usually adsorption of reactants. 
(Adsorption refers to the binding of molecules to a surface, whereas absorption refers 
to the uptake of molecules into the interior of a substance.) Adsorption occurs because 
the atoms or ions at the surface of a solid are extremely reactive. Because the catalyzed 
reaction occurs on the surface, special methods are often used to prepare catalysts so 
that they have very large surface areas. Unlike their counterparts in the interior of the 
substance, surface atoms and ions have unused bonding capacity that can be used to 
bond molecules from the gas or solution phase to the surface of the solid. 
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> Figure 14.23 Heterogeneous 
catalysis. Mechanism for reaction 
of ethene with hydrogen on a 
catalytic surface. 


One free H attaches to 
CoH, to form CoHs (ethyl 
group) intermediate. 


D4 I How many steps are there in the catalyzed reaction? 


Uncatalyzed reaction 


2 H20, 
2 HO, + 2 Br +2 H* 


Potential energy 


2 H,O + O, + 
2Br +2H* 


Reaction progress 


A Figure 14.22 Energy profiles for the uncatalyzed and bromide-catalyzed decomposition of H203. 


The reaction of hydrogen gas with ethene gas to form ethane gas provides an exam- 
ple of heterogeneous catalysis: 


CoHy(g) + (3) — C2He(g) AF = —137 kJ/mol [14.34] 
Ethene Ethane 

Even though this reaction is exothermic, it occurs very slowly in the absence of a catalyst. In 
the presence of a finely powdered metal, however, such as nickel, palladium, or platinum, the 
reaction occurs easily at room temperature via the mechanism diagrammed in Figure 14.23. 
Both ethene and hydrogen are adsorbed on the metal surface. Upon adsorption, the H—H 
bond of H; breaks, leaving two H atoms initially bonded to the metal surface but relatively free 
to move. When a hydrogen encounters an adsorbed ethene molecule, it can form a o bond to 
one of the carbon atoms, effectively destroying the C— C r bond and leaving an ethyl group 
(C2H;) bonded to the surface via a metal-to-carbon ø bond. This ø bond is relatively weak, so 
when the other carbon atom also encounters a hydrogen atom, a sixth C—H ø bond is read- 
ily formed, and an ethane molecule (CH6) is released from the metal surface. 


ye 


D 


D He and C2H4 adsorb on 9 After H—H bond breaks, H atoms 
metal surface. migrate along metal surface. 


fà Second free H is about to attach to 
C2H5 intermediate to form CoHg. 


Ð Ethane, CoHg, desorbs from 
metal surface. 
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CHEMISTRY PUT TO WORK WACHAN 


Heterogeneous catalysis plays a major role in the fight against urban 
air pollution. Two components of automobile exhausts that help form 
photochemical smog are nitrogen oxides and unburned hydrocarbons. 
In addition, automobile exhaust may contain considerable quantities 
of carbon monoxide. Even with the most careful attention to engine 
design, it is impossible under normal driving conditions to reduce the 
quantity of these pollutants to an acceptable level in the exhaust gases. It 
is therefore necessary to remove them from the exhaust before they are 
vented to the air. This removal is accomplished in the catalytic converter. 

The catalytic converter, which is part of an automobile’s 
exhaust system, must perform two functions: (1) oxidation of CO 
and unburned hydrocarbons (C,H,) to carbon dioxide and water, 
and (2) reduction of nitrogen oxides to nitrogen gas: 


O 
CO, C,H, —> CO, + H,O 
NO, NO, — Np + O, 


These two functions require different catalysts, so the develop- 
ment of a successful catalyst system is a difficult challenge. The cat- 
alysts must be effective over a wide range of operating temperatures. 
They must continue to be active despite the fact that various compo- 
nents of the exhaust can block the active sites of the catalyst. And the 
catalysts must be sufficiently rugged to withstand exhaust gas turbu- 
lence and the mechanical shocks of driving under various conditions 
for thousands of miles. 

Catalysts that promote the combustion of CO and hydrocarbons 
are, in general, the transition-metal oxides and the noble metals. 
These materials are supported on a structure (Figure 14.24) that allows 
the best possible contact between the flowing exhaust gas and the 
catalyst surface. A honeycomb structure made from alumina (Al,03) 
and impregnated with the catalyst that is employed. Such catalysts 
operate by first adsorbing oxygen gas present in the exhaust gas. This 
adsorption weakens the O— O bond in Og, so that oxygen atoms are 
available for reaction with adsorbed CO to form CO ;. Hydrocarbon 
oxidation probably proceeds somewhat similarly, with the hydrocar- 
bons first being adsorbed followed by rupture of aC —H bond. 

Transition-metal oxides and noble metals are also the most 
effective catalysts for reduction of NO to N, and O}. The catalysts 
that are most effective in one reaction, however, are usually much 
less effective in the other. It is therefore necessary to have two cata- 
lytic components. 


Enzymes 


Catalytic converters contain remarkably efficient heteroge- 
neous catalysts. The automotive exhaust gases are in contact with 
the catalyst for only 100 to 400 ms, but in this very short time, 96% 
of the hydrocarbons and CO is converted to CO; and H2O, and the 
emission of nitrogen oxides is reduced by 76%. 

Although the exact combination of catalysts used varies from 
one catalytic converter to another, precious metals are an essential 
component of any catalytic converter. Platinum is very good at cat- 
alyzing the oxidation reactions and has good resistance to impurities 
such as lead, sulfur, and phosphorus that can poison or disable the 
catalyst. Palladium is a slightly less expensive alternative to platinum, 
but it is more sensitive to poisoning from impurities in the exhaust 
stream. Rhodium is the metal of choice for reduction of nitrogen 
oxides and has reasonable activity for the oxidation reactions. Unfor- 
tunately, it is even rarer and more expensive than platinum. Catalytic 
converters currently account for approximately 35% of the world’s 
use of platinum, 65% of palladium, and 95% of rhodium. Deposits of 
these metals tend to be concentrated in South Africa and Russia. 

Related Exercises: 14.31, 14.95, 14.43, 14.133 


Metal catalyst 
impregnated on high 
surface area alumina 
“honeycomb” 


A Figure 14.24 Cross section of a catalytic converter. 


W Go Figure 


Why is the reaction faster when the liver is 
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The human body is characterized by an extremely complex system of interre- 
lated chemical reactions, all of which must occur at carefully controlled rates 
to maintain life. A large number of marvelously efficient biological catalysts 
known as enzymes are necessary for many of these reactions to occur at suit- 
able rates. Most enzymes are large protein molecules with molecular weights 
ranging from about 10,000 to about 1 million u. They are very selective in the 
reactions they catalyze, and some are absolutely specific, operating for only 
one substance in only one reaction. The decomposition of hydrogen perox- 
ide, for example, is an important biological process. Because hydrogen perox- 
ide is strongly oxidizing, it can be physiologically harmful. For this reason, 
the blood and liver of mammals contain an enzyme, catalase, that catalyzes 
the decomposition of hydrogen peroxide into water and oxygen (Equation 
14.31). Figure 14.25 shows the dramatic acceleration of this chemical reaction 
by the catalase in beef liver. 

The reaction any given enzyme catalyzes takes place at a specific location 
in the enzyme called the active site. The substances that react at this site are 
called substrates. The lock-and-key model provides a simple explanation 


ground up? 


Catalase present in beef liver rapidly 
converts H20% to water and Oo. 


a 


Ground beef liver 


A Figure 14.25 Enzymes speed up reactions. 
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for the specificity of an enzyme (Figure 14.26). The substrate is pictured as fitting neatly 
into the active site, much like a key fits into a lock. 

Lysozyme is an enzyme that is important to the functioning of our immune system 
because it accelerates reactions that damage (or “lyse”) bacterial cell walls. Figure 14.27 
shows a model of the enzyme lysozyme without and with a bound substrate molecule. 

The combination of enzyme and substrate is called the enzyme-substrate complex. 
Although Figure 14.26 shows both the active site and its substrate as having a fixed shape, 
the active site is often fairly flexible and so may change shape as it binds the substrate. 
The binding between substrate and active site involves dipole-dipole attractions, hydro- 
gen bonds, and dispersion forces. 

As substrate molecules enter the active site, they are somehow activated so that they 
are capable of reacting rapidly. This activation process may occur, for example, by the 
withdrawal or donation of electron density from a particular bond or group of atoms in 
the enzyme’s active site. In addition, the substrate may become distorted in the process 
of fitting into the active site and made more reactive. Once the reaction occurs, the prod- 
ucts depart from the active site, allowing another substrate molecule to enter. 

The activity of an enzyme is destroyed if some molecule other than the substrate 
specific to that enzyme binds to the active site and blocks entry of the substrate. Such 
substances are called enzyme inhibitors. Nerve poisons and certain toxic metal ions, such 
as lead and mercury, are believed to act in this way to inhibit enzyme activity. Some 
other poisons act by attaching elsewhere on the enzyme, thereby distorting the active 
site so that the substrate no longer fits. 

Enzymes are enormously more efficient than nonbiochemical catalysts. The number 
of individual catalyzed reaction events occurring at a particular active site, called the turn- 
over number, is generally in the range of 10° to 10” per second. Such large turnover numbers 
correspond to very low activation energies. Compared with a simple chemical catalyst, 
enzymes can increase the rate constant for a given reaction by a millionfold or more. 


W. Teg Which molecules must bind more tightly to the active site, 
substrates or products? 


Substrate Products 
bow j * haat >h 4g 
Enzyme Enzyme-substrate Enzyme 

complex 


A Figure 14.26 Lock-and-key model for enzyme action. 


A Figure 14.27 Lysozyme was one of the first enzymes for which a structure-function relationship 
was described. This model shows how the substrate (yellow) “fits” into the active site of the 
enzyme. 
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CHEMISTRY AND LIFE (QUE HOH Toei hy. 


Nitrogen is one of the most essential elements in living organisms, 
found in many compounds vital to life, including proteins, nucleic 
acids, vitamins, and hormones. Nitrogen is continually cycling 
through the biosphere in various forms, as shown in Figure 14.28. 
For example, certain microorganisms convert the nitrogen in animal 
waste and dead plants and animals into N>(g), which then returns to 
the atmosphere. For the food chain to be sustained, there must be a 
means of converting atmospheric No(g) into a form plants can use. 


e "m @_ Nitrogen iñ 
P P -, atmosphere 
- @ 
-Sa 99" (Nd) 
e bad 


Plant and 
animal waste 


- Nitrite 
(NO, ) 


* 'Nittate (NO; ) 


A Figure 14.28 Simplified picture of the nitrogen cycle. 


> Figure 14.29 The FeMo-cofactor of 
nitrogenase. Nitrogenase is found in nodules 
in the roots of certain plants, such as the 
white clover roots shown at the left. The 
cofactor, which is thought to be the active 
site of the enzyme, contains seven Fe atoms 
and one Mo atom, linked by sulfur atoms. 
The molecules on the outside of the cofactor 
connect it to the rest of the protein. 


For this reason, if a chemist were asked to name the most important 
chemical reaction in the world, she might easily say nitrogen fixation, 
the process by which atmospheric N2(g) is converted into compounds 
suitable for plant use. Some fixed nitrogen results from the action of 
lightning on the atmosphere, and some is produced industrially us- 
ing a process we will discuss in Chapter 15. About 60% of fixed nitro- 
gen, however, is a consequence of the action of the remarkable and 
complex enzyme nitrogenase. This enzyme is not present in humans 
or other animals; rather, it is found in bacteria that 
live in the root nodules of certain plants, such as 
the legumes clover and alfalfa. 

Nitrogenase converts N; into NH3, a pro- 
cess that, in the absence of a catalyst, has a very 
large activation energy. This process is a reduc- 
tion reaction in which the oxidation state of N is 
reduced from 0 in N; to —3 in NH3. The mecha- 
nism by which nitrogenase reduces N3 is not fully 
understood. Like many other enzymes, including 
catalase, the active site of nitrogenase contains 
transition-metal atoms; such enzymes are called 
metalloenzymes. Because transition metals can 
readily change oxidation state, metalloenzymes 
are especially useful for effecting transformations 
in which substrates are either oxidized or reduced. 

It has been known for nearly 40 years that a 
portion of nitrogenase contains iron and molyb- 
denum atoms. This portion, called the FeMo- 
cofactor, is thought to serve as the active site of 
the enzyme. The FeMo-cofactor of nitrogenase is 
a cluster of seven Fe atoms and one Mo atom, all 
linked by sulfur atoms (Figure 14.29). 

It is one of the wonders of life that simple 
bacteria can contain beautifully complex and 
vitally important enzymes such as nitrogenase. 
Because of this enzyme, nitrogen is continually 
cycled between its comparatively inert role in the 
atmosphere and its critical role in living organ- 
isms. Without nitrogenase, life as we know it 
could not exist on Earth. 

Related Exercises: 14.45, 14.124, 14.125 


Nitrogen 


702 CHAPTER 14 Chemical Kinetics 


Self-Assessment Exercise 


14.39 True or false: catalysts increase the yield of a reaction. 


(a) True 
(b) False 
Exercises 

14.40 (a) Most commercial heterogeneous catalysts are extremely this be an advantage? In what ways a disadvantage? (c) 
finely divided solid materials. Why is particle size import- Why is the rate of flow of exhaust gases over a catalytic con- 
ant? (b) What role does adsorption play in the action of a verter important? 
heterogeneous catalyst? 14.44 Heterogeneous catalysts that perform hydrogenation reac- 

14.41 In solution, chemical species as simple as H* and OH~ tions, as illustrated in Figure 14.23, are subject to “poison- 
can serve as catalysts for reactions. Imagine you could ing,” which shuts down their catalytic ability. Compounds 
measure the [H*] of a solution containing an acid- of sulfur are often poisons. Suggest a mechanism by which 
catalyzed reaction as it occurs. Assume the reactants and such compounds might act as poisons. 
products themselves are neither acids nor bases. Sketch the 14.45 The enzyme urease catalyzes the reaction of urea 

+ + . , 

[H ] concentration profile you would Measure as A func- (NH2CONH3), with water to produce carbon dioxide and 
tion of time for the reaction, assuming t = 0 is when you ammonia. In water, without the enzyme, the reaction pro- 
add a drop of acid to the reaction. ceeds with a first-order rate constant of 4.15 x 107 s7! at 

14.42 The addition of NO accelerates the decomposition of N20, 100°C. In the presence of the enzyme in water, the reaction 
possibly by the following mechanism: proceeds with a rate constant of 3.4 x 104s"! at 21°C. (a) 


Write out the balanced equation for the reaction catalyzed b 
NO(g) + N2O0(g) — Na2(g) + NO2(g) urease. (b) If the rate of tie catalyzed reaction were ae an 

2NO2(g) — > 2NO(g) + O2(g) at 100 °C as it is at 21 °C, what would be the difference in the 
activation energy between the catalyzed and uncatalyzed 
reactions? (c) In actuality, what would you expect for the 
rate of the catalyzed reaction at 100 °C as compared to that 
at 21 °C? (d) On the basis of parts (c) and (d), what can you 
conclude about the difference in activation energies for the 
catalyzed and uncatalyzed reactions? 


(a) What is the chemical equation for the overall reaction? 
Show how the two steps can be added to give the overall 
equation. (b) Is NO serving as a catalyst or an intermedi- 
ate in this reaction? (c) If experiments show that during 
the decomposition of N,0, NO, does not accumulate in 


measurable quantities, does this rule out the proposed 
mechanism? 14.46 Suppose that a certain biologically important reaction 


is quite slow at physiological temperature (37 °C) in the 
absence of a catalyst. Assuming that the collision fac- 
tor remains the same, by how much must an enzyme 
lower the activation energy of the reaction to achieve a 
1 X 105 fold increase in the reaction rate? 


14.43 (a) If you were going to build a system to check the effec- 
tiveness of catalytic converters on cars, what substances 
would you want to look for in the car exhaust? (b) Car cat- 
alytic converters have to work at high temperatures, as hot 
exhaust gases stream through them. In what ways could 
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V7 
P Sample Integrative Exercise 
D Putting Concepts Together 


Formic acid (HCOOH) decomposes in the gas phase at elevated temperatures as 


follows: on 
HCOOH(g) — CO,(g) + Ho(g) z 
The uncatalyzed decomposition reaction is determined to be first order. A graph 5 HCOOH(g) alone 
of the partial pressure of HCOOH versus time for decomposition at 838 K is 0) 
shown as the red curve in Figure 14.30. When a small amount of solid ZnO is T 
added to the reaction chamber, the partial pressure of acid versus time varies as 3 
shown by the blue curve in Figure 14.30. 2 HCOOH(g) 
È with ZnO(s) 
(a) Estimate the half-life and first-order rate constant for formic acid decomposition. 
(b) What can you conclude from the effect of added ZnO on the decomposition 0 500 . 1000 1500 
. Time (s) 
of formic acid? 
(c) The progress of the reaction was followed by measuring the partial pressure A Figure 14.30 Variation in pressure of HCOOH(g) 
of formic acid vapor at selected times. Suppose that, instead, we had plot- as a function of time at 838 K. 


ted the concentration of formic acid in units of mol/L. What effect would this have had on the calculated value of k? 
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(d) The pressure of formic acid vapor at the start of the reaction is 40 kPa. Assuming constant temperature and ideal-gas 
behavior, what is the pressure in the system at the end of the reaction? If the volume of the reaction chamber is 436 cm?, 
how many moles of gas occupy the reaction chamber at the end of the reaction? 


(e) The standard heat of formation of formic acid vapor is AH? 


—378.6 kJ/mol. Calculate A H° for the overall reaction. If 


the activation energy (E,) for the reaction is 184 kJ/mol, sketch an approximate energy profile for the reaction, and label 


E, AH’, and the transition state. 


SOLUTION 


(a) The initial pressure of HCOOH is 40 kPa. On the graph we 
move to the level at which the partial pressure of HCOOH is 
20 kPa, half the initial value. This corresponds to a time of about 
6.60 X 107s, which is therefore the half-life. The first-order rate 
constant is given by Equation 14.17: 
k = 0.693/t,2 = 0.693/660s = 1.05 x 103s}. 


(b) The reaction proceeds much more rapidly in the presence of 
solid ZnO, so the surface of the oxide must be acting as a cat- 
alyst for the decomposition of the acid. This is an example of 
heterogeneous catalysis. 


(c) Ifwe had graphed the concentration of formic acid in units of 
moles per liter, we would still have determined that the half-life 
for decomposition is 660 s, and we would have computed the 
same value for k. Because the units for k are s~}, the value for k is 
independent of the units used for concentration. 


(d) According to the stoichiometry of the reaction, two moles of 
product are formed for each mole of reactant. When reaction 
is completed, therefore, the pressure will be 80 kPa, just twice 
the initial pressure, assuming ideal-gas behavior. (Because we 
are working at quite high temperature and fairly low gas pres- 
sure, assuming ideal-gas behavior is reasonable.) The number 
of moles of gas present can be calculated using the ideal-gas 
equation: 

PV (80 kPa)(0.436 L) 


n 5 5.00 x 10™ mol 
RT (8.314 m° Pa/mol K)(838 K) 


(e) We first calculate the overall change in energy, AH’, as in 
AH? = AHf(CO-(8)) + AH}P(H2(8)) — AHP(HCOOH(8)) 

—393.5 kJ/mol + 0 — (-378.6 kJ/mol) 

—14.9 kJ/mol 


From this and the given value for E,, we can draw an approximate 
energy profile for the reaction, in analogy to Figure 14.16. 


Transition state 
L 


Potential energy 


Reaction progress 
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INTRODUCTION TOKINETICS (INTRODUCTION AND SECTION 14.1) 
Chemical kinetics is the area of chemistry in which reaction rates are 
studied. Factors that affect reaction rate are the physical state of the 
reactants; concentration; temperature; and the presence of catalysts. 


REACTION RATES (SECTION 14.2) Reaction rates are usually 
expressed as changes in concentration per unit time: Typically, for 
reactions in solution, rates are given in units of molarity per second 
(M/s). For most reactions, a plot of molarity versus time shows that 
the rate slows down as the reaction proceeds. The instantaneous rate 
is the slope of a line drawn tangent to the concentration-versus-time 
curve at a specific time. Rates can be written in terms of the appear- 
ance of products or the disappearance of reactants; the stoichiometry 
of the reaction dictates the relationship between rates of appearance 
and disappearance. 


RATES AND CONCENTRATION (SECTION 14.3) The quantitative 
relationship between rate and concentration is expressed by a rate 
law, which usually has the following form: 


Rate = k[reactant 1]”[reactant 2]”... 


The constant k in the rate law is called the rate constant; the expo- 
nents m, n, and so forth are called reaction orders for the reactants. 
The sum of the reaction orders gives the overall reaction order. Reac- 
tion orders must be determined experimentally. The units of the 


rate constant depend on the overall reaction order. For a reaction 
in which the overall reaction order is 1, k has units of s~}; for one in 
which the overall reaction order is 2, k has units of M7! s71. 

Spectroscopy is one technique that can be used to monitor the 
course of a reaction. According to Beer’s law, the absorption of elec- 
tromagnetic radiation by a substance at a particular wavelength is di- 
rectly proportional to its concentration. 


CONCENTRATION AND TIME (SECTION 14.4) Rate laws can be 
used to determine the concentrations of reactants or products at any 
time during a reaction. In a first-order reaction the rate is proportional 
to the concentration of a single reactant raised to the first power: 
Rate = k[A]. In such cases the integrated form of the rate law is 
In[A], = —kt + In[A]o, where [A], is the concentration of reactant A 
at time t, kis the rate constant, and [ A]ọ is the initial concentration of 
A. Thus, for a first-order reaction, a graph of In[A] versus time yields a 
straight line of slope —k. 

A second-order reaction is one for which the overall reaction order 
is 2. If a second-order rate law depends on the concentration of only 
one reactant, then rate = k[A]’, and the time dependence of [A] is 
given by the integrated form of the rate law: 1/[A]; = 1/[A]o + kt. 
In this case, a graph of 1/[ A]; versus time yields a straight line. A zero- 
order reaction is one for which the overall reaction order is 0. Rate = k 
if the reaction is zero order. 
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The half-life of a reaction, t,/2, is the time required for the con- 
centration of a reactant to drop to one-half of its original value. For 
a first-order reaction, the half-life depends only on the rate constant 
and not on the initial concentration: tı;2 = 0.693/k. The half-life of 
a second-order reaction depends on both the rate constant and the 
initial concentration of A: tyj2 = 1/(k[A]o). 


THE EFFECT OF TEMPERATURE ON RATES (SECTION 14.5) The 
collision model, which assumes that reactions occur as a result of col- 
lisions between molecules, helps explain why the magnitudes of rate 
constants increase with increasing temperature. The greater the kinetic 
energy of the colliding molecules, the greater is the energy of collision. 
The minimum energy required for a reaction to occur is called the 
activation energy, E,. A collision with energy E, or greater can cause the 
atoms of the colliding molecules to reach the activated complex (or tran- 
sition state), which is the highest energy arrangement in the pathway 
from reactants to products. Even if a collision is energetic enough, it 
may not lead to reaction; the reactants must also be correctly oriented 
relative to one another in order for a collision to be effective. 

Because the kinetic energy of molecules depends on tem- 
perature, the rate constant of a reaction is very dependent on 
temperature. The relationship between k and temperature is given 
by the Arrhenius equation: k = Ae ™™/T, The term A is called the fre- 
quency factor; it relates to the number of collisions that are favorably 
oriented for reaction. The Arrhenius equation is often used in loga- 
rithmic form: Ink = InA — E,/RT. Thus, a graph of In k versus 1/T 
yields a straight line with slope —E,/R. 


REACTION MECHANISMS (SECTION 14.6) A reaction mechanism 
details the individual steps that occur in the course of a reaction. 
Each of these steps, called elementary reactions, has a well-defined 
rate law that depends on the number of molecules (the molecularity) 
of the step. Elementary reactions are defined as either unimolecular, 


bimolecular, or termolecular, depending on whether one, two, or three 
reactant molecules are involved, respectively. Termolecular elemen- 
tary reactions are very rare. Unimolecular, bimolecular, and termo- 
lecular reactions follow rate laws that are first order overall, second 
order overall, and third order overall, respectively. 

Many reactions occur by a multistep mechanism, involving two 
or more elementary reactions, or steps. An intermediate is produced 
in one elementary step and is consumed in a later elementary step, 
therefore it does not appear in the overall equation for the reaction. 
When a mechanism has several elementary steps, the overall rate is 
limited by the slowest elementary step, called the rate-determining 
step. A fast elementary step that follows the rate-determining step will 
have no effect on the rate law of the reaction. A fast step that precedes 
the rate-determining step often creates an equilibrium that involves 
an intermediate. For a mechanism to be valid, the rate law predicted 
by the mechanism must be the same as that observed experimentally. 


CATALYSTS (SECTION 14.7) A catalyst is a substance that increases 
the rate of a reaction without undergoing a net chemical change itself. 
It does so by providing a different mechanism for the reaction, one 
that has a lower activation energy. A homogeneous catalyst is one that is 
in the same phase as the reactants. A heterogeneous catalyst has a differ- 
ent phase from the reactants. Finely divided metals are often used as 
heterogeneous catalysts for solution- and gas-phase reactions. Reacting 
molecules can undergo binding, or adsorption, at the surface of the cat- 
alyst. The adsorption of a reactant at specific sites on the surface makes 
bond breaking easier, lowering the activation energy. Catalysis in living 
organisms is achieved by enzymes, large protein molecules that usu- 
ally catalyze a very specific reaction. The specific reactant molecules 
involved in an enzymatic reaction are called substrates. The site of the 
enzyme where the catalysis occurs is called the active site. In the lock-and- 
key model for enzyme catalysis, substrate molecules bind very specifically 
to the active site of the enzyme, after which they can undergo reaction. 


Learning Outcomes after studying this chapter, you should be able to: 


e List the factors that affect the rate of chemical reactions. 
(Section 14.1) Related Exercises: 14.2, 14.63 


e Determine the rate of a reaction by measuring the concentra- 
tion of a reactant or product as a function of time. (Section 14.2) 
Related Exercises: 14.5, 14.6, 14.64, 14.65 


° Relate the rate of formation of products and the rate of disap- 
pearance of reactants given the balanced chemical equation for 
the reaction. (Section 14.2) 

Related Exercises: 14.7, 14.8, 14.66, 14.67 


e Explain the form and meaning of a rate law, including the ideas 
of reaction order and rate constant. (Section 14.3) 
Related Exercises: 14.11, 14.13, 14.68, 14.69 


e Determine the rate law and rate constant for a reaction from a 
series of experiments given the measured rates for various con- 
centrations of reactants. (Section 14.3) 

Related Exercises: 14.14, 14.15, 14.71, 14.72 


e Apply the integrated form of a rate law to determine the concen- 
tration of a reactant at a given time. (Section 14.4) 
Related Exercises: 14.21, 14.75, 14.76 


e Apply the relationship between the rate constant of a first-order 
reaction and its half-life. (Section 14.4) 
Related Exercises: 14.20, 14.75, 14.109, 14.110 


e Determine the order of a reaction from a table of reactant con- 
centration as a function of time. (Section 14.4) 
Related Exercises: 14.23, 14.24, 14.78, 14.79 


e Explain how the activation energy affects a rate and be able to 
use the Arrhenius equation. (Section 14.5) 
Related Exercises: 14.31, 14.32, 14.84, 14.85 


e Predict a rate law for a reaction having a multistep mechanism 
given the individual steps in the mechanism. (Section 14.6) 
Related Exercises: 14.37, 14.38, 14.90, 14.91 


e Explain the principles underlying catalysis. (Section 14.7) 
Related Exercises: 14.40, 14.92-14.94 


Key Equations 


1 A[A] 1 A[B] 1 A[C] 1 ALD] 
nee EA b At c At d At [t44] 
* Rate = K[A]"[B]" [14.7] 
e In{A], — In[A]o = -kt or In L O [14.12] 
i [Alo 


Definition of reaction rate in terms of the components of the bal- 
anced chemical equation a A + bB —> cC + dD 


General form of a rate law for the reaction A + B —> products 


The integrated form of a first-order rate law for the reaction 
A — products 


1 1 
© — = kt + — 14.14 
[Al [Alo ee 
e [A]; = -kt + [A]o [14.16] 
k 
e k= Ae f/RT [14.21] 
e Ink= Ea ina 14.22 
nk = RT n [14.22] 
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The integrated form of a second-order rate law for the reaction 
A —> products 


The integrated form of a zero-order rate law for the reaction 
A —> products 


Relating the half-life and rate constant for a first-order reaction 


The Arrhenius equation, which expresses how the rate constant 
depends on temperature 


Logarithmic form of the Arrhenius equation 


a 


Exercises 


Visualizing Concepts 


14.47 


14.48 


An automotive fuel injector dispenses a fine spray of 
gasoline into the automobile cylinder, as shown in the 
bottom drawing here. When an injector gets clogged, as 
shown in the top drawing, the spray is not as fine or even 
and the performance of the car declines. How is this ob- 
servation related to chemical kinetics? [Section 14.1] 


Consider the following graph of the concentration of a 
substance X over time. Is each of the following statements 
true or false? (a) X is a product of the reaction. (b) The 
rate of the reaction remains the same as time progresses. 
(c) The average rate between points 1 and 2 is greater than 
the average rate between points 1 and 3. (d) As time pro- 
gresses, the curve will eventually turn downward toward 
the x-axis. [Section 14.2] 


Time 


14.49 You study the rate of a reaction, measuring both the con- 
centration of the reactant and the concentration of the 
product as a function of time, and obtain the following 
results: 


Concentration 


Time 


(a) Which chemical equation is consistent with these 
data: 


(i) A — B, (ti) B — A, (iii) A — 2B, 
(iv) B — 2A? 


(b) Write equivalent expressions for the rate of the reac- 
tion in terms of the appearance or disappearance of 
the two substances. [Section 14.2] 


14.50 Suppose that for the reaction K + L —> M, you moni- 
tor the production of M over time, and then plot the fol- 
lowing graph from your data: 


[M] 
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(a) From t = 0 to t = 15 min, what can you tell about 
the reaction rate? (b) How does the reaction change at 
t = 15 min? (c) Suppose the reaction as plotted here were 
started with 0.30 mol K and 0.40 mol L. After 20 min, an 
additional 0.10 mol K are added to the reaction mixture. 
Which of the following correctly describes how the plot 
would look from t = 20 min to t = 30 min? (i) [M] would 
remain at the same constant value it has at t = 20 min, 
(ii) [M] decreases and reaches 0 at t = 25 min, or (iii) [M] 
would increase with the same slope as t = 0 to 15 min, 
until t = 25 min at which point the plot becomes hori- 
zontal again. 


14.51 The following diagrams represent mixtures of NO(g) and 
O2(8). These two substances react as follows: 


2NO(g) + O(g) — 2.NO.(g) 


It has been determined experimentally that the rate is 
second order in NO and first order in Oy. Based on this 
fact, which of the following mixtures will have the fastest 
initial rate? [Section 14.3] 


a ® əl @ 
AAA E 
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14.52 A friend studies a first-order reaction and obtains the 
following three graphs for experiments done at two dif- 
ferent temperatures. (a) Which two graphs represent 
experiments done at the same temperature? What ac- 
counts for the difference in these two graphs? In what 
way are they the same? (b) Which two graphs represent 
experiments done with the same starting concentration 
but at different temperatures? Which graph probably 
represents the lower temperature? How do you know? 
[Section 14.4] 


In [A] 


Time 


14.53 (a) Given the following diagrams at t = 0 min and 
t = 30 min, what is the half-life of the reaction if it follows 
first-order kinetics? 


(b) After four half-life periods for a first-order reaction, 
what fraction of reactant remains? [Section 14.4] 


14.54 Which of the following linear plots do you expect for a 
reaction A —> products if the kinetics are (a) zero order, 
(b) first order, or (c) second order? [Section 14.4] 


(i) (ii) 


In[A] 
In[A] 


Time Time 
(iii) (iv) 
JN £ Pa 
Ty = 
q Fa 
Time Time 
(v) (vi) 
< ae < Pa 
Time Time 


14.55 The following diagram shows a reaction profile. Label the 
components indicated by the boxes. [Section 14.5] 


Energy 


Reaction progress 


14.56 The accompanying graph shows plots of In k versus 1/T 


for two different reactions. The plots have been extrapo- 
lated to the y-intercepts. Which reaction (red or blue) has 
(a) the larger value for E,, and (b) the larger value for the 
frequency factor, A? [Section 14.5] 
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14.59 Based on the following reaction profile, how many 


intermediates are formed in the reaction A —> C? 
How many transition states are there? Which step, 
A —> BorB —> C, is the faster? For the reaction 
A — C, is AE positive, negative, or zero? [Section 14.6] 


Ink 


Potential energy 
> 


17T Reaction progress 


14.60 Draw a possible transition state for the bimolecular reac- 
tion depicted here. (The blue spheres are nitrogen atoms, 
and the red ones are oxygen atoms.) Use dashed lines to 
represent the bonds that are in the process of being bro- 
ken or made in the transition state. [Section 14.6] 


I - gay — Pl% t O 


14.61 The following diagram represents an imaginary two-step 
mechanism. Let the red spheres represent element A, the 
green ones element B, and the blue ones element C. (a) 
Write the equation for the net reaction that is occurring. 
(b) Identify the intermediate. (c) Identify the catalyst. 
[Sections 14.6 and 14.7] 


q P Ga os 
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14.62 Draw a graph showing the reaction pathway for an over- 
all exothermic reaction with two intermediates that are 
produced at different rates. On your graph indicate the 
reactants, products, intermediates, transition states, and 
activation energies. [Sections 14.6 and 14.7] 


14.57 The following graph shows two different reaction path- 
ways for the same overall reaction at the same tempera- 
ture. Is each of the following statements true or false? 
(a) The rate is faster for the red path than for the blue 
path. (b) For both paths, the rate of the reverse reaction 
is slower than the rate of the forward reaction. (c) The en- 
ergy change AE is the same for both paths. [Section 14.6] 


Potential energy 


Reaction progress 


14.58 Consider the diagram that follows, which represents two 
steps in an overall reaction. The red spheres are oxygen, 
the blue ones nitrogen, and the green ones fluorine. 
(a) Write the chemical equation for each step in the re- 
action. (b) Write the equation for the overall reaction. 
(c) Identify the intermediate in the mechanism. (d) Write 
the rate law for the overall reaction if the first step is the 
slow, rate-determining step. [Section 14.6] 


@ i 
-0-9 — +@ 
Pa "i 


Reaction Rates (Sections 14.1 and 14.2) 


14.63 (a) What are the units usually used to express the rates of 

reactions occurring in solution? (b) As the temperature 

@ increases, does the reaction rate increase or decrease? 

(c) As a reaction proceeds, does the instantaneous reac- 
tion rate increase or decrease? 


14.64 Consider the following hypothetical aqueous reaction: 
A(aq) — B(aq). A flask is charged with 0.065 mol of Aina 
total volume of 100.0 mL. The following data are collected: 


ET) T; 20 Time (min) 0 10 20 30 40 


Moles of A 0.065 0.051 0.042 0.036 0.031 
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(a) Calculate the number of moles of B at each time in 
the table, assuming that there are no molecules of B at 
time zero and that A cleanly converts to B with no inter- 
mediates. (b) Calculate the average rate of disappearance 
of A for each 10 min interval in units of M/s. (c) Between 
t = Omin and t = 30 min, what is the average rate of ap- 
pearance of B in units of M/s? Assume that the volume of 
the solution is constant. 


The isomerization of methyl isonitrile (CH3NC) to aceto- 
nitrile (CH3CN) was studied in the gas phase at 215 °C, 
and the following data were obtained: 


Time (s) [CH3NC] (M) 
(0) 0.0165 
2000 0.0110 
5000 0.00591 
8000 0.00314 
12,000 0.00137 
15,000 0.00074 


(a) Calculate the average rate of reaction, in M/s, for the 
time interval between each measurement. (b) Calculate 
the average rate of reaction over the entire time of the 
data from t = 0 to t = 15,000 s. (c) Which is greater, the 
average rate between t = 2000 and t = 12,000 s, or be- 
tween t = 8000 and t = 15,000 s? (d) Graph [CH;NC] 
versus time and determine the instantaneous rates in M/s 
att = 5000s and t = 8000s. 


For each of the following gas-phase reactions, indicate 
how the rate of disappearance of each reactant is related 
to the rate of appearance of each product: 


(a) CO(g) + H,O(g) —> CO2(g) + H2(8) 
(b) 2NO(g) + Clo(g) —> 2 NOCI(g) 

(c) CH4(8) + 2 O2(g) —> CO2(g) + 2 H20(g) 
(d) N204(g) —> 2 NO2(8) 


(a) Consider the combustion of hydrogen, 2 H2(8) + 
Oo(g) —> 2H20(3). If hydrogen is burning at a rate of 
0.5 mol/s, what is the rate of consumption of oxygen? 
What is the rate of formation of water vapor? (b) The 
reaction 2 NO(g) + Cl2(g) —> 2 NOCI(g) is carried out 
in a closed vessel. If the partial pressure of NO is decreasing 
at the rate of 60 kPa/min, what is the rate of change of the 
total pressure of the vessel? 


Rate Laws (Section 14.3) 


14.68 


14.69 


A reaction A + B —> C obeys the following rate law: 
Rate = k[A]°. (a) If [B] is doubled, how will the rate 
change? Will the rate constant change? (b) What are the 
reaction orders for A and B? What is the overall reaction 
order? (c) What are the units of the rate constant? 


Consider the following reaction: 


2NO(g) + 2H2(8) — N2(g) + 2 H20(g) 

(a) The rate law for this reaction is first order in H; and 
second order in NO. Write the rate law. (b) If the rate 
constant for this reaction at 1000 K is 6.0 x 10*M~?s 1, 
what is the reaction rate when [NO] = 0.035 M and 
[H2] = 0.015 M? (c) What is the reaction rate at 1000 K 
when the concentration of NO is increased to 0.10 M, 
while the concentration of H; is 0.010 M? (d) What is the 
reaction rate at 1000 K if [NO] is decreased to 0.010 M and 
[H2] is increased to 0.030 M? 


14.70 


14.71 


14.72 


14.73 


Consider the following reaction: 
C2H;Cl(aq) + OH (aq) —> C,H;OH(aq) + Cl (aq) 


The rate law for this reaction is first order in C2HsCl and 
first order in OH~. When [CHCl] = 4.0 x 10°M 
and [OH7] = 2.5 x 107? M, the reaction rate at 310 K 
is 5.20 Xx 107? M/s. (a) What is the value of the rate 
constant? (b) What are the units of the rate constant? 
(c) What would happen to the rate if the concentration of 
OH” were cut in half? (d) What would happen to the rate 
if the concentration of both reactants were cut in half? 


The iodide ion reacts with hypochlorite ion (the active 
ingredient in chlorine bleaches) in the following way: 
Ocl” + I> — > OI + Cl. This rapid reaction gives 
the following rate data: 


[0C17] (M) [17] (M) Initial Rate (M/s) 
LS OR 1S < 108 LIE < 10 
3.0 x 10° 1.5 x 10% 2.72 x 10-4 
Is-10 30 < 10° 272 x 10” 


(a) Write the rate law for this reaction. (b) Calculate the 
rate constant with proper units. (c) Calculate the rate 
when [OCI] = 2.0 x 10° Mand [I7] = 5.0 x 1074M. 
The following data were measured for the reaction 
BF3(g) + NH3(g) —> F3BNHs3(g): 


Experiment [BF] (M) [NH3](M) Initial Rate (M/s) 
1 0.250 0.250 0.2130 
2 0.250 0.125 0.1065 
3 0.200 0.100 0.0682 
4 0.350 0.100 0.1193 
5 0.175 0.100 0.0596 


(a) What is the rate law for the reaction? (b) What is 
the overall order of the reaction? (c) Calculate the rate 
constant with proper units? (d) What is the rate when 
[BF;] = 0.100 M and [NH3] = 0.500 M? 


Consider the gas-phase reaction between nitric oxide and 
bromine at 273°C:2 NO(g) + Bro(g) —— 2 NOBr(g). 
The following data for the initial rate of appearance of 
NOBr were obtained: 


Experiment [NO](M)  [Br2](M)__ Initial Rate (M/s) 
1 0.10 0.20 24 
2 0.25 0.20 150 
3 0.10 0.50 60 
4 0.35 0:50 735 


(a) Determine the rate law. (b) Calculate the average value 
of the rate constant for the appearance of NOBr from the 
four data sets. (c) How is the rate of appearance of NOBr 
related to the rate of disappearance of Brz? (d) What is the 
rate of disappearance of Br when [NO] = 0.075 M and 
[Brn] = 0.25M? 


Change of Concentration with Time (Section 14.4) 


14.74 (a) Develop an equation for the half-life of a zero-order 


reaction. (b) Does the half-life of a zero-order reaction 
increase, decrease, or remain the same as the reaction 
proceeds? 


14.75 


14.76 


14.77 


14.78 


14.79 


Consider the reaction 2 CyH¢(g) —> CgHj(g), the rate 
constant at 500 K is 1.4 x 102 M~! s™! and the initial 
concentration of A is 0.020 M. (a) What is the order of 
the reaction? (b) What is the half-life for this reaction? 
(c) How much C4H¢(g) will remain after 1 hour at the same 
temperature? 


The first-order rate constant for the decomposition of 
N2Os, 2 N205(g) —> 4NO2(g) + O(g), at 70°C is 
6.82 x 10%s"!. Suppose we start with 0.0250 mol of 
N2Os(g) in a volume of 2.0 L. (a) How many moles of 
N20; will remain after 5.0 min? (b) How many minutes 
will it take for the quantity of N20; to drop to 0.010 mol? 
(c) What is the half-life of N20; at 70 °C ? 


The reaction SO,Cl,(g) —> SO,(g) + Clo(g) is first 
order in SO2Cly. Using the following kinetic data, de- 
termine the magnitude and units of the first-order rate 
constant: 


Time (s) Pressure S0,Cl, (kPa) 
0 101.3 kPa 
2500 95.95 kPa 
5000 90.69 kPa 
7500 85.92 kPa 
10,000 81.36 kPa 


Consider the data in Exercise 14.64. (a) By using 
appropriate graphs, determine the reaction order with re- 
spect to A. (b) How long will it take to consume 90% of A 
initially present in the flask? 


The gas-phase decomposition of NO, 2 NO2(g) —> 
2NO(g) + Oo(g), is studied at 383 °C, giving the follow- 
ing data: 


Time (s) [N02] (M) 
0.0 0.100 
5.0 0.017 

10.0 0.0090 
15.0 0.0062 
20.0 0.0047 


(a) Is the reaction first order or second order with respect 
to the concentration of NO}? (b) What is the rate con- 
stant? (c) Predict the reaction rates at the beginning of the 
reaction for initial concentrations of 0.200 M, 0.100 M, 
and 0.050 M NO>. 


Temperature and Rate (Section 14.5) 


14.80 


14.81 


14.82 


14.83 


(a) In which of the following reactions would you expect 
the orientation factor to be more important in leading to 
reaction: O3 + O —> 20, or NO + NO; —> 2NO,? 
(b) What is related to the orientation factor? Which, smaller 
or larger ratio of effectively oriented collisions to all possible 
collisions, would lead to a smaller orientation factor? 


Calculate the fraction of molecules in a sample of nitro- 
gen gas at 300 K that has an energy of 10.0 kJ or greater. 


The gas-phase reaction Cl(g) + HBr(g) > HCl(g) + Br(g) 
has an overall energy change of —66 kJ. The activation en- 
ergy for the reaction is 7 kJ. (a) Sketch the energy profile 
for the reaction, and label E, and AE. (b) What is the acti- 
vation energy for the reverse reaction? 


Indicate whether each statement is true or false. 

(a) If you compare two reactions with similar collision 
factors, the one with the larger activation energy will 
be faster. 


14.84 


14.85 
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(b) A reaction that has a small rate constant must have a 
small frequency factor. 


(c) Increasing the reaction temperature increases the 
fraction of successful collisions between reactants. 


Based on their activation energies and energy changes 
and assuming that all collision factors are the same, rank 
the following reactions from slowest to fastest. 


(a) E, = 75 kJ/mol; AE = —20kJ/mol 
(b) E, = 100 kJ/mol; AE = +30kJ/mol 
(c) E, = 85 kJ/mol; AE = —50kJ/mol 


(a) A certain first-order reaction has a rate constant of 
2.75 x 107? s™! at 20 °C. What is the value of k at 60°C 
if Ea = 75.5 kJ/mol ? (b) Another first-order reaction also 
has a rate constant of 2.75 X 10? s™! at 20°C. What is 
the value of k at 60°C if E, = 125 kJ/mol? (c) What as- 
sumptions do you need to make in order to calculate an- 
swers for parts (a) and (b)? 


The rate of the reaction 


CH3COOC3H;(aq) + OH” (aq) —> CH3COO (aq) + C2HsOH(aq) 


was measured at several temperatures, and the following 
data were collected: 


Temperature (°C) k(M s~’) 
15 0.0521 

25 0.101 

35 0.184 

45 0.332 


Calculate the value of E, by constructing an appropriate 
graph. 


Reaction Mechanisms (Section 14.6) 


14.87 


14.88 


14.89 


(a) What is meant by the term elementary reaction? 
(b) What is the difference between a unimolecular and 
a bimolecular elementary reaction? (c) What is a reac- 
tion mechanism? (d) What is meant by the term rate- 
determining step? 

What is the molecularity of each of the following elemen- 
tary reactions? Write the rate law for each. 

(a) H,O() + CN (aq) —> HCN(aq) 

(b) CH3Cl(solv) + OH (solv) —> CH30H(solv) + Cl (solv) 
(© N2048) > 2 NO, 

(a) Based on the following reaction profile, how many 
intermediates are formed in the reaction A —> D? 
(b) How many transition states are there? (c) Which step 


is the fastest? (d) For the reaction A —> D, is AE posi- 
tive, negative, or zero? 


Potential energy 


Reaction progress 
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The following mechanism has been proposed for the gas- 
phase reaction of Hs with ICI: 


H2(8) + ICl(g) —> HI(g) + HCI(g) 

HI(g) + ICI(g) — In(g) + HCI(g) 
(a) Write the balanced equation for the overall reaction. 
(b) Identify any intermediates in the mechanism. (c) If 
the first step is slow and the second one is fast, which rate 
law do you expect to be observed for the overall reaction? 


The reaction 2 NO(g) + Cl2(g) —— 2 NOCI(g) was per- 
formed and the following data were obtained under con- 
ditions of constant [ Cl, ]: 


1/[NO] 


(under conditions 
of constant [Cl,]) 


Time 


(a) Is the following mechanism consistent with the data? 
NO(g) + Cl,(g) == NOCL(g) (fast) 
NOCIh(g) + NO(g) —> 2NOCI(g) (slow) 


(b) Does the linear plot guarantee that the overall rate 
law is second order? 


Catalysis (Section 14.7) 


14.92 


14.93 


(a) What is a catalyst? (b) What is the difference between 
a homogeneous and a heterogeneous catalyst? (c) Do cat- 
alysts affect the overall enthalpy change for a reaction, 
the activation energy, or both? 


In Figure 14.21, we saw that Br (aq) catalyzes the decom- 
position of H,O2(aq) into H,O(/) and O2(g). Suppose that 
some KBr(s) is added to an aqueous solution of hydrogen 


14.94 


14.95 


14.96 


14.97 


14.98 


peroxide. Make a sketch of [Br~ (aq) ] versus time from 
the addition of the solid to the end of the reaction. 


The oxidation of SO; to SO; is accelerated by NO». The re- 
action proceeds according to: 


NO2(8) + SO2(g) —> NO(g) + SO3(g) 
2NO(g) + O2(g) —> 2.NO,(g) 


(a) Show that, with appropriate coefficients, the two reac- 
tions can be summed to give the overall oxidation of SO2 
by O; to give SO}. (b) Do we consider NO, a catalyst or an 
intermediate in this reaction? (c) Would you classify NO 
as a catalyst or as an intermediate? (d) Is this an example 
of homogeneous catalysis or heterogeneous catalysis? 


Many metallic catalysts, particularly the precious-metal 
ones, are often deposited as very thin films on a substance 
of high surface area per unit mass, such as alumina (Al,03) 
or silica (SiO2). (a) Why is this an effective way of utiliz- 
ing the catalyst material compared to having powdered 
metals? (b) How does the surface area affect the rate of 
reaction? 


When D; reacts with ethene (C2H4) in the presence of 
a finely divided catalyst, ethane with two deuteriums, 
CH,D—CH,D, is formed. (Deuterium, D, is an isotope 
of hydrogen of mass 2.) Very little ethane forms in which 
two deuteriums are bound to one carbon (for example, 
CH3— CHD). Use the sequence of steps involved in the 
reaction (Figure 14.23) to explain why this is so. 


A certain enzyme catalyzes a biochemical reaction. In 
water, without the enzyme, the reaction proceeds with a 
rate constant of 6.50 x 10-*min‘! at 37 °C. In the pres- 
ence of the enzyme in water, the reaction proceeds with a 
rate constant of 1.67 X 10‘min at 37 °C. Assuming the 
collision factor is the same for both situations, calculate 
the difference in activation energies for the uncatalyzed 
versus enzyme-catalyzed reaction. 


The activation energy of an uncatalyzed reaction is 
95 kJ/mol. The addition of a catalyst lowers the activa- 
tion energy to 55 kJ/mol. Assuming that the collision 
factor remains the same, by what factor will the catalyst 
increase the rate of the reaction at (a) 25 °C, (b) 125 °C? 


Additional Exercises 
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14.100 


Consider the reaction 2 A —> B. Is each of the following 
statements true or false? (a) The rate law for the reaction must 
be, Rate = k[A]*. (b) If the reaction is an elementary reac- 
tion, the rate law is second order. (c) If the reaction is an ele- 
mentary reaction, the rate law of the reverse reaction is first 
order. (d) The activation energy for the reverse reaction must 
be smaller than that for the forward reaction. 


Hydrogen sulfide (H2S) is a common and troublesome 
pollutant in industrial wastewaters. One way to remove 
H3S is to treat the water with chlorine, in which case the 
following reaction occurs: 


H,S(aq) + Cl(aq) —> S(s) + 2H*(aq) + 2 Cl (aq) 


The rate of this reaction is first order in each reactant. 
The rate constant for the disappearance of H,S at 30 °C is 
4.0 x 10°? M~! s™!. If ata given time the concentration of 
H,S is 2.5 xX 1074M and that of Cl, is 2.0 x 107? M, what 
is the rate of formation of H*? 
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The reaction 2 NO(g) + O(g) —> 2NO,(g) is second 
order in NO and first order in O2. When [NO] = 0.040 M, 
and [O,] = 0.035 M, the observed rate of disappearance 
of NO is 9.3 x 10° M/s. (a) What is the rate of disappear- 
ance of O; at this moment? (b) What is the value of the 
rate constant? (c) What are the units of the rate constant? 
(d) What would happen to the rate if the concentration 
of NO were increased by a factor of 1.8? 


You perform a series of experiments for the reaction A —> 2B 
and find that the rate law has the form, rate = k[ A}*. Deter- 
mine the value of x in each of the following cases: (a) The 
rate increases by a factor of 6.25, when [A]p is increased by 
a factor of 2.5. (b) There is no rate change when [A |p is in- 
creased by a factor of 4. (c) The rate decreases by a factor of 
1/2, when [A ]g is cut in half. 

Consider the following reaction between mercury(I) 
chloride and oxalate ion: 


2 HgCl,(aq) + C202 (aq) —> 2Cl (aq) + 2CO.(g) + Hg2Clo(s) 


The initial rate of this reaction was determined for several 
concentrations of HgCl, and C2047, and the following rate 
data were obtained for the rate of disappearance of C204? : 


Experiment [HgCl2] (M) [C,0,2-](M) Rate (M/s) 
1 0.164 0.15 BD O 
2 0.164 0.45 2.9 x 107+ 
3 0.082 0.45 TAE On, 
4 0.246 0.15 4.8 x 105 


(a) What is the rate law for this reaction? (b) What is the 
value of the rate constant with proper units? (c) What is 
the reaction rate when the initial concentration of HgCl, 
is 0.100 M and that of C204% is 0.25 M if the temperature 
is the same as that used to obtain the data shown? 


14.104 The following kinetic data are collected for the initial rates 
of a reaction 2X + Z —> products: 


Experiment [X]o(M) [Z]o(M) Rate (M/s) 
1 025 0.25 4.0 x 10! 
2 0.50 0.50 3.2 x 10? 
3 0.50 0.75 12 WO? 


(a) What is the rate law for this reaction? (b) What is the 
value of the rate constant with proper units? (c) What is 
the reaction rate when the initial concentration of X is 
0.75 M and that of Z is 1.25 M? 


14.105 The dimerization of CF, to C4Fg has a rate constant 
k = 0.045 M~'s~! at 450 K. (a) Based on the unit of k, 
what is the reaction order in C,F,? (b) If the initial concen- 
tration of CF, is 0.100 M, how long would it take for the 
concentration to decrease to 0.020 M at 450 K? 


14.106 Consider two reactions. Reaction (1) has a half-life that 
gets longer as the reaction proceeds. Reaction (2) has a 
half-life that gets shorter as the reaction proceeds. What 
can you conclude about the rate laws of these reactions 
from these observations? 


14.107 Fora first order reaction A —> B + C, if the half-life of A 
at 25 °C is 3.05 X 10*s, what is the rate constant k at this 
temperature? What percentage of A will not have reacted 
after one day? 

14.108 (a) The reaction C12H22011(4q) + H2O (1) > C6H1206(aq) + 
CoH 20¢(aq) is first order with in C,2H220,;(aq) and 
zero-order in H2O. At 300 K the rate constant equals 
3.30 x 10min. Calculate the half-life at this tem- 
perature. (b) If the activation energy for this reaction is 
80.0 kJ/mol, at what temperature would the reaction rate 
be doubled? 


14.109 Cobalt-60 is used in radiation therapy to treat cancer. 
It has a first-order rate constant for radioactive decay of 
k = 1.31 x 10`! yr}. Another radioactive isotope, iron- 
59, which is used as a tracer in the study of iron metabolism, 
has a rate constant of k = 1.55 x 10° day™!. (a) What are 
the half-lives of these two isotopes? (b) Which one decays at 
a faster rate? (c) How much of a 1.00 mg sample of each iso- 
tope remains after three half-lives? How much of a 1.00 mg 
sample of each isotope remains after five days? 


14.110 Urea (NH2CONH),) is the end product in protein metabo- 
lism in animals. The decomposition of urea in 0.1 M HCl 
occurs according to the reaction 


NH,CONH)2(aq)+H *(aq) +2 H2O(1) —> 2 NH; (aq) + HCO; (aq) 


14.111 


14.112 
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The reaction is first order in urea and first order overall. 
When [NH,CONH,] = 0.200M, the rate at 61.05°C 
is 8.56 X 10° M/s. (a) What is the rate constant, k? 
(b) What is the concentration of urea in this solution af- 
ter 4.00 x 10's if the starting concentration is 0.500 M? 
(c) What is the half-life for this reaction at 61.05 °C ? 


The rate of a first-order reaction is followed by spectroscopy, 
monitoring the absorbance of a colored reactant at 520 nm. 
The reaction occurs in a 1.00 cm sample cell, and the only 
colored species in the reaction has an extinction coefficient 
of 5.60 xX 10? M~! cm! at 520 nm. (a) Calculate the initial 
concentration of the colored reactant if the absorbance is 
0.605 at the beginning of the reaction. (b) The absorbance 
falls to 0.250 at 30.0 min. Calculate the rate constant in 
units of s~!. (c) Calculate the half-life of the reaction. 
(d) How long does it take for the absorbance to fall to 0.100? 


A colored dye compound decomposes to give a colorless 
product. The original dye absorbs at 608 nm and has an 
extinction coefficient of 4.7 x 10*M~!cm‘! at that wave- 
length. You perform the decomposition reaction in a 1-cm 
cuvette in a spectrometer and obtain the following data: 


Time (min) Absorbance at 608 nm 
0 1.254 
30 0.941 
60 0.752 
90 0.672 
120 0.545 


From these data, determine the rate law for the reaction 
“dye —— product” and determine the rate constant. 


Cyclopentadiene (C5H6) reacts with itself to form dicy- 
clopentadiene (Cj9H,2). A 0.0400 M solution of C;H¢ 
was monitored as a function of time as the reaction 
2 CsH¢ —> CoH 2 proceeded. The following data were 
collected: 


Time (s) [C5H6] (M) 
0.0 0.0400 
50.0 0.0300 
100.0 0.0240 
150.0 0.0200 
200.0 0.0174 


Plot [C;H6] versus time, ln[C;H6] versus time, and 
1/[CsHg6] versus time. (a) What is the order of the reaction? 
(b) What is the value of the rate constant? 


The first-order rate constant for reaction of a particular 
organic compound with water varies with temperature as 
follows: 


Temperature (K) Rate Constant (s~') 


300 a2 x10! 
320 1.0 x 10° 
340 3.0 x 10°8 
355 2.4 x 107 


From these data, calculate the activation energy in units 
of kJ/mol. 

At 25 °C, raw milk sours in 6.0 h but takes 60 h to sour 
in a refrigerator at 5 °C. Estimate the activation energy in 
kJ/mol for the reaction that leads to the souring of milk. 


712 


14.116 


14.117 


14.118 


14.119 


14.120 


14.121 


CHAPTER 14 Chemical Kinetics 


The following mechanism has been proposed for the reac- 
tion of NO with H; to form N2O and H20: 


NO(g) + NO(g) — N202(8) 
N202(8) + H2(g) — N20(g) + H20(g) 


(a) Show that the elementary reactions of the proposed 
mechanism add to provide a balanced equation for the re- 
action. (b) Write a rate law for each elementary reaction in 
the mechanism. (c) Identify any intermediates in the mech- 
anism. (d) The observed rate law is rate = k[ NO]?[H)]. If 
the proposed mechanism is correct, what can we conclude 
about the relative speeds of the first and second reactions? 


Ozone in the upper atmosphere can be destroyed by the 
following two-step mechanism: 


Cl(g) + O3(g) —> ClO(g) + O2(3) 
ClO(g) + O(g) —> Cl(g) + O2(8) 


(a) What is the overall equation for this process? (b) What 
is the catalyst in the reaction? (c) What is the intermedi- 
ate in the reaction? 


The gas-phase decomposition of ozone is thought to oc- 
cur by the following two-step mechanism. 


O3(g) == O2(g) + O(8) 
O(g) + O3(g) — 2 O2(g) 


Step 1: (fast) 


Step 2: (slow) 


(a) Write the balanced equation for the overall reaction. 
(b) Derive the rate law that is consistent with this mecha- 
nism. (Hint: The product appears in the rate law.) (c) Is O 
a catalyst or an intermediate? (d) If instead the reaction 
occurred in a single step, would the rate law change? If so, 
what would it be? 


The following mechanism has been proposed for the gas- 
phase reaction of chloroform (CHCl;) and chlorine: 


kı 
Step 1: Cl(&) == 2Cl(g) (fast) 


Step 2: Cl(g) + CHCl3(g) +“, HCl(g) + CCl3(g) (slow) 


Step 3: Cl(g) + CCl(g) “> CCl, (fast) 


(a) What is the overall reaction? (b) What are the intermedi- 
ates in the mechanism? (c) What is the molecularity of each 
of the elementary reactions? (d) Whatis the rate-determining 
step? (e) What is the rate law predicted by this mechanism? 
(Hint: The overall reaction order is not an integer.) 


Consider the hypothetical reaction 2A +B—>2C+D. 
The following two-step mechanism is proposed for the re- 
action: 

Step 1: A+ B —> C+X 

Step 2: A+ X —>C+D 
X is an unstable intermediate. (a) What is the predicted 
rate law expression if Step 1 is rate determining? (b) What 
is the predicted rate law expression if Step 2 is rate deter- 
mining? (c) Your result for part (b) might be considered 
surprising for which of the following reasons: (i) The con- 
centration of a product is in the rate law. (ii) There is a 
negative reaction order in the rate law. (iii) Both reasons 
(i) and (ii). (iv) Neither reasons (i) nor (ii). 


In a hydrocarbon solution, the gold compound 
(CH3)3AuPH3 decomposes into ethane (CH6) and a 
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different gold compound, (CH3)AuPH3. The following 
mechanism has been proposed for the decomposition of 
(CH3)3AuPH3: 


kı 
Step 1: (CH3); AuPH3 = (CH3)3Au + PH3 (fast) 


Step 2: (CH3);Au —2> C,H, + (CH;)Au (slow) 


Step 3: (CH3)Au + PH; —*> (CH;)AuPH; (fast) 


(a) What is the overall reaction? (b) What are the inter- 
mediates in the mechanism? (c) What is the molecu- 
larity of each of the elementary steps? (d) What is the 
rate-determining step? (e) What is the rate law predict- 
ed by this mechanism? (f) What would be the effect 
on the reaction rate of adding PH; to the solution of 
(CH3)3AuPH3? 


Platinum nanoparticles of diameter ~2 nm are import- 
ant catalysts in carbon monoxide oxidation to carbon 
dioxide. Platinum crystallizes in a face-centered cubic 
arrangement with an edge length of 392.4 pm. (a) Esti- 
mate how many platinum atoms would fit into a 2.0-nm 
sphere; the volume of a sphere is (4/3)ar°. Recall that 
1pm = 1 x 10`!?m and 1nm = 1 x 10°’ m. (b) Esti- 
mate how many platinum atoms are on the surface of 
a 2.0-nm Pt sphere, using the surface area of a sphere 
(4mr7) and assuming that the “footprint” of one Pt atom 
can be estimated from its atomic diameter of 280 pm 
(c) Using your results from (a) and (b), calculate the per- 
centage of Pt atoms that are on the surface of a 2.0-nm 
nanoparticle. (d) Repeat these calculations for a 5.0-nm 
platinum nanoparticle. (e) Which size of nanoparticle 
would you expect to be more catalytically active and 
why? 


The human body is characterized by an extremely complex 
system of interrelated chemical reactions. A large number 
of enzymes are necessary for many of these reactions to 
occur at suitable rates. Enzymes are very selective in the 
reactions they catalyze, and some are absolutely specific. 
Use the lock-and-key model to account for the specificity 
of an enzyme. 


Suppose that, in the absence of a catalyst, a certain bio- 
chemical reaction occurs x times per second at normal 
body temperature (37 °C). In order to be physiologically 
useful, the reaction needs to occur 5000 times faster than 
when it is uncatalyzed. By how many kJ/mol must an en- 
zyme lower the activation energy of the reaction to make 
it useful? 


Enzymes are often described as following the two-step 
mechanism: 

E+S = ES (fast) 

ES — > E +P (slow) 


where E = enzyme, S = substrate, 
ES = enzyme-substrate complex, and P = product. 


(a) If an enzyme follows this mechanism, what rate law 
is expected for the reaction? (b) Molecules that can bind 
to the active site of an enzyme but are not converted into 
product are called enzyme inhibitors. Write an additional 
elementary step to add into the preceding mechanism to 
account for the reaction of E with I, an inhibitor. 
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14.126 


The rate of the reaction 4 PH3(g) — P4(g) + 6 H2(g) was 
studied by charging PH,(g) into a constant-volume reac- 
tion vessel and measuring the total pressure. 


Time (s) 0 30 60 90 120 


Pota (KPa) 13.3 18.5 
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20.9 22.1 22.8 


Determine the reaction order and also the rate constant 
for the reaction. 


The reaction between ethyl iodide and hydroxide ion in 
ethanol (C,H;OH) solution, C2H;I(alc) + OH (alc) —> 
C2H5;OH(1) + I (alc) has an activation energy of 
86.8 kJ/mol and a frequency factor of 2.1 x 10"%M"!s"!, 
(a) Predict the rate constant for the reaction at 30°C. 
(b) A solution of KOH in ethanol is made up by dissolv- 
ing 0.500 g KOH in ethanol to form 500 mL of solution. 
Similarly, 1.500 g of C,H, is dissolved in ethanol to form 
500 mL of solution. Equal volumes of the two solutions are 
mixed. Assuming the reaction is first order in each reac- 
tant, what is the initial rate at 30 °C? (c) Which reagent in 
the reaction is limiting, assuming the reaction proceeds to 
completion? (d) Assuming the frequency factor and acti- 
vation energy do not change as a function of temperature, 
calculate the rate constant for the reaction at 40 °C. 


You obtain kinetic data for a reaction at a set of different 
temperatures. You plot In k versus 1/T and obtain the fol- 
lowing graph: 


Ink 


1/T 


Suggest a molecular-level interpretation of these unusual 
data. 


The gas-phase reaction of NO with F, to form NOF and F 
has an activation energy of E, = 6.3 kJ/mol. and a fre- 
quency factor of A = 6.0 x 108 M7! s™!. The reaction is 
believed to be bimolecular: 


NO(g) + Fx(g) —> NOF(g) + F(g) 


(a) Calculate the rate constant at 100°C. (b) Draw the 
Lewis structures for the NO and the NOF molecules, giv- 
en that the chemical formula for NOF is misleading be- 
cause the nitrogen atom is actually the central atom in 
the molecule. (c) Predict the shape for the NOF molecule. 
(d) Draw a possible transition state for the formation of 
NOF using dashed lines to indicate the weak bonds that 
are beginning to form. (e) Suggest a reason for the low ac- 
tivation energy for the reaction. 


The mechanism for the oxidation of HBr by O2 to form 
2 H2O and Bry is shown in Exercise 14.38. (a) Calculate the 
overall standard enthalpy change for the reaction pro- 
cess. (b) HBr does not react with O, at a measurable rate 
at room temperature under ordinary conditions. What 
can you infer from this about the magnitude of the acti- 
vation energy for the rate-determining step? (c) Draw a 
plausible Lewis structure for the intermediate HOOBr. To 
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what familiar compound of hydrogen and oxygen does it 
appear similar? 


The rates of many atmospheric reactions are accelerated 
by the absorption of light by one of the reactants. For ex- 
ample, consider the reaction between methane and chlo- 
rine to produce methyl chloride and hydrogen chloride: 


Reaction 1: CHy(g) + Clo(g) —> CH3Cl(g) + HCl(g) 


This reaction is very slow in the absence of light. However, 
Cl,(g) can absorb light to form Cl atoms: 


Reaction 2: Cl,(g) + hv — > 2Cl(g) 


Once the Cl atoms are generated, they can catalyze the 
reaction of CH; and Cl), according to the following pro- 
posed mechanism: 

Reaction 3: CH4(g) + Cl(g) ——> CH3(g) + HCl(g) 
Reaction 4: CH3(g) + Cl2(g) ——> CH3Cl(g) + Cl(g) 


The enthalpy changes and activation energies for these 
two reactions are tabulated as follows: 


Reaction AH°(kJ/mol) E, (kJ/mol) 
3 +4 17 
4 —109 4 


(a) By using the bond enthalpy for Cl, (Table 8.4), de- 
termine the longest wavelength of light that is ener- 
getic enough to cause reaction 2 to occur. In which 
portion of the electromagnetic spectrum is this light 
found? (b) By using the data tabulated here, sketch a 
quantitative energy profile for the catalyzed reaction 
represented by reactions 3 and 4. (c) By using bond en- 
thalpies, estimate where the reactants, CH4(g) + Clo(g), 
should be placed on your diagram in part (b). Use 
this result to estimate the value of E, for the reaction 
CH,(g) + Clo(g) —> CH3(g) + HCl(g) + Cl(g). (d) The 
species Cl(g) and CH3(g) in reactions 3 and 4 are radicals, 
that is, atoms or molecules with unpaired electrons. Draw 
a Lewis structure of CH3, and verify that it is a radical. 
(e) The sequence of reactions 3 and 4 comprises a radi- 
cal chain mechanism. Why do you think this is called a 
“chain reaction”? Propose a reaction that will terminate 
the chain reaction. 


Many primary amines, RNH2, where R is a carbon- 
containing fragment such as CH3,CH3CH>, and so on, 
undergo reactions where the transition state is tetrahe- 
dral. (a) Draw a hybrid orbital picture to visualize the 
bonding at the nitrogen in a primary amine (just use a C 
atom for “R”). (b) What kind of reactant with a primary 
amine can produce a tetrahedral intermediate? 


The NO, waste stream from automobile exhaust includes 
species such as NO and NO3. Catalysts that convert 
these species to N, are desirable to reduce air pollution. 
(a) Draw the Lewis dot and VSEPR structures of NO, NO», 
and N3. (b) Using a resource such as Table 8.3, look up the 
energies of the bonds in these molecules. In what region 
of the electromagnetic spectrum are these energies? (c) 
Design a spectroscopic experiment to monitor the con- 
version of NO, into No, describing what wavelengths of 
light need to be monitored as a function of time. 


As shown in Figure 14.23, the first step in the heteroge- 
neous hydrogenation of ethene is adsorption of the 
ethene molecule on a metal surface. One proposed 
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explanation for the “sticking” of ethene to a metal surface 
is the interaction of the electrons in the C—C 7a bond 
with vacant orbitals on the metal surface. (a) If this no- 


metal surface, and, if so, how strongly would ethane bind 
compared to ethene? (b) Based on its Lewis structure, 
would you expect ammonia to adsorb to a metal surface 


tion is correct, would ethane be expected to adsorb to a 


Design an Experiment 


Let’s explore the chemical kinetics of our favorite hypothetical re- 
action: a A+ bB —>cC+dD. We shall assume that all the sub- 
stances are soluble in water and that we carry out the reaction in 
aqueous solution. Substances A and C both absorb visible light, 
and the absorption maxima are 510 nm for A and for 640 nm for 
C. Substances B and D are colorless. You are provided with pure 
samples of all four substances and you know their chemical formu- 
las. You are also provided appropriate instrumentation to obtain 
visible absorption spectra (see the Closer Look box on using spec- 
troscopic methods in Section 14.3). Let’s design an experiment to 
ascertain the kinetics of our reaction. (a) What experiments could 


using a similar explanation as for ethene? 


you design to determine the rate law and the rate constant for the 
reaction at room temperature? Would you need to know the values 
of the stoichiometric constants a and c in order to find the rate law? 
(b) Design an experiment to determine the activation energy for 
the reaction. What challenges might you face in actually carrying 
out this experiment? (c) You now want to test whether a particu- 
lar water-soluble substance Q is a homogeneous catalyst for the 
reaction. What experiments can you carry out to test this notion? 
(d) If Q does indeed catalyze the reaction, what follow-up experi- 
ments might you undertake to learn more about the reaction pro- 
file for the reaction? 


To be in equilibrium is to be in a state of balance. A tug of war in which the two sides pull 
with equal force so that the rope does not move is an example of a static equilibrium, one 
in which an object is at rest. Equilibria can also be dynamic, whereby a forward process 
and the reverse process take place at the same rate so that no net change occurs. Team 
sports that allow player substitutions (rugby, water polo, and soccer for example) are ex- 
amples of dynamic equilibria. The number of players ‘in play’ is always constant, but they 
are not always the same players because of the substitutions that are allowed, 
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We have already encountered several examples of dynamic equilibrium involving 
physical changes of matter, including vapor pressure, the formation of saturated solu- 
tions, and Henry’s law. Consider vapor pressure as an illustrative example. In a closed 
container, the pressure of a vapor above a liquid stops changing when the rate at which 
molecules escaping from the liquid into the gas phase equals the rate at which molecules 
from the gas phase are captured by and reenter the liquid. 

Just like evaporation and condensation, or dissolution and crystallization, chemical 
reactions can run in the forward and reverse directions. If the reverse reaction is suffi- 
ciently slow, we can neglect it altogether, as we have done in reactions we’ve encoun- 
tered up to this point, but there are many important examples where we must consider 
the rates of both forward and reverse reactions. 


Chemical equilibrium occurs when the forward and 
reverse reactions proceed at equal rates. 


When a reaction is at equilibrium, the rate at which the products form from the reac- 
tants equals the rate at which the reactants form from the products. As a result, concen- 
trations cease to change, and the reaction appears to stop before it reaches completion. 

In this and the next two chapters, we will explore chemical equilibrium in detail. 
Later, in Chapter 19, we will learn how to relate chemical equilibria to thermodynamics. 
Here, we learn how to express the equilibrium state of a reaction in quantitative terms 
and study the factors that determine the relative concentrations of reactants and prod- 
ucts in equilibrium mixtures. 

At the end of this section, you should be able to 


e Explain what is meant by chemical equilibrium and how it relates to reaction rates 


Let’s examine a simple chemical reaction to see how it reaches an equilibrium state—a 
mixture of reactants and products whose concentrations no longer change with time. 
We begin with N2Og, a colorless substance that dissociates to form brown NO3. Figure 15.1 
shows a sample of frozen N20; inside a sealed tube. The solid N20, becomes a gas as it is 
warmed above its boiling point (21.2 °C), and the gas turns darker as the colorless N20, 
gas dissociates into brown NO, gas. Eventually, even though there is still N20; in the 
tube, the color stops getting darker because the system reaches equilibrium. We are left 
with an equilibrium mixture of N20, and NO; in which the concentrations of the gases no 
longer change as time passes. Because the reaction is in a closed system, no gases escape, 
and the equilibrium mixture can be maintained. 

The equilibrium mixture results because the reaction is reversible: N20, can form 
NO, and NO, can form N04. Dynamic equilibrium is represented by writing the equa- 
tion for the reaction with two half arrows pointing in opposite directions: 


N2O4(§) == 2 NO3(g) [15.1] 
Colorless Brown 
We can analyze this equilibrium using our knowledge of kinetics. Let’s call the 
decomposition of N20; the forward reaction and the formation of N20; the reverse reac- 
tion. In this case, both the forward reaction and the reverse reaction are elementary reac- 
tions. As we learned in Section 14.6, the rate laws for elementary reactions can be written 
from their chemical equations: 


Forward reaction: N,O4(g) ——> 2 NO2(g) Rater = kp[N2O4] [15.2] 
Reverse reaction: 2 NO2(g) —> N»2O,(g) Rate, = k,[NO,]* [15.3] 


At equilibrium, the rate at which NO, forms in the forward reaction equals the rate 
at which N20; forms in the reverse reaction: 


k{N2014] = k,[NO2]? [15.4] 
Forward reaction Reverse reaction 
Rearranging this equation gives 
[NO]? k 


A = z= a constant [15.5] 
274 T 
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VY Go Figure If you were to let the tube on the right sit overnight and then take another 
picture, would the brown color look darker, lighter, or the same? 


Frozen NO, sample On warming, the N204 Colors stop changing when equilibrium is 
is nearly colorless. becomes a gas and reached: rate of forward reaction 
partially dissociates to N204( 9) —> 2 NOo(Qg) = rate of reverse 


form brown NOo(g). reaction 2 NOo(g) —> N204(9). 
©) A Figure 15.1 The equilibrium between NO; and N3204. 


From Equation 15.5, we see that the quotient of two rate constants is another con- 
stant, which as we will learn is called the equilibrium constant. We also see that, at 
equilibrium, the ratio of the concentration terms equals this same constant. It makes 
no difference whether we start with N20; or with NO», or even with some mix- 
ture of the two. At equilibrium, at a given temperature, the ratio equals a specific 
value. Thus, there is an important constraint on the proportions of N20, and NO; at 
equilibrium. 

Once equilibrium is established, the concentrations of N20, and NO, no longer 
change, as shown in Figure 15.2(a). However, the fact that the composition of the equi- 
librium mixture remains constant with time does not mean that N20, and NO, stop 
reacting. On the contrary, the equilibrium is dynamic—which means some N20; is 
always converting to NO, and some NO; is always converting to N204,. At equilibrium, 
however, the two processes occur at the same rate, as shown in Figure 15.2(b). 

We learn several important lessons about equilibrium from this example: 


e At equilibrium, the concentrations of reactants and products no longer change 
with time. 

e For equilibrium to occur, neither reactants nor products can escape from the 
system. 

e At equilibrium, a particular ratio of concentration terms equals a constant. 
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VY CAA why does the rate of the forward reaction slow down as the 
reaction proceeds? 


S 
AS) 
E 2 

[æ ETA © aes 

D Equilibrium aq Equilibrium 
S achieved achieved 
UO (concentrations (rates are equal) 

stop changin 
0 P ging) 0 
Time —~ Time —> 
(a) (b) 


A Figure 15.2 Achieving chemical equilibrium in the N.0,(g) ——> 2N0,(g) reaction. Equilibrium 
occurs when the rate of the forward reaction equals the rate of the reverse reaction. 


Self-Assessment Exercise 


15.1 Which of the following variables are equal when the (a) k-andk, 
N204(g) == 2 NO,(g) reaction reaches equilibrium? (b) the forward and reverse reaction rates 
(c) the concentrations of [N,O,] and [NO,] 


Exercise 
15.2 Suppose that the gas-phase reactions A —> B and (a) What is the value of the equilibrium constant for the 
B —> Aare both elementary processes with rate constants equilibrium A(g) = — B(g)? (b) Which is greater at equilib- 
of 2.5 x 10’ min™ and 2.5 x 107! min, respectively. rium, the partial pressure of A or the partial pressure of B? 
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SECTION 15.2 The Equilibrium Constant 


Imagine yourself as a research chemist synthesizing a compound in the laboratory. 
Before you start a synthesis you need to consider the stoichiometry of the reaction you 
are undertaking to determine how much of each chemical you need, what solvent would 
be appropriate to use as well as the rate at which the reaction occurs and whether you 
will need to employ heat or add a catalyst. In addition, you might have to consider if the 
reaction is an equilibrium and how that will affect the yield of your desired product. 

In this section, we see that equilibria can be quantified. By the end of this section, 
you should be able to 


e Write the equilibrium expression for any reaction 


e Convert K, to K, and vice versa. 


A reaction in which reactants convert to products and products convert to reactants in 
the same reaction vessel naturally leads to an equilibrium, regardless of how complicated 
the reaction is and regardless of the nature of the kinetic processes for the forward and 
reverse reactions. Consider the synthesis of ammonia from nitrogen and hydrogen: 


No(g) + 3 Ho(g) == 2 NHa(g) [15.6] 


This reaction is the basis for the Haber process, which is critical for the production of 
fertilizers and therefore critical to the world’s food supply. In the Haber process, Nz and 
H3 react at high pressure and temperature in the presence of a catalyst to form ammonia. 
In a closed system, however, the reaction does not lead to complete consumption of the 
Nz and H3. Rather, at some point the reaction appears to stop, with all three components 
of the reaction mixture present at the same time. 

How the concentrations of H2, Nz, and NH; vary with time is shown in Figure 15.3. 
Notice that an equilibrium mixture is obtained regardless of whether we begin with 
Nz and H; or with NH3. The equilibrium condition is reached from either direction. 

An expression similar to Equation 15.5 governs the concentrations of N3, Ho, 
and NH; at equilibrium. If we were to systematically change the relative amounts of the 
three gases in the starting mixture and then analyze each equilibrium mixture, we could 
determine the relationship among the equilibrium concentrations. 

Chemists carried out studies of this kind on other chemical systems in the nine- 
teenth century before Haber’s work. In 1864, Cato Maximilian Guldberg (1836-1902) 
and Peter Waage (1833-1900) postulated their law of mass action, which expresses, for 
any reaction, the relationship between the concentrations of the reactants and products 
present at equilibrium. Suppose we have the general equilibrium equation 


aA+bB == dD+t+eE [15.7] 


where A, B, D, and E are the chemical species involved and a, b, d, and e are their coeffi- 
cients in the balanced chemical equation. According to the law of mass action, the equi- 
librium condition is described by the expression 


W CO Is the rate of disappearance of H; related to the rate of 
disappearance of No? If so, how they are related? 


Starting with only reactants Starting with only products 


Equilibrium achieved Equilibrium achieved 


x 


Concentration 
Concentration 


Time —> Time —> 


A Figure 15.3 The same equilibrium is reached whether we start with only reactants (N, and H3) or 
with only product (NH3). 
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<— products 
15.8 
<— reactants [ ] 


We call this relationship the equilibrium-constant expression (or merely 
the equilibrium expression) for the reaction. The constant K, the equilibrium 
constant, is the numerical value obtained when we substitute molar equilibrium 
concentrations into the equilibrium expression. The subscript c on the K indicates 
that concentrations expressed in molarity are used to evaluate the constant. 

The numerator of the equilibrium expression is the product of the concentra- 
tions of all substances on the product side of the equilibrium equation, each raised 
to a power equal to its coefficient in the balanced equation. The denominator is 
similarly derived from the reactant side of the equilibrium equation. Thus, for the 
Haber process, N2(8) + 3 H2(g) —— 2 NH;(8), the equilibrium expression is 

2 
K. = [NBs] [15.9] 
[N2][H2] 

Once we know the balanced chemical equation for a reaction that reaches equi- 
librium, we can write the equilibrium expression even if we do not know the reaction 
mechanism. 


The equilibrium expression depends only on the stoichiometry 
of the reaction, not on its mechanism. 


In this way equilibrium expressions are different from rate laws. 

The value of the equilibrium constant at any given temperature does not depend on 
the initial amounts of reactants and products. It also does not matter whether other sub- 
stances are present, as long as they do not react with a reactant or a product. The value of 


K, depends only on the particular reaction and on the temperature. 


CHEMISTRY PUT TO WORK Mii eli A 


The quantity of food required to feed the ever-increasing human 
population far exceeds that provided by nitrogen-fixing plants. 
Therefore, human agriculture requires substantial amounts of 
ammonia-based fertilizers for croplands. Of all the chemical reac- 
tions that humans have learned to control for their own purposes, 
the synthesis of ammonia from hydrogen and atmospheric nitrogen 
is one of the most important. 

In 1912, the German chemist Fritz Haber (1868-1934) developed 
the Haber process (Equation 15.6). The process is sometimes also 
called the Haber-Bosch process to honor Karl Bosch, the engineer who 
developed the industrial process on a large scale (Figure 15.4). The 
engineering needed to implement the Haber process requires the use 
of temperatures (approximately 500 °C) and pressures (20 to 60 MPa) 
that were difficult to achieve at that time. 

The Haber process provides a historically interesting example of 
the complex impact of chemistry on our lives. At the start of World 
War I, in 1914, Germany depended on nitrate deposits in Chile for 
the nitrogen-containing compounds needed to manufacture explo- 
sives. During the war, the Allied naval blockade of South America cut 
off this supply. However, by using the Haber reaction to fix nitrogen 
from air, Germany was able to continue to produce explosives. Ex- 
perts have estimated that World War I would have ended perhaps a 
year earlier had it not been for the Haber process. 

From these unhappy beginnings as a major factor in interna- 
tional warfare, the Haber process has become the world’s principal 
source of fixed nitrogen. The same process that prolonged World 
War I has enabled the manufacture of fertilizers that have increased 
crop yields, thereby saving millions of people from starvation. About 
180 million tonnes of ammonia are manufactured annually world- 
wide, mostly by the Haber process. The ammonia can be applied 
directly to the soil, or it can be converted into ammonium salts that 
are also used as fertilizers. 


Haber was a patriotic German who gave enthusiastic support 
to his nation’s war effort. He served as chief of Germany’s Chemical 
Warfare Service during World War I and developed the use of chlo- 
rine as a poison-gas weapon. Consequently, the decision to award 
him the Nobel Prize in Chemistry in 1918 was the subject of consider- 
able controversy and criticism. The ultimate irony, however, came in 
1933 when Haber was expelled from Germany because he was Jewish. 

Related Exercises: 15.21, 15.85 


A Figure 15.4 A high-pressure steel reactor used in the Haber process 
is on display at Karlsruhe Institute of Technology in Germany where the 
Haber process was developed. 
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= Sample Exercise 15.1 ®© 


D Writing Equilibrium Expressions 

Write the equilibrium expression for K, for the following reactions: 
(a) 203(g) == 302(g) 

(b) 2 NO(g) + Clo(g) =—= 2 NOCI(g) 

(c) Ag*(aq) + 2NH3(aq) == Ag(NH3)>*(aq) 


SOLUTION 


Analyze We are given three equations and are asked to write an 
equilibrium expression for each. 


> Practice Exercise 
For the reaction 2 SO2(g) + Oo(g) =—= 2S03(g), which of 
the following is the correct equilibrium expression? 


Plan Using the law of mass action, we write each expression asa [SOz]7[O2] 2[SOz][ Oz] 
quotient having the product concentration terms in the numer- (a) K. = =o (b) K. = ~ 2SOs] 
ator and the reactant concentration terms in the denominator. [SOs] x 
Each concentration term is raised to the power of its coefficient in [SO3]? 2[SO3] 
he bal hemical tion. OQ) ks = =e CO) <= = 
the balanced chemical equation (c) K. [SO]-[0>] (d) K. 2[50;][0;] 
Solve 

[Oz]? [NOCI}? [Ag(NHs3)2"] 
@) K. == bK = OK, = 4 

[O3] [NO] [C1] [Ag" ][NH;3] 

Evaluating K, 


We can illustrate how the law of mass action was discovered empirically and demonstrate 
that the equilibrium constant is independent of starting concentrations by examining a 
series of experiments involving dinitrogen tetroxide and nitrogen dioxide: 


[NO2]? 


N2048) == 2NO2(g) Ke = [N04] 


[15.10] 


We start with several sealed tubes containing different concentrations of NO, and N2Ox4. 
The tubes are kept at 100°C until equilibrium is reached. We then analyze the mixtures 
and determine the equilibrium concentrations of NO, and N20,, which are shown in 
Table 15.1. 

To evaluate K,, we insert the equilibrium concentrations into the equilibrium- 
constant expression. For example, using Experiment 1 data, [NO] = 0.0172 M and 
[N20;] = 0.00140 M, we find 

[NO;]? [0.0172]? 


K. = = = 0.211 
e= N04] 0.00140 ~ ° 


Proceeding in the same way, the values of K, for the other samples are calculated. 
Note from Table 15.1 that the value for K, is constant (within the limits of experimen- 
tal error), even though the initial concentrations vary, as do the final concentrations. 


TABLE 15.1 Initial and Equilibrium Concentrations of N204(g) and NO-2(g) 


at 100 °G 
Initial Initial Equilibrium Equilibrium 
Experiment [N3204] (M) [N02] (M) [N204] (M) [N02] (M) K, 
il 0.0 0.0200 0.00140 0.0172 0.211 
2 0.0 0.0300 0.00280 0.0243 0.211 
3 0.0 0.0400 0.00452 0.0310 0.213 
4 0.0200 0.0 0.00452 0.0310 0:213 
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YW Go Figure 


In which experiment, 3 or 4, does the 
concentration of N20; decrease to reach 
equilibrium? 


we _- Experiment 3 
S 0.0300 
o] 
Z, 0.0200 
Experiment 4 
0.0100 


Time —> 


A Figure 15.5 The same equilibrium mixture is 


The concentration of NO» either increases or 
decreases until equilibrium is reached. 


Furthermore, Experiment 4 shows that equilibrium can be achieved beginning 
with N20; rather than with NO3. That is, equilibrium can be approached from 
either direction. Figure 15.5 shows how Experiments 3 and 4 result in the same 
equilibrium mixture even though the two experiments start with very different 
NO, concentrations. 

Notice that no units are given for K, either in Table 15.1 or in the calcula- 
tion we just did using Experiment 1 data. It is common practice to write equi- 
librium constants without units for reasons that we address later in this section. 


Equilibrium Constants in Terms of Pressure, K, 


When the reactants and products in a chemical reaction are gases, we can for- 
mulate the equilibrium expression in terms of partial pressures. When partial 
pressures in atmospheres are used in the expression, we denote the equilibrium 
constant K, (where the subscript p stands for pressure). For the general reaction 
in Equation 15.7, we have 


Kp = ——— [15.11] 


where Py is the partial pressure of A, P is the partial pressure of B, and so forth. 
For example, for our N204/NO,; reaction, we have 


produced regardless of the initial NO, concentration. 


For a given reaction, the numerical value of K, is generally different from 

the numerical value of K,. We must therefore take care to indicate, via subscript 

c or p, which constant we are using. It is possible, however, to calculate one from the 
other using the ideal-gas equation: 


PV = nRT,soP = GRT [15.12] 


The usual units for n/V are mol/L, which equals molarity, M. For substance A in our ge- 
neric reaction, we therefore see that 


Py = 5p RT = [A]RT [15.13] 


When we substitute Equation 15.13 and like expressions for the other gaseous com- 
ponents of the reaction into Equation 15.11, we obtain a general expression relating 
K,and Ks: 


([DIRT)“((EJRT)* _ | [DIME] | (RT)**° 


K [15.14] 
p 
([AJRT)“([B]RT)” | [ATB]? ] (RT)** 
Notice that the term in brackets is equal to K,, so we can simplify the expression: 
Kp = K(RT)(@+9-(4*") = K(RT)“" [15.15] 


The quantity An is the change in the number of moles of gas in the balanced chemical 
equation. It equals the sum of the coefficients of the gaseous products minus the sum of 
the coefficients of the gaseous reactants: 


An = (moles of gaseous product) — (moles of gaseous reactant) [15.16] 


For example, in the N,O.4(g) == 2N0O,(g) reaction, there are 2 mol of product NO, 
and 1 mol of reactant N,O4. Therefore, An = 2 — 1 = 1, and K, = K,(RT), for this re- 
action. In our derivation gas pressures are expressed as kilopascals and concentrations 
in moles per liter, thus the appropriate form of the gas constant is R = 8.314 L kPa/ 
mol K. Note that K, has the partial pressures expressed in bar. A standard atmosphere is 
now defined as 1 bar or 100 kPa which is taken into account in the conversion. 
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\am Sample Exercise 15.2 
Converting between K, and K, 


For the Haber process, 
Na(g) + 3H2(g) == 2 NH;(8) 
Ke = 9.60 at 300°C. Calculate K, for this reaction at this temperature. 


SOLUTION K, = K,(RT)5" = (9.60)(8.314 x 573)? 
Analyze We are given K, for a reaction and asked to calculate Ky. (9.60) 

` -10 
Plan The relationship between K, and K, is given by Equation 15.15. (8.314 x 573)? ala 


To apply that equation, we must determine An by comparing the 
number of moles of product with the number of moles of reactants 


(Equation 15.16). > Practice Exercise 


Solve With 2 mol of gaseous products (2 NH3) and 4 mol of gaseous For which of the following reactions is the ratio K,/K, largest 
reactants (1 Nọ + 3 H3), An = 2 — 4 = —2. (Remember that A at 300 k? 

functions are always based on products minus reactants.) The tempera- (a) N2(g) + O2(g) — 2NO(g) 

ture is 273 + 300 = 573 K. The value for the ideal-gas constant, R, (b) CaCO3(s) = — CaO(s) + CO2(g) 

is 8.314 L kPa/mol K. Remember we need to convert to a standard (c) Ni(CO)4(g) ——  Ni(s) + 4 CO(g) 

atmosphere which is 100 kPa. Using K; = 9.60, we therefore have (d) C(s) + 2Ho(g) = — CHy,(g) 


Equilibrium Constants and Units 


You may wonder why equilibrium constants are reported without units. The equilibrium 
constant is related to the kinetics of a reaction as well as to the thermodynamics. (We 
explore this latter connection in Chapter 19.) Equilibrium constants derived from ther- 
modynamic measurements are defined in terms of activities rather than concentrations 
or partial pressures. 

The activity of any substance in an ideal mixture is the ratio of the concentration 
or pressure of the substance either to a reference concentration (1 M) or to a reference 
pressure (100 kPa). For example, if the concentration of a substance in an equilibrium 
mixture is 0.010 M, its activity is 0.010 M/1 M = 0.010. The units of such ratios always 
cancel and, consequently, activities have no units. Furthermore, the numerical value of 
the activity equals the concentration. For pure solids and pure liquids, the situation is 
even simpler because the activities then merely equal 1 (again with no units). 

In real systems, activities are also ratios that have no units. Even though these 
activities may not be exactly numerically equal to concentrations, we will assume those 
differences are small enough that we can neglect them. All we need to know at this 
point is that activities have no units. As a result, the thermodynamic equilibrium constants 
derived from them also have no units. It is therefore common practice to write all types 
of equilibrium constants without units, a practice that we adhere to in this text. In 
more advanced chemistry courses, you may make more rigorous distinctions between 
concentrations and activities. 


Self-Assessment Exercises 


15.3 What is the equilibrium expression for the reaction: 15.4 For the equilibrium 2 HI(g) == H2(g) + L(g) Ke = 0.022 
2 HI(g) = H(g) + L(g)? at 490 °C. What is the value of K,? 
— [Ha] [b] (a) Kp = 0.022 
@) K= TBH (b) K, = 0.14 
CAA “D 
(b) K =~ 
[HI] 
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a 


Exercises 


15.5 


15.6 


Write the expressions for K, for the following reactions. 
In each case indicate whether the reaction is homogeneous 
or heterogeneous. 


(a) O2(g) == 20(8) 

(b) Si(s) + 2Ch(g) == SiCl(g) 

(© H2(g) + Clg) == 2 HCI(g) 

(da) 0,(g) + 2CO(g) == 2CO,(g) 

(e) HCO3(aq) == CO} (aq) + H*(aq) 

(£) Fe?*(aq) + Ce**(aq) == Fe**(aq) + Ce**(aq) 
(g) CaCO3(s) == CaO(s) + CO2(g) 


Which of the following reactions lies to the right, favoring 
the formation of products, and which lies to the left, favor- 


15.7 


15.8 


(a) H2,0(g) + CO(g) == CO2(g) + Ha(g) 
at1300K K, = 0.57 


(b) 2CO(g) == CO,(g) + C(s) at 900K K, = 0.0572 


Which of the following statements are true and which are 
false? (a) For the reaction 2 A(g) + B(g) == A2B(g) K. 
and K, are numerically the same. (b) It is possible to dis- 
tinguish K, from K, by comparing the units used to express 
the equilibrium constant. (c) For the equilibrium in (a), the 
value of K, increases with increasing pressure. 


Calculate K, at 900 K for 2 CO(g) == CO2(g) + C(s) if 
K, = 0.0572 at this temperature. 


ing formation of reactants? 


(q) ©"Sh 


y 


(q) Sh 
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15.3 | Understanding and Working 
with Equilibrium Constants 


When we have solved a problem involving some calculation, we have emphasized the 
importance of taking a moment to appraise the answer we get to see if it ‘looks about 
right’. In this way, we can avoid errors, for example, adding an extra zero to a number in 
some part of the calculation by mistake. Another important skill you will develop is a 
feel for quantities. Our experience has taught us that a weather forecast of 40 °C tells us 
that it is going to be a hot day. With a little practice, we will be able to view the numbers 
we use in chemistry and get a feel for what they represent. For instance, does a particular 
AH value represent a large or small amount of energy? If I hold a golf ball-sized sample 
of something with a density of 10 g/mL will it feel heavy? How does an equilibrium con- 
stant of 1000 relate to the yield of product I may hope to get from the reaction? We start 
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this section by exploring the magnitude of K. By the end of this section, you should be 
able to 


Relate the magnitude of an equilibrium constant to the relative amounts of reactants 
and products present in an equilibrium mixture. 


Manipulate the equilibrium constant to reflect changes in the chemical equation. 


Write the equilibrium expression for a heterogeneous reaction. 


Before doing calculations with equilibrium constants, it is valuable to understand what 
the magnitude of an equilibrium constant can tell us about the relative concentrations 
of reactants and products in an equilibrium mixture. It is also useful to consider how the 
magnitude of any equilibrium constant depends on how the chemical equation is 


expressed. 


The Magnitude of Equilibrium Constants 


The magnitude of the equilibrium constant for a reaction gives us important infor- 
mation about the composition of the equilibrium mixture. For example, consider 
the experimental data for the reaction of carbon monoxide gas and chlorine gas at 
100°C to form phosgene (COCI,), a toxic gas used in the manufacture of certain 
polymers and insecticides: 


For the equilibrium constant to be so large, the numerator of the equilibrium expres- 
sion must be approximately a billion (10°) times larger than the denominator. Thus, 
the equilibrium concentration of COCl, must be much greater than that of CO or 
Cly, and in fact, this is just what we find experimentally. We say that this equilibrium 
lies to the right (that is, toward the product side). Likewise, a very small equilibrium 
constant indicates that the equilibrium mixture contains mostly reactants. We then 
say that the equilibrium lies to the left. In general, 


These situations are summarized in Figure 15.6. Remember, it is forward and reverse 
reaction rates, not reactant and product concentrations, that are equal at equilibrium. 


SOLUTION 


Analyze We are asked to judge the relative magnitudes of three 
equilibrium constants and then to calculate them. 


actant, the larger the equilibrium constant. (b) The equilibrium 
constant is given by Equation 15.8. 


o _ [COC] _ 
CO(g) + Ch(g) == COCh(g) Ke = [CO][Cly] T 4.56 x 10° 


If K > 1 (large K): Equilibrium lies to right, products predominate 


IfK < 1 (small K): Equilibrium lies to left, reactants predominate 


iS Sample Exercise 15.3 
tM 


Interpreting the Magnitude of an Equilibrium Constant 


W Go Figure 


What would this figure look like for 
a reaction in which K ~ 1? 
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Products 


K >> 1, equilibrium “lies to the right” 


Products 


K << 1, equilibrium “lies to the left” 


A Figure 15.6 Relationship between magnitude 
of K and composition of an equilibrium mixture. 


The following diagrams represent three systems at equilibrium, all in the 
same-size containers. (a) Without doing any calculations, rank the systems 
in order of increasing K,. (b) If the volume of the containers is 1.0 L and 
each sphere represents 0.10 mol, calculate K, for each system. 


(b 


= 


constant varies in the order (ii) < (i) < (iii), from smallest 
(most reactants) to largest (most products). 

In (i), we have 0.60 mol/L product and 0.40 mol/L re- 
actant, giving K, = 0.60/0.40 = 1.5. (You will get the 


Plan (a) The more product present at equilibrium, relative to re- same result by merely dividing the number of spheres of 


each kind: 6 spheres/4 spheres = 1.5.) In (ii), we have 
0.10 mol/L product and 0.90 mol/L reactant, giving 


K. = 0.10/0.90 = 0.11 (or 1 sphere/9 spheres = 0.11). In 


Solve (iii), we have 0.80 mol/L product and 0.20 mol/L reactant, 
(a) Each box contains 10 spheres. The amount of product in each giving K, = 0.80/0.20 = 4.0 (or 8 spheres/2 spheres = 4.0). 
varies as follows: (i) 6, (ii) 1, (iii) 8. Therefore, the equilibrium These calculations verify the order in (a). 


Continued 
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Comment Imagine a drawing that represents a reaction with a very 
small or very large value of K,. For example, what would the draw- = 20 


ing look like if K, = 1 X 10-5? In that case, there would need to be 
100,000 reactant molecules for only 1 product molecule. But then, 
that would be impractical to draw. 
> Practice Exercise 
(a) (b) (c) (d) 


The equilibrium constant for the reaction 

N2O4(g) == 2NO2(g) at 2 °Cis K, = 2.0. If each yellow 
sphere represents 1 mol of N,O, and each brown sphere 

1 mol of NO, which of the following 1.0 L containers 
represents the equilibrium mixture at 2 °C? 


(e) 


The Direction of the Chemical Equation and K 
We have seen that we can represent the N,0,/NO, equilibrium as 


[NO2]? 


N204(8) == 2NO2(g) K: = [N7204] 


=0.212 (at100°C) [15.17] 


We could equally well consider this equilibrium in terms of the reverse reaction: 
2NO,(g) == N204(8) 
The equilibrium expression is then 


[N2014] 1 
[NO,? 0.212 


4.72 (at100°C) [15.18] 


Cc 


Equation 15.18 is the reciprocal of the expression in Equation 15.17. The equilibrium 
expression for a reaction written in one direction is the reciprocal of the expression for the reaction 
written in the reverse direction. Consequently, the numerical value of the equilibrium con- 
stant for the reaction written in one direction is the reciprocal of that for the reverse 
reaction. Both expressions are equally valid, but it is meaningless to say that the equilib- 
rium constant for the equilibrium between NO, and N20; is “0.212” or “4.72” unless we 
indicate how the equilibrium reaction is written and specify the temperature. Therefore, 
whenever you are using an equilibrium constant, you should always write the associated 
balanced chemical equation. 


Relating Chemical Equation Stoichiometry 
and Equilibrium Constants 


There are many ways to write a balanced chemical equation for a given reaction. For 
example, if we multiply Equation 15.1, N204(8) == 2 .NO,(g) by 2, we have 


2N204(§) == 4NO,(g) 


This chemical equation is balanced and might be written this way in some contexts. 
Therefore, the equilibrium expression for this equation is 
[NO,]* 


K = 
C [N,O4]? 


which is the square of the equilibrium expression given in Equation 15.10 for the reac- 
tion as written in Equation 15.1: [NO2]?/[N 20,4]. Because the new equilibrium expres- 
sion equals the original expression squared, the new equilibrium constant K, equals 
the original constant squared: 0.212? = 0.0449 (at 100°C). Once again, it is important 
to remember that you must relate each equilibrium constant you work with to a specific 
balanced chemical equation. The concentrations of the substances in the equilibrium mixture 
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will be the same no matter how you write the chemical equation, but the value of K, you calcu- 
late depends on how you write the reaction. 

It is also possible to calculate the equilibrium constant for a reaction if we know the 
equilibrium constants for other reactions that add up to give us the one we want, similar 
to the manner in which the reaction enthalpy of an unknown reaction can be determined 
from known reaction enthalpies using Hess’s law. For example, consider the following 
two reactions, their equilibrium expressions, and their equilibrium constants at 100 °C: 


1. 2NOB —— 2NO B K, = [NO]’[Br] = 0.014 
: (gs) => (8) + Bro(g) Ka = “ENOBr)? = 0. 
o [Ba 
2. Bro(g) + Cl(g) == 2BrCl(g) Kea = [Br]iCh] ~ 7.2 


The net sum of these two equations is: 
3. 2NOBr(g) + Clo(g) == 2NO(g) + 2 BrCl(g) 
You can prove algebraically that the equilibrium expression for the net reaction is the 


product of the expressions for individual reactions: 


[NO}[Brcl]* [NO] [Br] [BrCl]? 


[NOBr}7[Cl)] [NOBr]? * TBC] 


c3 


Thus, 
Ke = (Ke)(Ke2) = (0.014)(7.2) = 0.10 


To summarize: 
1. The equilibrium constant of a reaction in the reverse direction is the inverse (or recip- 
rocal) of the equilibrium constant of the reaction in the forward direction: 
A+B — C+D K 
C+D == A+B K=1/K, 


2. The equilibrium constant of a reaction that has been multiplied by a number is equal 
to the original equilibrium constant raised to a power equal to that number. 
A+B = C+D K 
nA+nB = nC+nD K=K" 
3. The equilibrium constant for a net reaction made up by adding two or more reactions 
is the product of the equilibrium constants for the individual reactions: 
A+B = C+D Kı 
C+F = Gta Kz 
B +F = D+G K3 = (K1)(K2) 


SA Sample Exercise 15.4 


D Combining Equilibrium Expressions 


Given the reactions 

HF(aq) == H*(aq) + F (aq) K: = 6.8 x 107 
H2C204(aq) === 2H*(aq) + C202 (aq) K, = 3.8 x 10® 
determine the value of K, for the reaction 
2 HF(aq) + C20 (aq) == 2F (aq) + H2C204(aq) 


SOLUTION 

Analyze We are given two equilibrium equations and the corre- Plan We cannot simply add the first two equations to get the third. 
sponding equilibrium constants and are asked to determine the Instead, we need to determine how to manipulate these equations 
equilibrium constant for a third equation, which is related to the to come up with equations that we can add to give us the desired 
first two. equation. 
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Solve 


If we multiply the first 

equation by 2 and make the 

corresponding change to its 

equilibrium constant (raising 

to the power 2), we get 2HF(aq) == 2H*(aq) + 2F (aq) K. = (6.8 x 1074)? = 4.6 x 107 


Reversing the second equa- 
tion and again making the 
corresponding change to its 
equilibrium constant (taking 
the reciprocal) gives 2H*(aq) + C20, (aq) == HyC20,(aq) K. = ————5 = 2.6 x 10° 


Now, we have two equations 
that sum to give the net equa- 2HF(aq) == 2H*(aq) + 2F (aq) K, = 4.6 xX 1077 
tion, and we can multiply the 


+ EA 2- ——* = S 
individual K, values to get the 2H (aq) + C204" (aq) H2C204(aq) ea 
desired equilibrium constant. 2 HF(aq) + C204 (aq) == 2F7(aq) + HzC204(aq) K. = (4.6 X 10°’)(2.6 x 10°) = 0.12 
ractice Exercise what is the value of K, for the reaction! 
> Practice Exerci hat is the value of K, for th ion? 
Given the equilibrium constants for the following two reac- D= » 
2 HNO ar = H,S +2N 
tions in aqueous solution at 25 °C, AAE) = SONE) 28O3(aq) Ozitag) 
HNO,(aq) — H” (aq) Æ NO; (aq) K, =45X 1074 (a) 4.9 XxX 107°? (b) 4.1 x 10° (c) Sea 10° (d) igs} 107 
(e) 5.4 x 107 


H,SO3(aq) == 2H*(aq) + SO;(aq) K,.= 1.1 x 10° 


Heterogeneous Equilibria 


Many equilibria involve substances that are all in the same phase. Such equilibria are 
called homogeneous equilibria. The equilibrium between N,O.(g) and NO(g) 
shown in Figure 15.1 is one such example. In some cases, however, the substances in 
equilibrium are in different phases, giving rise to heterogeneous equilibria. An 
example occurs when solid lead(II) chloride dissolves in water to form a saturated 
solution: 


PbCl,(s) === Pb**(aq) + 2 Cl (aq) [15.19] 


This system consists of a solid in equilibrium with two aqueous species. If we want to 
write the equilibrium expression for this process, we encounter a problem we have not 
encountered previously: How do we express the concentration of a solid? If we were 
to carry out experiments starting with varying amounts of products and reactants, we 
would find that the equilibrium expression for the reaction of Equation 15.19 is 


K, = [Pb] [cr]? [15.20] 


Thus, our problem of how to express the concentration of a solid is not relevant in 
the end because PbCl,(s) does not show up in the equilibrium expression. More gen- 
erally, we can state that whenever a pure solid or a pure liquid is involved in a heteroge- 
neous equilibrium, its concentration is not included in the equilibrium expression. 

The fact that pure solids and pure liquids are excluded from equilibrium expressions 
can be explained in two ways. First, the concentration of a pure solid or liquid has a con- 
stant value. If the mass of a solid is doubled, its volume also doubles. Thus, its concentra- 
tion, which relates to the ratio of mass to volume, stays the same. Because equilibrium 
expressions include terms only for reactants and products whose concentrations can 
change during a chemical reaction, the concentrations of pure solids and pure liquids 
are omitted. 

The omission can also be rationalized in a second way. Recall from Section 15.2 that 
what is substituted into a thermodynamic equilibrium expression is the activity of each 
substance, which is a ratio of the concentration to a reference value. For a pure substance, 
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W TRS if some of the CO.(g) were released from the bell jar on the 
left, the seal then restored and the system allowed to return to 
equilibrium, would the amount of CaCO3(s) increase, decrease, 
or remain the same? 


CaCO,(s) === CaO(s) + CO,(g) 


CaCO; CaO 


Large amount of CaCO3, small Small amount of CaCO3, large 
amount of CaO, gas pressure P amount of CaO, gas pressure still P 


A Figure 15.7 Ata given temperature, the equilibrium pressure of C0; in the bell jars is the same 
no matter how much of each solid is present. 


the reference value is the concentration of the pure substance, so that the activity of any 
pure solid or liquid is always 1. 

Decomposition of calcium carbonate is another example of a heterogeneous 
reaction: 


CaCO3(s) == CaO(s) + CO2(g) 
Omitting the concentrations of the solids from the equilibrium expression gives 
K, = [CO] and K, = Feo, 
These equations tell us that at a given temperature, an equilibrium among CaCO3, CaO, 
and CO, always leads to the same CO, partial pressure as long as all three components are 


present. As shown in Figure 15.7, we have the same CO, pressure regardless of the relative 
amounts of CaO and CaCO}. 


Sample Exercise 15.5 


Writing Equilibrium Expressions for Heterogeneous Reactions 


729 


Write the equilibrium expression Ke for 
(a) CO,(g) + Ho(g) == CO(g) + H20(/) 


(b) SnOz(s) + 2CO(g) —— Sn(s) + 2C02(g) 


SOLUTION 


Solve 
Analyze We are given two chemical equations, both for het- 


erogeneous equilibria, and asked to write the corresponding 
equilibrium expressions. 


Plan We use the law of mass action, remembering to omit any pure 
solids and pure liquids from the expressions. 


(a) The equilibrium expression is 
[CO] 
© [COAH] 
Because H20 appears in the reaction as a liquid, its concentra- 
tion does not appear in the equilibrium expression. 


Continued 
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(b) The equilibrium expression is s . 
co}? > Practice Exercise 
= [COe] Consider the equilibrium that is established in a saturated 


c= 


[c0]? solution of silver chloride, Ag*(aq) + C1 (aq) == AgCl(s). 
If solid AgCl is added to this solution, what will happen to 
the concentration of Ag* and Cl ions in solution? 

(a) [Ag*] and [C17] will both increase (b) [Ag*] and [C17] will 
both decrease (c) [Ag+] will increase and [Cl ] will decrease 
(d) [Ag*] will decrease and [CI] will increase (e) neither 
[Ag"] nor [Cl] will change 


Because SnO; and Sn are pure solids, their concentrations do 
not appear in the equilibrium expression. 


am Sample Exercise 15.6 
D Analyzing a Heterogeneous Equilibrium 


Each of these mixtures was placed in a closed container and allowed to stand: 
(a) CaCO3(s) 
(b) CaO(s) and CO2(g) at a pressure greater than the value of K, 
(c) CaCO3(s) and CO2(g) at a pressure greater than the value of K, 
(d) CaCO3(s) and CaO(s) 
Determine whether or not each mixture can attain the equilibrium 
CaCO3(s) === Ca0(s) + CO.(g) 


equilibrium cannot be attained; there is no way the CO, pressure 
can decrease to its equilibrium value (which would require some 
CO; to react with CaO). (d) The situation is essentially the same as 
in (a): CaCO; decomposes until equilibrium is attained. The pres- 
ence of CaO initially makes no difference. 


SOLUTION 


Analyze We are asked which of several combinations of species can 
establish an equilibrium between calcium carbonate and its de- 
composition products, calcium oxide and carbon dioxide. 


Plan For equilibrium to be achieved, it must be possible for both 
the forward process and the reverse process to occur. For the for- 
ward process to occur, some calcium carbonate must be present. 
For the reverse process to occur, both calcium oxide and carbon 
dioxide must be present. In both cases, either the necessary com- 
pounds may be present initially or they may be formed by reac- 


> Practice Exercise 
If 8.0 g of NH4HS(s) is placed in a sealed vessel with 
a volume of 1.0 Land heated to 200°C the reaction 


tion of the other species. 


Solve Equilibrium can be reached in all cases except (c) as long as 
sufficient quantities of solids are present. (a) CaCO; simply de- 
composes, forming CaO(s) and CO,(g) until the equilibrium pres- 
sure of CO; is attained. There must be enough CaCO3, however, to 
allow the CO, pressure to reach equilibrium. (b) CO, continues to 
combine with CaO until the partial pressure of the CO, decreases 
to the equilibrium value. (c) Because there is no CaO present, 


NH,HS(s) == NH3(g) + H2S(g) will occur. When the sys- 
tem comes to equilibrium, some NH,HS(s) is still present. 
Which of the following changes will lead to a reduction in 
the amount of NH,HS(s) that is present, assuming in all cases 
that equilibrium is re-established following the change? 

(a) Adding more NH3(g) to the vessel (b) Adding more HS(g) 
to the vessel (c) Adding more NH,HS(s) to the vessel 

(d) Increasing the volume of the vessel (e) Decreasing the 
volume of the vessel 


When a solvent is a reactant or product in an equilibrium, its concentration is omit- 
ted from the equilibrium expression, provided the concentrations of reactants and prod- 
ucts are low, so that the solvent is essentially a pure substance. Applying this guideline to 
an equilibrium involving water as a solvent, 


H,O(1) + CO? (aq) === OH (aq) + HCO; (aq) [15.21] 


gives an equilibrium expression that does not contain [| H20]: 


K.= neon [15.22] 
3 
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Self-Assessment Exercises 


15.9 For the reaction SO,(g) + 30(g) == S0;(g) K. = 855 at 15.11 Write the equilibrium constant expression for the reaction 


1000 K. Do the reactants or the product dominate the equi- AgCl(s) == Ag*(aq) + Cl (aq) 
librium mixture? (a) K = [Ag*][C1] 

(a) The reactants [Ag*][CI ] 

(b) The product Gd [AgCI] 


15.10 For the reaction N,0,4(g) == 2NO,(g), the equilibrium con- 
stant K. = 0.0059 at 300 K. What is the equilibrium constant 
for the reverse reaction 2 NO2(g) == N20,(g), at 300 K? 
(a) K. = 0.0059 
(b) K, = —0.0059 
(c) K. = 169 


a 


Exercises 
15.12 Consider the following equilibrium: 15.14 Consider the equilibrium 
2H,(g) + So(g) =— 2H,S(g) K. = 1.08 x 107at 700°C Na(g) + O2(g) + Bro(g) == 2 NOBr(g) 
(a) Calculate K,. (b) Does the equilibrium mixture contain Calculate the equilibrium constant Kp for this reaction, 
mostly H; and S, or mostly H3S? (c) Calculate the value of K, given the following information (at 298 K): 
if you rewrote the equation H2(g) + 3 S2(8) =  H,S(g). 2 NO(g) + Bro(g) === 2NOBr(g) K, = 2.0 
15.13 Consider the following equilibrium, for which K, = 7.62 2NO(g) == N,(g) + O2(g) K= 2.1 x 10*° 
t 480°C: 
g 15.15 Consider the equilibrium Naj,O(s) + SO2(8) == 
2Clo(g) + 2H,O(g) —— 4HCl(g) + O2(8) Na2SO3(s). (a) Write the equilibrium expression for this 
(a) What is the value of K, for the reaction reaction in terms of partial pressures. (b) All the com- 
AHCI(g) + On(g) == 2 CL(8) + 2H,O(g)? pounds in this reaction are soluble in water. Rewrite the 


equilibrium expression in terms of molarities for the aque- 
ous reaction. 


(b) What is the value of Kp for the reaction 
Cl,(g) + H2O(3) == 2HCI(g) + 3 02(8)? 


(e) LESH 


(a) 6Sh 
$9S191J9Xq }UIUSSƏSSY-JİƏŞ 0} SIƏMSUY W 


(0) OL'SL 
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In this section, we are performing calculations using equilibrium expressions and the 
associated constants. In some cases, they may seem complicated but having a clear work- 
ing method allows us to follow a logical procedure to get to the desired answer. By the 
end of this section, you should be able to 


e Perform calculations of different sorts involving equilibrium expressions 


If we can measure the equilibrium concentrations of all the reactants and products in a 
chemical reaction, as we did with the data in Table 15.1, calculating the value of the equi- 
librium constant is straightforward. We simply insert all the equilibrium concentrations 
into the equilibrium expression for the reaction. 


= Sample Exercise 15.7 
D Calculating K When All Equilibrium Concentrations Are Known 


After a mixture of hydrogen and nitrogen gases in a reaction vessel is allowed to attain equilibrium at 472 °C, it is found to contain 
7.38 bar Ho, 2.46 bar No, and 0.166 bar NH3. From these data, calculate the equilibrium constant K, for the reaction 


N2(8) + 3H2(g) == 2NH3(8) 


SOLUTION 


Analyze We are given a balanced equation and equilibrium partial 
pressures and are asked to calculate the value of the equilibrium 


> Practice Exercise 
An aqueous solution of acetic acid is found to have 
the following equilibrium concentrations at 25 °C: 


ene [CH;COOH] = 1.65 x 102M; [H*] = 5.44 x 104M; and 
Plan Using the balanced equation, we write the equilibrium- [CH3;COO7] = 5.44 x 1074 M. Calculate the equilibrium 
constant expression. We then substitute the equilibrium partial constant K, for the ionization of acetic acid at 25 °C. The 
pressures into the expression and solve for Ky. reaction is 

Solve CH3COOH(aq) == H*(aq) + CH3COO (aq) 


(Pry)? 0.1662 


: ; 5 = 2.71 x 10° 
Py(Pa,)?  (249.3)(747.8) 


Often, we do not know the equilibrium concentrations of all species in an equilib- 
rium mixture. If we know the initial concentrations and the equilibrium concentration 
of at least one species, however, we can generally use the stoichiometry of the reaction 
to deduce the equilibrium concentrations of the others. The following steps outline the 
procedure: 


How to Determine Concentrations of Unknown Species in an Equilibrium Mixture 


1. Tabulate all known initial and equilibrium concentrations of the species that 
appear in the equilibrium expression. 


2. For those species for which initial and equilibrium concentrations are known, cal- 
culate the change in concentration that occurs as the system reaches equilibrium. 


3. Use the stoichiometry of the reaction (that is, the coefficients in the balanced 
chemical equation) to calculate the changes in concentration for all other species 
in the equilibrium expression. 


4. Use initial concentrations from step 1 and changes in concentration from step 3 to 
calculate any equilibrium concentrations not tabulated in step 1. 


5. Determine the value of the equilibrium constant. 


The best way to illustrate this procedure is by example, as we do in Sample Exercise 15.8. 
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Ps Sample Exercise 15.8 


D Calculating K from Initial and Equilibrium Concentrations 


A reaction vessel containing 1.000 x 1073 M Hp gas and 2.000 x 107° M l; gas is heated to 448 °C where the following 
reaction takes place 


H2(8) + lo(g) == 2 HI (8) 


What is the value of the equilibrium constant K, if once the system comes to equilibrium at 448 °C the concentration of HI is 
1.87 x 107? M? 


SOLUTION 


Analyze We are given the initial concentrations of Hz and I, and 
the equilibrium concentration of HI. We are asked to calculate the 
equilibrium constant K, for H2(g) + (g8) == 2 HI(g). 


Plan We construct a table to find equilibrium concentrations of all 
species and then use the equilibrium concentrations to calculate 
the equilibrium constant. 


Solve 

(1) We tabulate the initial and equilibrium 
concentrations of as many species as we 
can. We also provide space in our table for 
listing the changes in concentrations. As 
shown, it is convenient to use the chemi- 
cal equation as the heading for the table. 


Hag) + 
1.000 x 10°3 


1L(g) == 2HI(g) 
2.000 x 10-3 0 


Initial concentration (M) 


Change in concentration (M) 


Equilibrium concentration (M) LL MOR. 


(2) We calculate the change in HI concentra- 
tion, which is the difference between the 


equilibrium and initial values: Change in [HI] = 1.87 x 10°M — 0 = 1.87 x 10°M 


molHT\ /1 mol H 1H 
(1.87 x 10% \( a 2) 0.935 x 103 2 


(3) We use the coefficients in the balanced 


equation to relate the change in [ HI] to L 2 mol HI 
the changes in [H3] and [I]: 
_, melHI me) _, mol Iz 
1.87 x 107 935 x 10° —— 
( j k L dh 2 molHI 9:23 Š L 


(4) We calculate the equilibrium concentra- 
tions of H; and Ip, using initial concentra- 
tions and changes in concentration. The 
equilibrium concentration equals the ini- 
tial concentration minus that consumed: 


[H2] = (1.000 x 10° M) — (0.935 x 103M) = 0.065 x 10°M 
[I2] = (2.000 x 1073 M) — (0.935 x 10° M) = 1.065 x 10° M 


(5) Our table now is complete (with equilib- 


rium concentrations in blue for emphasis): Hp(g) + bs) 2 HI(g) 
Initial concentration (M) 1.000 x 10| 2.000 x 10-3 (0) 
Change in concentration (M) | —0.935 x 10° | —0.935 x 10° | +1.87 x 10° 

Notice that the entries for the Equilibrium concentration (M)| 0.065 x 103| 1.065 x 10| 1.87 x 103 


changes are negative when a reactant 
is consumed and positive when a 
product is formed. 


Finally, we use the equilibrium- 
constant expression to calculate the 


eae (1.87 x 1077)? 
equilibrium constant: 


K, 51 
(0.065 x 10~3)(1.065 x 107°) 


Comment The same method can be applied to gaseous equilibrium 
problems to calculate K,, in which case partial pressures are used 
as table entries in place of molar concentrations. Your instructor 
may refer to this kind of table as an ICE chart, where ICE stands for 
Initial - Change - Equilibrium. 


> Practice Exercise 
In Section 15.1, we discussed the equilibrium between 
N2O,(g) and NO,(g). Let’s return to that equation in a quanti- 
tative example. When 9.2 g of frozen NO, is added to a 0.50 L 
reaction vessel that is heated to 400 K and allowed to come to 
equilibrium, the concentration of NO, is determined to be 
0.057 M. Given this information, what is the value of K, for 
the reaction N2O4(g) —— 2 NO,(g) at 400 R? (a) 0.23 
(b) 0.36 (c) 0.13 (d) 1.4 (e) 2.5 
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At equilibrium 


| 
=> | Q<K 
Forward reaction 


proceeds to form 


more products. 


Q=K 


Equilibrium 


Q>K 


Reverse reaction 


proceeds to form 
more reactants. 


> A Figure 15.8 Predicting the 
direction of a reaction by comparing 


Qand K at a given temperature. 


Applications of Equilibrium Constants 


We have seen that the magnitude of K indicates the extent to which a reaction proceeds. 


e IfKis very large, the equilibrium mixture contains mostly substances on the product 
side of the equation for the reaction. 


e IfKis very small (that is, much less than 1), the equilibrium mixture contains mostly 
substances on the reactant side of the equation. 


The equilibrium constant also allows us to (1) predict the direction in which a reaction 
mixture achieves equilibrium and (2) calculate equilibrium concentrations of reactants 
and products. 


Predicting the Direction of Reaction 


For the formation of NH; from N, and H, (Equation 15.6), K. = 0.105 at 472 °C. Suppose 
we place 2.00 mol of H,, 1.00 mol of No, and 2.00 mol of NH; in a 1.00 L container at 
472°C. How will the mixture react to reach equilibrium? Will N, and H, react to form 
more NHs, or will NH; decompose to N, and H,? 

To answer this question, we substitute the starting concentrations of N3, H2, and NH; 
into the equilibrium expression and compare its value to the equilibrium constant: 


[NH3]? 7 (2.00)? 
[Na][H2]* — (1.00)(2.00)* 


= 0.500 whereas K, = 0.105 [15.23] 


To reach equilibrium, the quotient [NH3]?/[N2][H2]* must decrease from the starting 
value of 0.500 to the equilibrium value of 0.105. Because the system is closed, this change 
can happen only if [NH3] decreases and [N2] and [H3] increase. Thus, the reaction pro- 
ceeds toward equilibrium by forming Nz and H; from NH3; that is, the reaction as written 
in Equation 15.6 proceeds from right to left. 

This approach can be formalized by defining a quantity called the reaction quotient. 


The reaction quotient, Q, is a number obtained by substituting reactant 
and product concentrations or partial pressures at any point during a reaction 
into an equilibrium expression. 


Therefore, for the general reaction 
aA+bB == dD+teE 


the reaction quotient in terms of molar concentrations is 
Q: = —_ [15.24] 


A related quantity Q, can be written for any reaction that involves gases by using partial 
pressures instead of concentrations. 

Although we use what looks like the equilibrium expression to calculate the reaction 
quotient, the concentrations we use may or may not be the equilibrium concentrations. 
For example, when we substituted the starting concentrations into the equilibrium 
expression of Equation 15.23, we obtained Q, = 0.500 whereas K, = 0.105. The equilib- 
rium constant has only one value at each temperature. The reaction quotient, however, 
varies as the reaction proceeds. 

Of what use is Q? One practical thing we can do with Q is tell whether our reac- 
tion really is at equilibrium, which is an especially valuable option when a reaction is 
very slow. We can take samples of our reaction mixture as the reaction proceeds, sepa- 
rate the components, and measure their concentrations. Then we insert these numbers 
into Equation 15.24 for our reaction. To determine whether we are at equilibrium, or in 
which direction the reaction proceeds to achieve equilibrium, we compare the values 
of Q,and K, or Q, and K,. There are three possible scenarios (Figure 15.8), which can be 
summarized as follows: 
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How to Use Q to Analyze Reaction Progress 


e Q < K: The concentration of products is too small and that of reactants too large. The 
reaction achieves equilibrium by forming more products; it proceeds from left to right. 

e Q = K: The reaction quotient equals the equilibrium constant only if the system is 
at equilibrium. 

e Q > K: The concentration of products is too large and that of reactants too small. The 
reaction achieves equilibrium by forming more reactants; it proceeds from right to left. 


\“ Sample Exercise 15.9 
PP Predicting the Direction of Approach to Equilibrium 


At 448°C, the equilibrium constant K, for the reaction 


H2(8) + lo(g) == 2HI(g) 
is 50.5. Predict in which direction the reaction proceeds to reach equilibrium if we start with 2.0 x 107? mol of HI, 
1.0 x 107? molofH», and 3.0 x 107? mol of l> in a 2.00 L container. 


SOLUTION The reaction quotient is therefore 


Analyze We are given a volume and initial molar amounts of the [HI]? (1.0 x 10°)? 13 
species in a reaction and asked to determine in which direction Qe [H2][] (5.0 x 10°3)(1.5 x 1072) i 
the reaction must proceed to achieve equilibrium. 


Because Q, < Ka the concentration of HI must increase and the 
concentrations of H and I, must decrease to reach equilibrium; 
the reaction as written proceeds left to right to attain equilibrium. 


Plan We can determine the starting concentration of each species 
in the reaction mixture. We can then substitute the starting con- 
centrations into the equilibrium expression to calculate the reac- 
tion quotient, Q,. Comparing the magnitudes of the equilibrium 


constant, which is given, and the reaction quotient will tell us in > Practice Exercise 
which direction the reaction will proceed. Which of the following statements accurately describes what 
Solve would happen to the direction of the reaction described in 


this sample exercise, if the size of the container were different 
from 2.00 L? (a) The reaction would proceed in the opposite 
[HI] = 2.0 x 107? mol/2.00L = 1.0 x 107M direction (from right to left) if the container volume were 
[Hz] = 1.0 x 1072 mol /2.00L = 5.0 x 10 °M reduced sufficiently. (b) The reaction would proceed in the 
_ 2 _ -2 opposite direction if the container volume were expanded 
Pa) 30K I0 RY eet = LS KLM E (c) The direction of this reaction does Ta 
depend on the volume of the container. 


The initial concentrations are 


Calculating Equilibrium Concentrations 


Chemists frequently need to calculate the amounts of reactants and products present at 
equilibrium in a reaction for which they know the equilibrium constant. The approach 
in solving problems of this type is similar to the one we used for evaluating equilibrium 
constants: We tabulate initial concentrations or partial pressures, changes in those 
concentrations or pressures, and final equilibrium concentrations or partial pressures. 
Usually, we end up using the equilibrium expression to derive an equation that must be 
solved for an unknown quantity, as demonstrated in Sample Exercise 15.10. 


> Sample Exercise 15.10 
D Calculating Equilibrium Concentrations 


For the Haber process, No(g) + 3H2(g) == 2NH3(g), Kp = 1.41 x 107°, at 500°C. In an equilibrium mixture of the three 
gases at 500°C, the partial pressure of H> is 94.03 bar and that of N is 43.77 bar. What is the partial pressure of NH3 in this 
equilibrium mixture? 


Continued 
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SOLUTION 
: ERES . We now rearrange the equation to solve for x: 
Analyze We are given an equilibrium constant, K,, and the equilib- 
rium partial pressures of two of the three substances in the equa- x? = (1.41 X 107°)(43.77)(94.03)? = 5.14 x 10° 
tion (Nz and H3), and we are asked to calculate the equilibrium Jee R10 
partial pressure for the third substance (NH3). x= V5.14 x 10° = 0.227 bar = Fyn, 


Check We can always check our answer by using it to recalculate 


Plan We can set K, equal to the equilibrium expression and substi- 
the value of the equilibrium constant: 


tute in the partial pressures that we know. Then we can solve for 


the only unknown in the equation. (0.227)? 
Kp 3 = 141 x 10° 

Solve (43.77)(94.03) 

We tabulate the equilibrium pressures: 

N2(g)+ 3 Ho(g) == 2NH;3(g) 

Equilibrium pressure bar 43.77 bar 94.03 bar x 

Because we do not know the equilibrium pressure of NH3, we 3 5 

represent it with x. At equilibrium, the pressures must satisfy » Practice Exercise 

the equilibrium expression: At 500 K, the reaction PCl;(g) == PCl3(g) + Clo(g) has 

(Ru.)? x2 K, = 50.4. In an equilibrium mixture at 500 K, the partial 
2 1.41 x 10o? pressure of PCl; is 87.14 kPa and that of PCl; is 34.46 kPa. 


Py,(Pu,)?> (43.77) (94.03)3 


What is the partial pressure of Cl, in the equilibrium mixture? 


In many situations, we know the value of the equilibrium constant and the ini- 
tial amounts of all species. We must then solve for the equilibrium amounts. Solv- 
ing this type of problem usually entails treating the change in concentration as a 
variable. The stoichiometry of the reaction gives us the relationship between the 
changes in the amounts of all the reactants and products, as illustrated in Sample 
Exercise 15.11. The calculations frequently involve the quadratic formula, as you will 
see in this exercise. 


WWA Sample Exercise 15.11 


PT Calculating Equilibrium Concentrations from Initial Concentrations 


A 1.000 L flask is filled with 1.000 mol of H2(g) and 2.000 mol of Io(g) at 448 °C. The value of the equilibrium constant K, for 
the reaction 


Ha(g) + lo(g) == 2 HI(g) 


at 448°C is 50.5. What are the equilibrium concentrations of H3, lo, and HI in moles per liter? 


SOLUTION 

Analyze We are given the volume of a container, an equilibrium Plan In this case, we are not given any of the equilibrium concen- 

constant, and starting amounts of reactants in the container and trations. We must develop some relationships that relate the initial 

are asked to calculate the equilibrium concentrations of all species. concentrations to those at equilibrium. The procedure is similar in 
many regards to that outlined in Sample Exercise 15.8, where we 
calculated an equilibrium constant using initial concentrations. 

Solve 

(1) We note the initial concentrations of 

H3 and I: H2] = 1.000M and [I] = 2.000 M 
(2) We construct a table in which we tabulate H,(g) + L(g) ==>  2HI(g) 


the initial concentrations: Initial concentration (M) 1.000 2.000 0 


Change in concentration (M) 


Equilibrium concentration (M) 
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(3) We use the stoichiometry of the reaction Ho(g) + L(g) = 2HI(8) 
to determine the changes in concentra- ve ; 
tion that occur as the Ha proceeds to Mitialconcenirationui 1009 2:000 £ 
equilibrium. The H; and I, concentrations Change in concentration (M) =x =x +2x 
will decrease as equilibrium is established Equilibrium concentration (M) 
and that of HI will increase. Let’s repre- 
sent the change in concentration of Hz by 
x. The balanced chemical equation tells us 
that for each x mol of H; that reacts, x mol 
of Ip are consumed and 2x mol of HI are 
produced: 


(4) We use initial concentrations and H28) + b(s) => 2HI(g) 


changes in concentrations, as dictated by Initial concentration (M) 1.000 2.000 0 
stoichiometry, to express the equilibrium 


concentrations. With all our entries, our Change in concentration (M) TA i +2x 
table now looks like this: Equilibrium concentration (M) I= x2 || BOO) = x2 2x 


(5) We substitute the equilibrium concentra- 
tions into the equilibrium expression and [HI]? (2x)? 


solve for x: Ke l] (1.000 — x(2.000 — x) 50.5 


If you have an equation-solving calcula- 
tor, you can solve this equation directly 


2= 2 
for x. If not, expand this expression to a Se =R 000 E2000) 


obtain a quadratic equation in x: 46.5x? — 151.5x + 101.0 = 0 
Solving the quadratic equation (Appen- —(-151.5) + V(-151.5)2 — 4(46.5)(101.0) 
dix A.3) leads to two solutions for x: x 2(46.5) 2.323 or 0.935 


When we substitute x = 2.323 into the 

expressions for the equilibrium concentra- 

tions, we find negative concentrations of 

H; and I,. Because a negative concentra- [H2] = 1.000 — x = 0.065 M 
tion is not chemically meaningful, we re- _ = 

ject this solution. We then use x = 0.935 [1 sao eee 
to find the equilibrium concentrations: [HI] = 2x = 1.87M 


Check We can check our solution by putting 
these numbers into the equilibrium expres- 
sion to assure that we correctly calculate the [HI] (1.87)? 


equilibrium constant: Ke p]  (0.065)(1.065) 51 


Comment Whenever you use a quadratic equation to solve an > Practice Exercise 

equilibrium problem, one of the solutions to the equation will For the equilibrium PCl;(g) == PCl3(g) + Cl:(g), the equi- 

give you a value that leads to negative concentrations and thus is librium constant K, is 50.4 at 500 K. A gas cylinder at 500 K is 

not chemically meaningful. Reject this solution to the quadratic charged with PCl,(g) at an initial pressure of 168.2 kPa. What 

equation. are the equilibrium pressures of PCl;, PCl;, and Cl, at this 
temperature? 


Self-Assessment Exercise 


15.16 In an experiment, 0.200 mol of PCl,(g) and 0.100 mol of (a) K = 0.22 
Cl,(g) were mixed in a 1.00 L container at 250 °C. When equi- (b) K = 93 
librium was established, it was found that [PCl;] = 0.091. 

Calculate the value of K, at this temperature. 


PCI3(¢) + Clo(g) == PCI5(g) 
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a 


Exercises 


15.17 


15.18 


15.19 


15.20 


Methanol (CH30H) is produced commercially by the 
catalyzed reaction of carbon monoxide and hydrogen: 
CO(g) + 2Ho(g) —— CH30H(g). An equilibrium mix- 
ture in a 10.00 L vessel is found to contain 0.050 mol 
CH30H, 0.850 mol CO, and 0.750 mol H; at 500 K. Calcu- 
late K, at this temperature. 


A mixture of 0.140 mol of NO, 0.060 mol of H2, and 0.260 
mol of H20 is placed in a 2.0 L vessel at 330 K. Assume that 
the following equilibrium is established: 


2NO(g) + 2H2(g) == Na(g) + 2H20(8) 


At equilibrium [H,] = 0.010 M. (a) Calculate the equilib- 
rium concentrations of NO, No, and H,0. (b) Calculate K.. 


A chemist at a pharmaceutical company is measuring equi- 
librium constants for reactions in which drug candidate 
molecules bind to a protein involved in cancer. The drug mol- 
ecules bind the protein in a 1:1 ratio to form a drug-protein 
complex. The protein concentration in aqueous solution at 
25°C is 1.50 x 10°°M. Drug A is introduced into the pro- 
tein solution at an initial concentration of 2.00 x 1076 M. 
Drug B is introduced into a separate, identical protein solu- 
tion at an initial concentration of 2.00 x 107° M. At equilib- 
rium, the drug A-protein solution has an A-protein complex 
concentration of 1.00 x 10~°M, and the drug B solution 
has a B-protein complex concentration of 1.40 x 10°°M. 
Calculate the K, value for the A-protein binding reaction and 
for the B-protein binding reaction. Assuming that the drug 
that binds more strongly will be more effective, which drug is 
the better choice for further research? 


(a) If Q. > Ka how must the reaction proceed to reach 
equilibrium? (b) At the start of a certain reaction, only 
reactants are present; no products have been formed. 
What is the value of Q, at this point in the reaction? 


15.21 


15.22 


15.23 


15.24 


As shown in Table 15.2, K, for the equilibrium 
No(s) + 3H2(g) == 2NH3(g) 


is 4.39 x 107° at 450°C. For each of the mixtures listed 
here, indicate whether the mixture is at equilibrium at 
450°C. If it is not at equilibrium, indicate the direction 
(toward product or toward reactants) in which the mixture 
must shift to achieve equilibrium. 

(a) 9.93 MPa NHs, 4.56 MPa No, 5.57 MPa H3 

(b) 5.78 MPa NH3, 14.49 MPa No, no H3 


(c) 1.32 MPa NHs3, 2.74 MPa No, 8.31 Mpa H3 
For 2SO2(g) + O2(g) == 2S03(g), Kp = 3.0 X 10° at 
700 K. In a 2.00 L vessel, the equilibrium mixture contains 
1.17 g of SO; and 0.105 g of O2. How many grams of SO, are 
in the vessel? 
For the equilibrium 

Bro(g) + Clo(g) = — 2 BrCl(g) 


at 400 K, K, = 7.0. If 0.25 mol of Br, and 0.55 mol of Cl, are 
introduced into a 3.0 L container at 400 K, what will be the 
equilibrium concentrations of Brz, Clp, and BrCl? 


At 80°C, K, = 1.87 X 10° for the reaction 
PH3BCl;(s) = PH3(g) F BCl3(g) 


(a) Calculate the equilibrium concentrations of PH; and 
BCl; if a solid sample of PH3BCl, is placed in a closed ves- 
sel at 80°C and decomposes until equilibrium is reached. 
(b) If the flask has a volume of 0.250 L, what is the mini- 
mum mass of PH3BCl3(s) that must be added to the flask to 
achieve equilibrium? 
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SECTION 15.5 Le Chatelier’s Principle 


Many of the products we use in everyday life are obtained from the chemical industry. 
Chemists and chemical engineers in industry spend a great deal of time and effort to 
maximize the yield of valuable products and minimize waste. For example, when Haber 
developed his process for making ammonia from N; and H3, he examined how reaction 
conditions might be varied to increase yield. Using the values of the equilibrium con- 
stant at various temperatures, he calculated the equilibrium amounts of NH; formed 
under a variety of conditions. By the end of this section, you should be able to 


e Use Le Chatelier’s principle to predict how changing the concentrations, volume, or 
temperature of a system at equilibrium affects the equilibrium position. 


Some of Haber’s results are shown in Figure 15.9. Notice that the percent of NH; pres- 
ent at equilibrium decreases with increasing temperature and increases with increasing 
pressure. 

We can understand these effects in terms of a principle first put forward by 
Henri-Louis Le Chatelier* (1850-1936), a French industrial chemist: 


Ifa system at equilibrium is disturbed by a change in temperature, pressure, 
or a component concentration, the system will shift its equilibrium position 
so as to counteract the effect of the disturbance. 


Le Chatelier’s Principle ( > ) 


If a system at equilibrium is disturbed by a change in concentration, pressure, or temperature, 
the system will shift its equilibrium position so as to counter the effect of the disturbance. 


Concentration: adding or removing a reactant or product 


Ifa substance is added to a system at equilibrium, the system reacts to consume some of the substance. If a substance is removed 
from a system, the system reacts to produce more of substance. 


Initial equilibrium Substance added Equilibrium reestablished 
ne — m- — M =m 


Substances react 


Pressure: changing the pressure by changing the volume Pressure 


At constant temperature, reducing the volume of a gaseous equilibrium  Toitial volume System shifts to 
mixture causes the system to shift in the direction that reduces the : direction of fewer 


P00 
number of moles of gas. 28 moles of gas 


a 


Temperature: 


If the temperature of a system at equilibrium is increased, the system reacts as if we added a reactant to an endothermic reaction 
or a product to an exothermic reaction. The equilibrium shifts in the direction that consumes the “excess reagent,” namely, heat. 


Endothermic Exothermic 


increasing Reaction shifts right Ganer Reaction shifts left 
eoeensing i Reaction shifts left Decreasing Reaction shifts right 


In this section, we use Le Chatelier’s principle to make qualitative predictions about 
how a system at equilibrium responds to various changes in external conditions. We 
consider three ways in which a chemical equilibrium can be disturbed: (1) adding or 
removing a reactant or product, (2) changing the pressure by changing the volume, and 
(3) changing the temperature. 


* Pronounced “le-SHOT-lee-ay.” 
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W CTA At what combination of pressure and temperature should you run the 
reaction to maximize NH3 yield? 


Percent of NH3 Percent NH; Produced Percent of NH3 
increases with decreases with 


increasing increasing 
pressure. pS temperature. 


A Figure 15.9 Effect of temperature and pressure on NH; yield in the Haber process. Each 
mixture was produced by starting with a 3:1 molar mixture of H2 and No. 


Change in Reactant or Product Concentration 


A system at dynamic equilibrium is in a state of balance. When the concentrations of spe- 
cies in the reaction are altered, the equilibrium shifts until a new state of balance is attained. 
What does shift mean? It means that reactant and product concentrations change over 
time to accommodate the new situation. Shift does not mean that the equilibrium constant 
itself is altered; the equilibrium constant remains the same. Le Chatelier’s principle states 
that the shift is in the direction that minimizes or reduces the effect of the change. 


Ifa chemical system is already at equilibrium and the concentration of any substance 
in the mixture is increased (either reactant or product), the system reacts to consume 
some of that substance. Conversely, if the concentration of a substance is decreased, 

the system reacts to produce some of that substance. 


There is no change in the equilibrium constant when we change the concentrations 
of reactants or products. As an example, consider our familiar equilibrium mixture of 
No, Ho, and NH3: 


N2(8) + 3 H2(8) == 2NH;(8) 


Adding H, causes the system to shift so as to reduce the increased concentration of Hz 
(Figure 15.10). This change can occur only if the reaction consumes H; and simultane- 
ously consumes N; to form more NH3. Adding N; to the equilibrium mixture likewise 
causes the reaction to shift toward forming more NH3. Removing NH; also causes a shift 
toward producing more NH3, whereas adding NH; to the system at equilibrium causes the 
reaction to shift in the direction that reduces the increased NH3 concentration: Some of 
the added ammonia decomposes to form N; and H3. All of these “shifts” are entirely con- 
sistent with predictions that we would make by comparing the reaction quotient Q with 
the equilibrium constant K. 

In the Haber reaction, therefore, removing NH; from an equilibrium mixture of 
N2, Hz, and NH; causes the reaction to shift right to form more NH}. If the NH; can be 
removed continuously as it is produced, the yield can be increased dramatically. In the 
industrial production of ammonia, the NH; is continuously removed by selectively liq- 
uefying it (Figure 15.11). (The boiling point of NH3, —33 °C, is much higher than those of 
N2, —196 °C, and Hz, —253 °C.) The liquid NH; is removed, and the N; and H; are recy- 
cled to form more NH3. As a result of the product being continuously removed, the reac- 
tion is driven essentially to completion. 
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V Go Figure Why does the nitrogen concentration decrease after hydrogen is added? 


N2(8) + 3 Hy(g) == 2 NH3(g) 


Initial Equilibrium 
equilibrium reestablished 


Partial pressure 


Time —> 


A Figure 15.10 Effect of adding H; to an equilibrium mixture of N3, Hz, and NH3. Adding Hp causes 
the reaction as written to shift to the right, consuming some N; to produce more NH3. 


Hot gases 
PT ee g? D 
(ce = 
i a I ee @ o” 


i) Incoming No 
and Ho gases 


SP Unreacted No and 
Ho recycled 
£9 Heated gases pass over 


“5 As gas mixture 
cools, 
NHg(9) liquifies. 


gases heated to 
approximately 
500 °C 


Liquid NH; 
outlet 


A Figure 15.11 Diagram of the industrial production of ammonia. Incoming N2(g) and H2(g) are 
heated to approximately 500 °C and passed over a catalyst. When the resultant No, H2, and NH3 
mixture is cooled, the NH3 liquefies and is removed from the mixture, shifting the reaction to 
produce more NH3. 


742 


CHAPTER 15 Chemical Equilibrium 


Decrease volume, 
increase pressure 


Effects of Volume and Pressure Changes 


If a system containing one or more gases is at equilibrium and its volume is decreased, 
thereby increasing its total pressure, Le Chatelier’s principle indicates that the system 
responds by shifting its equilibrium position to reduce the pressure. A system can reduce 
its pressure by reducing the total number of gas molecules (fewer molecules of gas exert 
a lower pressure). Thus, at constant temperature, reducing the volume of a gaseous equilib- 
rium mixture causes the system to shift in the direction that reduces the number of moles of gas. 
Increasing the volume causes a shift in the direction that produces more gas molecules 
(Figure 15.12). 

In the reaction N2(g) + 3H2(g) ——= 2NHs3(g), four molecules of reactant are 
consumed for every two molecules of product produced. Consequently, an increase 
in pressure (caused by a decrease in volume) shifts the reaction in the direction that 
produces fewer gas molecules, which leads to the formation of more NH3, as indicated 
in Figure 15.9. In the reaction H2(g) + In(g) —— 2 HI(g), the number of molecules of 
gaseous products (two) equals the number of molecules of gaseous reactants; therefore, 
changing the pressure does not influence the position of equilibrium. 

Keep in mind that, as long as temperature remains constant, pressure-volume 
changes do not change the value of K. Rather, these changes alter the partial pressures 
of the gaseous substances. In Sample Exercise 15.7, we calculated K, = 2.71 X 107° for 
the Haber reaction, No(g) + 3 H2(g) —— 2NH;(g), in an equilibrium mixture at 472 °C 
containing 249.3 kPa Hp, 747.8 kPa N3, and 16.82 kPa NH3. Consider what happens 
when we suddenly reduce the volume of the system by one-half. If there were no shift 
in equilibrium, this volume change would cause the partial pressures of all substances 
to double, giving Py, = 1495.6 kPa, Py, = 498.6 kPa, and Iny, = 33.64 kPa. The reaction 
quotient would then no longer equal the equilibrium constant: 


(Pnn)? (33.6 kPa)? 
By, (Pu,)? (498.6 kPa)(1495.6 kPa)’ 


Q; 6.79 x 101° 4 Kp 
Because Qp < Kp, the system would no longer be at equilibrium. Equilibrium 
would be reestablished by increasing Ryy, and decreasing both Ry, and Py, until 
Qp = Kp = 2.71 X 10°. Therefore, the equilibrium shifts to the right in the reaction as 
written, as Le Chatelier’s principle predicts. 

It is possible to change the pressure of a system in which a chemical reaction is run- 
ning without changing its volume. For example, pressure increases if additional amounts 
of any reacting components are added to the system. We have already seen how to deal 


@2 A(s) —— @ Big) 


Increase volume, 
decrease pressure 


e” — 


New equilibrium favors 
products to reduce total 
moles of gas. 


Initial volume 


New equilibrium favors 
reactants to increase total 


moles of gas. 


A Figure 15.12 Pressure and Le Chatelier’s principle. 
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with a change in concentration of a reactant or product. However, the total pressure in 
the reaction vessel might also be increased by adding a gas that is not involved in the 
equilibrium. For example, argon might be added to the ammonia equilibrium system. 
The argon would not alter the partial pressures of any of the reacting components and 
therefore would not cause a shift in equilibrium. 


Effect of Temperature Changes 


Changes in concentrations or partial pressures shift equilibria without changing the 
value of the equilibrium constant. In contrast, almost every equilibrium constant 
changes as the temperature changes. For example, consider the equilibrium established 
when cobalt(II) chloride (CoCl,) is dissolved in hydrochloric acid, HCl(aq), in the endo- 
thermic reaction 


Co(H,0) 2*(aq) + 4 Cl (aq) == CoCl? (aq) + 6H,O(!) AH > 0 [15.25] 

Pale pink Deep blue 

Because Co(H,O),* is pink and CoCl,”- is blue, the position of this equilibrium 
is readily apparent from the color of the solution (Figure 15.13). When the solution is 
heated it turns blue, indicating that the equilibrium has shifted to form more CoCl,”. 
Cooling the solution leads to a pink solution, indicating that the equilibrium has shifted 
to produce more Co(H,0) ,2*. We can monitor this reaction by spectroscopic methods, 
measuring the concentration of all species at the different temperatures. We can then cal- 
culate the equilibrium constant at each temperature. How do we explain why the equilib- 
rium constants and therefore the position of equilibrium both depend on temperature? 


AH > 0, endothermic reaction 


Heat + Co(H,O),?* (aq) + 4 Cl (aq) =  CoGl e) 6 EO) 


Pink Blue 


Cool 


Solution appears pink because 
lowering the temperature shifts the 
equilibrium to favor formation of 
the pink Co(H,O),2* ion. 


Solution appears violet because 
appreciable amounts of both pink 
Co(H,O),2* and blue CoCl,? are 
present. 


A Figure 15.13 Temperature and Le ChAtelier’s principle. In the molecular level views, only the 
CoCl42~ and Co(H20),¢°* ions are shown for clarity. 


Co(H20)¢7* 


Heat 


Solution appears blue because 
raising the temperature shifts the 
equilibrium to favor formation of 
the blue CoC,” ion. 
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We can deduce the rules for the relationship between K and temperature from Le 
Chatelier’s principle. We do this by treating heat as a chemical reagent. In an endother- 
mic (heat-absorbing) reaction, we consider heat a reactant, and in an exothermic (heat- 
releasing) reaction, we consider heat a product: 


Endothermic: Reactants + heat — = products 


Exothermic: Reactants —— products + heat 


When the temperature of a system at equilibrium is increased, the system 
reacts as if we added a reactant to an endothermic reaction or a product to an 
exothermic reaction. The equilibrium shifts in the direction that consumes 
the excess reactant (or product), namely heat. 


In an endothermic reaction, such as Equation 15.25, heat is absorbed as reactants are 
converted to products. Thus, increasing the temperature causes the equilibrium to shift 
to the right, in the direction of making more products, and K increases. In an exothermic 
reaction, the opposite occurs: Heat is produced as reactants are converted to products. 
Thus, increasing the temperature in this case causes the equilibrium to shift to the left, in 
the direction of making more reactants, and K decreases. 


Endothermic: Increasing T results in higher K value 


Exothermic: Increasing T results in lower K value 


Cooling a reaction has the opposite effect. As we lower the temperature, the equilib- 
rium shifts in the direction that produces heat. Thus, cooling an endothermic reaction 
shifts the equilibrium to the left, decreasing K, as shown in Figure 15.13, and cooling an 
exothermic reaction shifts the equilibrium to the right, increasing K. 


= Sample Exercise 15.12 
D Using Le Châtelier’s Principle to Predict Shifts in Equilibrium 


Consider the equilibrium 


N204(2) === 2NO(g) AH? = 58.0kJ 


In which direction will the equilibrium shift when (a) N20, is added, (b) NO, is removed, (c) the pressure is increased by addition 
of N2(g), (d) the volume is increased, (e) the temperature is decreased? 


(d) If the volume is increased, the system will shift in the direc- 
tion that occupies a larger volume (more gas molecules); thus, 
the equilibrium shifts to the right. 

(e) The reaction is endothermic, so we can imagine heat as a 
reagent on the reactant side of the equation. Decreasing the 


SOLUTION 


Analyze We are given a series of changes to be made to a system at 
equilibrium and are asked to predict what effect each change will 
have on the position of the equilibrium. 


Plan Le Châtelier’s principle can be used to determine the effects 
of each of these changes. 


Solve 


(a) The system will adjust to decrease the concentration of the 
added N2Og, so the equilibrium shifts to the right, in the 
direction of the product. 

(b) The system will adjust to the removal of NO, by shifting to the 
side that produces more NO; thus, the equilibrium shifts to 
the right. 

(c) Adding N; will increase the total pressure of the system, but 
Nz is not involved in the reaction. The partial pressures of NO2 
and N,O, are therefore unchanged, and there is no shift in the 
position of the equilibrium. 


temperature will shift the equilibrium in the direction that 
produces heat, so the equilibrium shifts to the left, toward the 
formation of more N,O,. Note that only this last change also 
affects the value of the equilibrium constant, K. 


> Practice Exercise 
For the reaction 


PCls(g) =— PCI;(g) + Cl(g) AH° = 87.9 KJ 


in which direction will the equilibrium shift when (a) Cl2(g) 
is removed, (b) the temperature is decreased, (c) the volume 
of the reaction system is increased, (d) PCl3(g) is added? 
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A CLOSER LOOK Temperature Changes and Le Chatelier’s Principle [ i 


By thinking of heat as a chemical reagent, we can use Le Châtelier’s 
principle to predict how an equilibrium mixture of reactants and 
products will respond to a change in temperature. For an endother- 
mic reaction, the equilibrium constant K increases as the temperature 
rises and decreases as the temperature is lowered, while exothermic 
reactions respond in the opposite manner. The underlying reason for 
this behavior can be understood by taking a closer look at the rela- 
tionships among the equilibrium constant, the forward and reverse 
reaction rates, and their activation energies. 

To illustrate the underlying relationships consider an elemen- 
tary reaction A =— B. At equilibrium, the rates of the forward and 
reverse reactions are equal: 

k{A] = k[B] [15.26] 
The equilibrium constant, K = [B]/[A] can be expressed in terms of 
reaction rates by rearranging Equation 15.26 


K=—~=— [15.27] 


It’s instructive to consider shifts in equilibrium through the lens 
of Equation 15.27. If the reaction in question is an endothermic reac- 
tion, a decrease in temperature will lead to a decrease in K, thereby 
shifting the equilibrium to the left. Equation 15.27 tells us that in 
order for K to decrease, the rate constant of the forward reaction kr 
must decrease by a larger amount than the rate constant of the reverse 
reaction k,. 

To understand why k; decreases faster than k, consider the rela- 
tionship between reaction rate and activation energy, Ea. For the sake 
of illustration, consider the effect of decreasing the temperature from 


Endothermic reaction 
E, (forward) > E,(reverse) 


E (reverse) 
E,,(forward) 


A 


Tı = 400 K to T, = 300 K. We can calculate the change in the for- 
ward rate constant using Equation 14.23: 


k E, (forward 
woe al { 1 L) [15.28] 
kro R R T 
k E,(forward) / 1 1 E,(forward) 
fl a a 
l 1200 15:29 
T Eg R (sa K 400 z) [15:29] 


Using the same approach, we can write an equation that gives the 
change in the reverse rate constant: 


k,ı  E,(reverse) 1 1 


l ( E,(tever 
ies R 300K 400K 


se) 


) 1200 [15.30] 


These equations are identical with one exception: the activation 
energies for the forward and reverse reactions are not the same, as 
shown on the left-hand side of Figure 15.14. For an endothermic reac- 
tion, the activation energy in the forward direction is always larger 
than that of the reverse reaction, E,(forward) > E,(reverse). Conse- 
quently, the decrease in the forward rate constant (Equation 15.29) 
will be larger than the decrease in the reverse rate constant (Equa- 
tion 15.30), and the overall value of the equilibrium constant K must 
decrease. 

For an exothermic reaction, E,(reverse) > E,(forward) and the 
opposite relationships apply as shown on the right-hand side of 
Figure 15.14. As temperature is lowered, the reverse rate constant will 
decrease more rapidly than the forward rate constant and the equi- 
librium constant K will increase; that is, the equilibrium will shift to 
the right. 

Related Exercises: 15.32, 15.80, 15.99, 15.104 


Exothermic reaction 
E, (reverse) > E,(forward) 


E, (forward) 


A Figure 15.14 The energy profile for an endothermic reaction (left) and an exothermic reaction (right). 


The Effect of Catalysts 


What happens if we add a catalyst to a chemical system that is at equilibrium? As 
shown in Figure 15.15, a catalyst lowers the activation barrier between reactants and 
products. The activation energies for both the forward and reverse reactions are low- 
ered. The catalyst thereby increases the rates of both forward and reverse reactions. 
Since K is the ratio of the forward and reverse rate constants for a reaction, you can 
predict, correctly, that the presence of a catalyst, even though it changes the reac- 
tion rate, does not affect the numeric value of K (Figure 15.15). As a result, a catalyst 
increases the rate at which equilibrium is achieved but does not change the composition of the 


equilibrium mixture. 
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YW Go Figure 


Energy —> 


What quantity dictates the speed of a reaction: (a) the energy difference 
between the initial state and the transition state or (b) the energy difference 
between the initial state and the final state? 


Transition states 


Catalyzed reaction 
proceeds more rapidly. 
[Bleg Sea 


Catalyzed reaction has 
lower activation energy. 


The two reactions reach the 
same equilibrium mixture, 
but the catalyzed reaction 
achieves equilibrium faster. 


[B] 


Reaction pathway Time —> 


TABLE 15.2 Variation in 
K, with Temperature for 
Np +3 H, — 2 NH; 


Temperature (°C) 
300 
400 
450 
500 
550 
600 


K, 

ADS Se WO? 
1.60 x 108 
4.39 x 10° 
1.41 x 10° 
Be FOS 
2.19 x 10°1° 


A Figure 15.15 An energy profile for the reaction A == B (left), and the change in concentration 
of B as a function of time (right), with and without a catalyst. Green curves show the reaction with a 
catalyst; black curves show the reaction without a catalyst. 


The rate at which a reaction approaches equilibrium is an important practical con- 
sideration. As an example, let’s again consider the synthesis of ammonia from N, and H3. 
In designing his process, Haber had to deal with a rapid decrease in the equilibrium con- 
stant with increasing temperature, as you can see from Table 15.2. At temperatures suf- 
ficiently high to give a satisfactory reaction rate, the amount of ammonia formed was 
too small. The solution to this dilemma was to develop a catalyst that would produce a 
reasonably rapid approach to equilibrium at a sufficiently low temperature, so that the 
equilibrium constant remained reasonably large. The development of a suitable catalyst 
thus became the focus of Haber’s research efforts. 

After trying different substances to see which would be most effective, Carl 
Bosch settled on iron mixed with metal oxides, and variants of this catalyst formula- 
tion are still used today. These catalysts make it possible to obtain a reasonably rapid 
approach to equilibrium at around 400 to 500 °C and 20 to 60 MPa. The high pressures 
are needed to obtain a satisfactory equilibrium amount of NH3. If a catalyst could be 
found that leads to sufficiently rapid reaction at temperatures lower than 400°C, it 
would be possible to obtain the same extent of equilibrium conversion at pressures 
much lower than 20 to 60 MPa. This would result in great savings in both the cost of 
the high-pressure equipment and the energy consumed in the production of ammo- 
nia. It is estimated that the Haber process consumes approximately 1% of the energy 
generated in the world each year. Not surprisingly, chemists and chemical engineers 
are actively searching for improved catalysts for the Haber process. A breakthrough in 
this field would not only increase the supply of ammonia for fertilizers, it would also 
reduce the global consumption of fossil fuels in a significant way. 


Self-Assessment Exercises 


15.25 What happens to the equilibrium 2SO,(g) + O2(g) (a) Increase 
=—  25S03;(g) , if the volume of the system is increased? (b) Decrease 


(a) Shift to the left 
(b) Shift to the left 


(b) No change 
15.26 Based on Le Chatelier’s principle, would you predict the 


15.27 Ifa reaction is carried out in the presence of a catalyst, will 
the amount of product present at equilibrium increase, 
decrease, or stay the same? 


(a) Increase 


vapor pressure of a gas will increase or decrease as the tem- (b) Decrease 
perature increases? 


(c) No change 


SECTION 15.5 Le Chatelier’s Principle 747 


a 


Exercises 


15.28 


15.29 


15.30 


Consider the reaction 


4NH3(g) + 5 O2(g) == 
4NO(g) + 6 H2O(g), AH = —904.4 kJ 


Does each of the following increase, decrease, or leave 
unchanged the yield of NO at equilibrium? (a) increase 
[NH;]; (b) increase [H20]; (c) decrease [O2]; (d) decrease 
the volume of the container in which the reaction occurs; 
(e) add a catalyst; (f) increase temperature. 


For a certain gas-phase reaction, the fraction of products 
in an equilibrium mixture is increased by either increasing 
the temperature or by increasing the volume of the reac- 
tion vessel. (a) Is the reaction exothermic or endothermic? 
(b) Does the balanced chemical equation have more mole- 
cules on the reactant side or product side? 


Methanol (CHOH) can be made by the reaction of CO 
with Ha: 


CO(s) + 2H2(g) == CH30H(s) 


VWA Sample Integrative Exercise 


D Putting Concepts Together 


(a) Use thermochemical data in Appendix C to calculate 
AH? for this reaction. (b) To maximize the equilibrium 
yield of methanol, would you use a high or low tempera- 
ture? (c) To maximize the equilibrium yield of methanol, 
would you use a high or low pressure? 


15.31 Bromine and hydrogen react in the gas phase to form hydro- 


gen bromide: H2(g) + Bro(g) —— 2HBr(g). The reaction 
enthalpy is AH? = —6 kJ. (a) To increase the equilibrium yield 
of hydrogen bromide would you use high or low temperature? 
(b) Could you increase the equilibrium yield of hydrogen bro- 
mide by controlling the pressure of this reaction? If so, would 
high or low pressure favor formation of HBr(g)? 


15.32 (a) Is the dissociation of fluorine molecules into atomic 


fluorine, F2(g) —— 2 F(g) an exothermic or endothermic 
process? (b) If the temperature is raised by 100 K, does the 
equilibrium constant for this reaction increase or decrease? 
(c) If the temperature is raised by 100 K, does the forward 
rate constant k; increase by a larger or smaller amount than 
the reverse rate constant k,? 


(e) Sash 


y 


(0) ZZ'SL (e) 92°SL 


$8S1919Xq JUBWISSASSY-}aS 0} SIƏMSUY 


At temperatures near 800 °C, steam passed over hot coke (a form of carbon obtained from coal) reacts to form CO and H3: 
C(s) + H20(g) == CO(g) + H2(8) 


The mixture of gases that results is an important industrial fuel called water gas. (a) At 800°C the equilibrium constant for this 
reaction is K, = 14.3 What are the equilibrium partial pressures of H20, CO, and H3 in the equilibrium mixture at this tempera- 
ture if we start with solid carbon and 0.100 mol of H20 in a 1.00 L vessel? (b) What is the minimum amount of carbon required 
to achieve equilibrium under these conditions? (c) What is the total pressure in the vessel at equilibrium? (d) At 25°C the value 
of K, for this reaction is 1.7 x 10723. Is the reaction exothermic or endothermic? (e) To produce the maximum amount of CO 
and Hp at equilibrium, should the pressure of the system be increased or decreased? 


SOLUTION 


(a) To determine the equilibrium partial pressures, 


we use the ideal gas equation, first determining My,oRT _ (0.100 mol)(8.314 E kPa/mol K)(1073 K) 
m A PB HO 8.92 bar 
the starting partial pressure of water. z V 1.00 L 
We then construct a table of initial partial C(s) + H,O(g) == CO(g) + H2(8) 
pressures and their changes as equilibrium is Initial partial pressure (bar) 8.92 0 0 
achieved: 
Change in partial pressure (bar) =x FX tX 
Equilibrium partial pressure (bar) O = x x 
There are no entries in the table under C(s) because the reactant, 
being a solid, does not appear in the equilibrium expression. Substi- 
tuting the equilibrium partial pressures of the other species into the P-oP4 (x)(x) 
equilibrium expression for the reaction gives: : 14.3 


Pio  (8.92—x) 


Multiplying through by the denominator gives a quadratic 


equation in x: x? =(14.3)(892 —x) 


Solving this equation for x using the quadratic formula x2 + 14.3 x-127.55=0 


yields x = 6.22 bar. Hence, the equilibrium partial pres- 
sures are Peo = x = 6.22 bar, Py, = x = 6.22 bar, and 
Pao = (892— x) = 2.70 bar. 


Continued 
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Part (a) shows that x = 6.22 bar of H2O must react for the system 
to achieve equilibrium. We can use the ideal-gas equation to 
convert this partial pressure into a mole amount. 


Thus, 0.0697 mol of H2O and the same amount of C must react 
to achieve equilibrium. As a result, there must be at least 0.0697 


aay 
~ RT 
(6.22 bar)(1.00 K) 


(0.08314 L bar/mol K)(1073 K) = 0.0697 mol 


mol of C (0.836 g C) present among the reactants at the start of 
the reaction. 


(c) The total pressure in the vessel at equilibrium is simply the sum of 


the equilibrium partial pressures: Pota = h,o + Poo + Pu, 


= 2.70 bar + 6.22 bar + 6.22 bar = 15.14 bar 


a 


= 


In discussing Le Chatelier’s principle, we saw that endothermic 
reactions exhibit an increase in K, with increasing temperature. 
Because the equilibrium constant for this reaction increases as 
temperature increases, the reaction must be endothermic. From 
the enthalpies of formation given in Appendix C, we can verify 


our prediction by calculating the enthalpy change for the reaction: AH? = AHf(CO(g)) + AHP(H2(g)) — AHF (C(s, graphite )) 


The positive sign for AH?” indicates that the reaction is — AHf(H2O0(g)) = +131.3 KJ 


endothermic. 


(e) According to Le Chatelier’s principle, a decrease in the pressure 
causes a gaseous equilibrium to shift toward the side of the equa- 
tion with the greater number of moles of gas. In this case, there 
are 2 mol of gas on the product side and only one on the reactant 
side. Therefore, the pressure should be decreased to maximize the 
yield of the CO and H3. 


CHEMISTRY PUT TO WORK QUOT A E SOLES 


The formation of NO from N, and O;, is to achieve rapid conversion of NO to N, and O; at the temperature of 
the exhaust gas. Some catalysts developed for this reaction are reasonably 
effective under the grueling conditions in automotive exhaust systems. 
Nevertheless, scientists and engineers are continuously searching for new 
materials that provide even more effective catalysis of the decomposition 


of nitrogen oxides. 


Y 


3 No(g) + 4 O2(8) == NO(g) AH’ = 90.4KJ 


[15.31] 


provides an interesting example of the practical importance 
of the fact that equilibrium constants and reaction rates 
change with temperature. By applying Le Châtelier’s principle 
to this endothermic reaction and treating heat as a reactant, 
we deduce that an increase in temperature shifts the equilib- 
rium in the direction of more NO. The equilibrium constant 
K, for formation of 1 mol of NO from its elements at 300 K is 
only about 1 X 107!5 (Figure 15.16). At 2400 K, however, the 
equilibrium constant is about 0.05, which is 1013 times larger 
than the 300 K value. 

Figure 15.16 helps explain why NO is a pollution prob- 
lem. In the cylinder of a modern high-compression automo- 
bile engine, the temperature during the fuel-burning part 
of the cycle is approximately 2400 K. Also, there is a fairly 
large excess of air in the cylinder. These conditions favor 
the formation of NO. After combustion, however, the gases 
cool quickly. As the temperature drops, the equilibrium in 
Equation 15.26 shifts to the left (because the reactant heat is 
being removed). However, the lower temperature also means 
that the reaction rate decreases, so the NO formed at 2400 K is 
essentially “trapped” in that form as the gas cools. 

The gases exhausting from the cylinder are still quite 
hot, perhaps 1200 K. At this temperature, as shown in 
Figure 15.16, the equilibrium constant for formation of NO 
is about 5 X 107+, much smaller than the value at 2400 K. 
However, the rate of conversion of NO to N, and O; is too slow 
to permit much loss of NO before the gases are cooled further. 

As discussed in the “Chemistry Put to Work” box in Sec- 
tion 14.7, one of the goals of automotive catalytic converters 


TATED Estimate the value of K, at 1200 K, the 


exhaust gas temperature. 


$N2(g) + $Or(g) =— NO(g) 


Cylinder temperature 


Exhaust gas during combustion 


temperature 


0 1000 
Temperature (K) 


2000 


A Figure 15.16 Equilibrium and temperature. The equilibrium 

constant increases with increasing temperature because the reaction is 
endothermic. It is necessary to use a log scale for K, because the values 
vary over such a large range. 
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Chapter Summary and Key Terms 


THE CONCEPT OF EQUILIBRIUM (SECTION 15.1) A chemical 
reaction can achieve a state in which the forward and reverse pro- 
cesses are occurring at the same rate. This condition is called chemical 
equilibrium, and it results in the formation of an equilibrium mixture 
of reactants and products. The composition of an equilibrium mix- 
ture does not change with time if temperature is held constant. 


THE EQUILIBRIUM CONSTANT (SECTION 15.2) An equilib- 
rium that is used throughout this chapter is the reaction No(g) + 
3 H2(g) —— 2NHs3(g). This reaction is the basis of the Haber process 
for the production of ammonia. The relationship between the con- 
centrations of the reactants and products of a system at equilibrium 
is given by the law of mass action. For an equilibrium equation of the 
formaA + bB =— dD + eF, the equilibrium expression is written as 


_ (DIEI 
“ANB? 
where K+ is a dimensionless constant called the equilibrium constant. 
When the equilibrium system of interest consists of gases, it is often 
convenient to express the concentrations of reactants and products 
in terms of gas pressures: 


_ (Po) (P) 
P (Pa) (Ps)? 


K, and K, are related by the expression K, = K,(RT) An, 


UNDERSTANDING AND WORKING WITH EQUILIBRIUM CON- 
STANTS (SECTION 15.3) The value of the equilibrium constant 
changes with temperature. A large value of K, indicates that the equi- 
librium mixture contains more products than reactants and there- 
fore lies toward the product side of the equation. A small value for 
the equilibrium constant means that the equilibrium mixture con- 
tains less products than reactants and therefore lies toward the reac- 
tant side. The equilibrium expression and the equilibrium constant 
of the reverse of a reaction are the reciprocals of those of the forward 
reaction. If a reaction is the sum of two or more reactions, its equilib- 
rium constant will be the product of the equilibrium constants for 
the individual reactions. 

Equilibria can be divided into two types: homogeneous equilibria 
where all of the reactants and products are in the same phase, and 
heterogeneous equilibria where more than one phase is present. 
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Because their activities are exactly 1, the concentrations of pure 
solids and liquids are left out of the equilibrium expression for a 
heterogeneous equilibrium. 


CALCULATING EQUILIBRIUM CONSTANTS (SECTION 15.4) If 
the concentrations of all species in an equilibrium are known, the 
equilibrium expression can be used to calculate the equilibrium con- 
stant. The changes in the concentrations of reactants and products 
on the way to achieving equilibrium are governed by the stoichiom- 
etry of the reaction. 

The reaction quotient, Q, is found by substituting reactant and 
product concentrations or partial pressures at any point during a 
reaction into the equilibrium expression. If the system is at equilib- 
rium, Q = K. If Q # K, however, the system is not at equilibrium. 
When Q < K, the reaction will move toward equilibrium by form- 
ing more products (the reaction proceeds from left to right); when 
Q > K, the reaction will move toward equilibrium by forming more 
reactants (the reaction proceeds from right to left). Knowing the 
value of K makes it possible to calculate the equilibrium amounts of 
reactants and products, often by the solution of an equation in which 
the unknown is the change in a partial pressure or concentration. 


LE CHÂTELIER’S PRINCIPLE (SECTION 15.5) Le Châtelier’s 
principle states that if a system at equilibrium is disturbed, the 
equilibrium will shift to minimize the disturbing influence. There- 
fore, if a reactant or product is added to a system at equilibrium, 
the equilibrium will shift to consume the added substance. The 
effects of removing reactants or products and of changing the pres- 
sure or volume of a reaction can be similarly deduced. For exam- 
ple, if the volume of the system is reduced, the equilibrium will 
shift in the direction that decreases the number of gas molecules. 
While changes in concentration or pressure lead to shifts in the 
equilibrium concentrations, they do not change the value of the 
equilibrium constant, K. 

Changes in temperature affect both the equilibrium concen- 
trations and the equilibrium constant. We can use the enthalpy 
change for a reaction to determine how an increase in temperature 
affects the equilibrium: For an endothermic reaction, an increase in 
temperature shifts the equilibrium to the right; for an exothermic 
reaction, a temperature increase shifts the equilibrium to the left. 
Catalysts affect the speed at which equilibrium is reached but do not 
affect the magnitude of K. 


a na ee oC 
Learning Outcomes After studying this chapter, you should be able to: 


e Explain what is meant by chemical equilibrium and how it re- 
lates to reaction rates. (Section 15.1) 
Related Exercises: 15.2, 15.33, 15.45 


e Write the equilibrium expression for any reaction. (Section 
15.2) Related Exercises: 15.5, 15.46 


e Convert K, to Kp and vice versa. (Section 15.2) 
Related Exercises: 15.8, 15.49 


e Relate the magnitude of an equilibrium constant to the relative 
amounts of reactants and products present in an equilibrium 
mixture. (Section 15.3) Related Exercises: 15.6, 15.47, 15.48 


e Manipulate the equilibrium constant to reflect changes in the 
chemical equation. (Section 15.3) 
Related Exercises: 15.14, 15.50-15.52 


e Write the equilibrium expression for a heterogeneous reaction. 
(Section 15.4) Related Exercises: 15.15, 15.39, 15.53 


e Calculate an equilibrium constant from concentration measure- 
ments. (Section 15.5) 
Related Exercises: 15.17, 15.54-15.56 


e Predict the direction of a reaction given the equilibrium constant 
and the concentrations of reactants and products. (Section 15.6) 
Related Exercises: 15.20, 15.21, 15.61, 15.62 


e Calculate equilibrium concentrations given the equilibrium con- 
stant and all but one equilibrium concentration. (Section 15.6) 
Related Exercises: 15.22, 15.65-15.67 


e Calculate equilibrium concentrations, given the equilibrium 
constant and the starting concentrations. (Section 15.6) 
Related Exercises: 15.23, 15.68, 15.72, 15.74 


e Use Le Chatelier’s principle to predict how changing the con- 
centrations, volume, or temperature of a system at equilibrium 
affects the equilibrium position. (Section 15.7) 

Related Exercises: 15.28, 15.31, 15.76, 15.78 
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Key Equations 


DJE] 
e K= IDTE [15.8] The equilibrium expression for a general reaction of the type 
AB} — i ilibri 
[ aA+ bB == dD + eE, the concentrations are equilibrium 
‘ concentrations only 
Pp) “(Pu)® 
e K= (b) (P) 15.11 The equilibrium expression in terms of equilibrium partial 
p q P q p 
Pa) “(B)” 
(Pa) “(Ps pressures 
° Kp = KRT) on [15.15] Relating the equilibrium constant based on pressures to the equi- 
F librium constant based on concentrations 
DJE] 
e Q= E [15.24] The reaction quotient. The concentrations are for any time 
[A]*[B] during a reaction. If the concentrations are equilibrium concen- 
trations, then Q; = Ke 
Exercises 
Visualizing Concepts 15.36 The following diagram represents a reaction shown going 


15.33 (a) Based on the following energy profile, predict whether 


15.34 


kp > k ork < k. (b) Using Equation 15.5, predict 
whether the equilibrium constant for the process is 
greater than 1 or less than 1. [Section 15.1] 


Potential energy 


Products 


Reaction progress 


The following diagrams represent a hypothetical reaction 
A — B, with A represented by red spheres and B repre- 
sented by blue spheres. The sequence from left to right 
represents the system as time passes. Does the system 
reach equilibrium? If so, in which diagram(s) is the sys- 
tem in equilibrium? [Sections 15.1 and 15.2] 


1 2 3 4 5 


15.35 The following diagram represents an equilibrium mixture 


produced for a reaction of the type A + X = AX. Is K 
greater or smaller than 1 if the volume is 1 Land each atom/ 
molecule in the diagram represents 1 mol? [Section 15.2] 


to completion. Each molecule in the diagram represents 
0.1 mol, and the volume of the box is 1.0 L. (a) Letting 
A = red spheres and B = blue spheres, write a balanced 
equation for the reaction. (b) Write the equilibrium- 
constant expression for the reaction. (c) Calculate the 
value of K,. (d) Assuming that all of the molecules are in 
the gas phase, calculate An, the change in the number of 
gas molecules that accompanies the reaction. (e) Calcu- 
late the value of K,. [Section 15.2] 


15.37 


Snapshots of two hypothetical reactions, A(g)+ 
B(g) —— AB(g) and X(g) + Y(g) —— XY(g) at five dif- 
ferent times are shown here. Which reaction has a larger 
equilibrium constant? [Sections 15.1 and 15.2] 


20s 30s 40s 


15.38 Ethene (C,H,) reacts with halogens (X2) by the fol- 


lowing reaction: 


C2H4(8) + X2(3) == C2H4X2(8) 


The following figures represent the concentrations at equi- 
librium at the same temperature when X3 is Cl, (green), 
Brz (brown), and I, (purple). List the equilibria from 
smallest to largest equilibrium constant. [Section 15.3] 


15.39 When lead(IV) oxide is heated above 300°C, it 


decomposes according to the following reaction 
PbO2(s) —— PbO(s) + O(g). Consider the two 
sealed vessels of PbO, shown here. If both vessels are 
heated to 400°C and allowed to come to equilibrium, 
which of the following statements is true? (a) There will 
be less PbO, remaining in vessel A, (b) There will be less 
PbO, remaining in vessel B, (c) The amount of PbO, 
remaining in each vessel will be the same. [Section 15.3] 


5.0 g PbO2(g) 
in both vessels 


Vessel A 
V =50mL 


Vessel B 
V = 100 mL 
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15.40 The reaction A, + B} = — 2 AB hasan equilibrium con- 


stant K, = 1.5. The following diagrams represent reac- 
tion mixtures containing A, molecules (red), B2 
molecules (blue), and AB molecules. (a) Which reaction 
mixture is at equilibrium? (b) For those mixtures that are 
not at equilibrium, how will the reaction proceed to 
reach equilibrium? [Sections 15.4] 


(i) (ii) (iii) 


15.41 The reaction A2(g) + B(g) —— A(g) + AB(g) has an 


15.42 


15.43 


equilibrium constant of K, = 2. The accompanying dia- 
gram shows a mixture containing A atoms (red), Az mole- 
cules, and AB molecules (red and blue). How many B 
atoms should be added to the diagram to illustrate an 
equilibrium mixture? [Section 15.4] 


The diagram shown here represents the equilibrium state 
for the reaction Aj(g) + 2 B(g) == 2 AB(g). (a) Assum- 
ing the volume is 2 L, calculate the equilibrium constant 
K: for the reaction. (b) If the volume of the equilibrium 
mixture is decreased, will the number of AB molecules 
increase or decrease? [Sections 15.4 and 15.5] 


The following diagrams represent equilibrium mixtures 
for the reaction A, + B === A + ABat300 K and 500K. 
The A atoms are red, and the B atoms are blue. Is the reac- 
tion exothermic or endothermic? [Section 15.5] 
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300 K 500 K 


The following graph represents the yield of the compound 
AB at equilibrium in the reaction A(g) + B(g) ——> AB(g) 
at two different pressures, x and y, as a function of 
temperature. 


[AB] 


Temperature 


(a) Is this reaction exothermic or endothermic? (b) Is 
P = x greater or smaller than P = y? [Section 15.5] 


Equilibrium; The Equilibrium Constant 
(Sections 15.1-15.3) 


15.45 


15.46 


15.47 


15.48 


Assume that the equilibrium constant for the dissocia- 
tion of molecular bromine, Br,(g) —— 2 Br(g), at 800 K 
is K; = 5.4 X 10° °.(a) Which species predominates at 
equilibrium, Br, or Br, assuming that the concentration 
of Bry is larger than 5.4 X 107° mol/L? (b)Assuming both 
forward and reverse reactions are elementary processes, 
which reaction has the larger numeric value of the rate 
constant, the forward or the reverse reaction? 


Write the expression for K, for the following reactions. In 
each case indicate whether the reaction is homogeneous 
or heterogeneous. 

(a) k8) == 21(8) 

(b) 2SO2(g) + O2(g) == 2S03(g) 

(©) CO,(g) + C(s) == 2CO(g) 

(d) H,0(g) + CO(g) == CO2(g) + H2(8) 

(e) CO; (aq) + H,O(1) == HCO3 (aq) + H*(aq) 

(£) Fe?*(aq) + Zn(s) == Zn**(aq) + Fe(s) 

(g) CaCO3(s) == Ca?*(aq) + COF (aq) 

When the following reactions come to equilibrium, does 


the equilibrium mixture contain mostly reactants or 
mostly products? 


(a) H,0(g) + CO(g) == CO2(g) + H2(8) 

at900K K, = 2.24 
(b) 2 CO(g) == CO,(g) + C(s) 

at1300K K, = 5.27 x 10° 
Which of the following statements are true and which 
are false? (a) The equilibrium constant can never be a 
negative number. (b) In reactions that we draw with 
a single-headed arrow, the equilibrium constant has 
a value that is very close to zero. (c) As the value of the 


15.49 


15.50 


15.51 


15.52 


15.53 


equilibrium constant increases, the speed at which a reac- 
tion reaches equilibrium increases. 


If K; = 0.013 L/mol for 2 NO(g) + Bro(g) =—= 2 NOBr(g) 
at 1000 K, what is the value of K, for this reaction at this 
temperature? 


The equilibrium constant for the reaction 
2NO(g) + Bro(g) == 2 NOBr(g) 


is K, = 1.3 x 107? at 1000K. (a) At this temperature does 
the equilibrium favor NO and Bry, or does it favor NOBr? 
(b) Calculate K, for 2 NOBr(g) == 2NO(g) + Bro(g). 
(c) Calculate K, for NOBr(g) == NO(g) + $ Br)(g). 


At 1000 K, K, = 0.184 for the reaction 
SOn(g) + 3 O2(g) == SO3(g) 


(a) What is the value of K, for the reaction SO3(g) == 
SOo(g) + 5 O2(8)? (b) What is the value of K, for the reac- 
tion 2SO2(g) + O2(g) =—= 2S03(g)? (c) What is the 
value of K, for the reaction in part (b)? 


The following equilibria were attained at 298 K: 
Ag*(aq) + CT (aq) == AgCl(s) K, = 5.6 X 10° 
Ag*(aq) + 2NH3(aq) == [Ag(NHs3)2]"(aq) 
K. = 1.6 x 107 
Based on these equilibria, calculate the equilibrium constant 
for AgCl(s) + 2NH3(aq) —— Ag(NH3)2(aq) + Cl (aq) 
at 298 K. 
Mercury(I) oxide decomposes into elemental mercury 
and elemental oxygen: 2 Hg,O(s) == 4Hg(/) + O2(g). 
(a) Write the equilibrium expression for this reaction 
in terms of partial pressures. (b) Suppose you run this 
reaction in a solvent that dissolves elemental mer- 
cury and elemental oxygen. Rewrite the equilibrium- 
constant expression in terms of molarities for the reac- 
tion, using (solv) to indicate solvation. 


Calculating Equilibrium Constants 
(Section 15.4) 
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Gaseous hydrogen iodide is placed in a closed container 
at 450°C, where it partially decomposes to hydrogen and 
iodine: 2 HI(g) —— H;(g) + L(g). At equilibrium it is 
found that [HI] = 4.50 x 10°3M,[H] = 5.75 x 10°*M, 
and [Ip] = 5.75 x 10°*M. What is the value of K, at this 
temperature? 


The equilibrium 2 NO(g) + Cl(g) == 2NOCI\(g) is 
established at 550 K. An equilibrium mixture of the three 
gases has partial pressures of 10.13 kPa, 20.27 kPa, and 
35.46 kPa for NO, Cl, and NOCI, respectively.(a) Calcu- 
late K, for this reaction at 500.0 K. (b) If the vessel has a 
volume of 5.00 L, calculate K, at this temperature. 


Phosphorus trichloride gas and chlorine gas react to form 
phosphorus pentachloride gas: PCl3(g) + Cl2(g) == 
PCl;(g). A 7.5 L gas vessel is charged with a mixture 
of PCl3(g) and Cl,(g), which is allowed to equilibrate 
at 450 K. At equilibrium the partial pressures of the 
three gases are Pc = 12.56 kPa, Po, = 15.91 kPa, and 
Poa, = 131.7 kPa. (a) What is the value of K, at this tem- 
perature? (b) Does the equilibrium favor reactants or 
products? (c) Calculate K, for this reaction at 450 K. 


A mixture of 1.374 g of H, and 70.31 g of Br; is heated ina 
2.00 L vessel at 700 K. These substances react according to 
H2(g) + Bro(g) == 2 HBr(g) 


At equilibrium, the vessel is found to contain 0.566 g 
of Hp. (a) Calculate the equilibrium concentrations of 
Hp, Bry, and HBr. (b) Calculate K,. 
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A mixture of 0.886 mol of CO,, 0.443 mol of H,, and 0.713 
mol of H,O is placed in a 10.00 L vessel. The following 
equilibrium is established at 550 K: 


CO2(g) + Ho(g) == CO(g) + H20(g) 


(a) Calculate the initial partial pressures of CO,, 
Hp, and H3O. (b) At equilibrium P4, = 182 kPa, calculate 
the equilibrium partial pressures of CO2, CO, and H20. 
(c) Calculate K, for the reaction. (d) Calculate K, for the 
reaction. 


A flask is charged with 152.0 kPa of N2O04(g) and 101.3 kPa 
NO,(g) at 25 °C, and the following equilibrium is achieved: 


N204(g) == 2NO,(8) 


After equilibrium is reached, the partial pressure of NO, 
is 51.9 kPa. (a) What is the equilibrium partial pressure 
of N204? (b) Calculate the value of K, for the reaction. 
(c) Calculate K, for the reaction. 


Two different proteins X and Y are dissolved in aqueous solu- 
tion at 37 °C. The proteins bind in a 1:1 ratio to form XY. A 
solution that is initially 1.00 mM in each protein is allowed 
to reach equilibrium. At equilibrium, 0.20 mM of free X and 
0.20 mM of free Y remain. What is K, for the reaction? 


(a) What is the value of Q, at the end of a certain reaction, 
when only products are present? (b) How will the value of 
Q, change as a forward reaction proceeds? (b) What con- 
dition must be satisfied so that Q, = K,? 


At 100°C, the equilibrium constant for the reac- 
tion COCl(g) = — CO(g) + Clo(g) has the value 
K. = 2.19 x 107°. Are the following mixtures of 
COCI,,CO, and Cl, at 100°C at equilibrium? If not, 
indicate the direction that the reaction must proceed to 
achieve equilibrium. 


(a) [COCI] = [CO] = 1.00 x 104M, [Cl,] = 7.2 x 1076 M 
(b) [COCI,] = 2.20 x 107°? M, [CO] = 2.2 x 1077 M, 
[Cl] = 3.0 x 1076M 
(c) [COC] = 0.0100 M, [CO] = [Cl] = 7.2 x 10°M 
At 120°C, K, = 0.090 for the reaction 
SO2Ch(g) == SO2(g) + Cl2(8) 


In an equilibrium mixture of the three gases, the con- 
centrations of SO2, Cl», and SO, are 0.100 M and 0.075 M, 
respectively. What is the partial pressure of Cl, in the equi- 
librium mixture? 


At 850 K, the following reaction has K, = 0.0035: 
2SO2(g) + O2(g) == 2S03(8) 


In an equilibrium mixture the partial pressures of SO, and 
O; are 18.24 kPa and 50.66 kPa, respectively. What is the 
equilibrium partial pressure of SO; in the mixture? 


At 1285 °C, the equilibrium constant for the reaction 
Bro(g) =— 2Br(g) is K; = 1.04 x 107°. A 1.00 L vessel 
containing an equilibrium mixture of the gases has 1.50 g 
Br,(g) in it. What is the mass of Br(g) in the vessel? 


For the reaction, at H2(g) + Io(g) == 2HI(g), K: = 55.3 
at 700 K. Ina 10.0 L flask containing an equilibrium mix- 
ture of the three gases, there are 1.30 g H; and 21.0 g Ip. 
What is the mass of HI in the flask? 


At 800 K, the equilibrium constant for Ip(g) == 21(g) 
is K; = 3.1 xX 10°. If an equilibrium mixture in a 5.00 L 
vessel contains 30.5 mg of I(g), how many grams of I, are 
in the mixture? 


At 2000 °C, the equilibrium constant for the reaction 
2NO(g) == No(g) + O(g) is K, = 2.4 x 10°. If the 
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initial concentration of NO is 0.250 M, what are the equi- 
librium concentrations of NO, No, and O3? 


At 900°C, Ky = 51.2 for the equilibrium 
2 NOBr(g) == 2NO(g) + Bro(g) 


If the pressure of NO(g) is half the pressure of NOBr(g), 
what is the equilibrium pressure of Br2(g)? 


At 218°C, K, = 1.2 x 10 for the equilibrium 
NH,SH(s) == NH3(g) + H2S(8) 


Calculate the equilibrium concentrations of NH; and H3S 
if a sample of solid NH,SH is placed in a closed vessel at 
218 °C and decomposes until equilibrium is reached. 


Consider the reaction 
CaSO4(s) == Ca**(aq) + SO, (aq) 


At 25°C, the equilibrium constant is K, = 2.4 xX 10-9 for 
this reaction. (a) If excess CaSO,(s) is mixed with water 
at 25°C to produce a saturated solution of CaSO,, what 
are the equilibrium concentrations of Ca** and S02? 
(b) If the resulting solution has a volume of 1.4 L, what 
is the minimum mass of CaSO,(s) needed to achieve 
equilibrium? 

For the reaction I,(g) + Bro(g) = 2 IBr(g), K; = 310 
at 140°C. Suppose that 1.00 mol IBr in a 5.00 L flask is 
allowed to reach equilibrium at 140 °C. What are the equi- 
librium concentrations of IBr, I,, and Brz? 


At 25 °C, the reaction 
CaCrO,4(s) === Ca?” (aq) + CrO, (aq) 


has an equilibrium constant K, = 7.1 X 10™*. What are 
the equilibrium concentrations of Ca?* and CrO, in a 
saturated solution of CaCrO4? 


Methane, CH,, reacts with I, according to the reaction 
CHa(g) + (83) == CHal(g) + HI(g). At 600K, K, for 
this reaction is 1.95 x 10-4. A reaction was set up at 600 K 
with initial partial pressures of methane of 13.3 kPa and of 
6.67 kPa for Ip. Calculate the pressures, in kPa, of all reac- 
tants and products at equilibrium. 


The reaction of an organic acid with an alcohol, in organic 
solvent, to produce an ester and water is commonly done 
in the pharmaceutical industry. This reaction is catalyzed 
by strong acid (usually H,SO,). A simple example is the 
reaction of acetic acid with ethyl alcohol to produce ethyl 
acetate and water: 


CH3COOH(solv) + CH3CH,OH(solv) == 
CH3COOCH;CH;(solv) + H,O0(solv) 


where “(solv)” indicates that all reactants and products are 
in solution but not an aqueous solution. The equilibrium 
constant for this reaction at 55 °C is 6.68. A pharmaceuti- 
cal chemist makes up 15.0 L of a solution that is initially 
0.275 M in acetic acid and 3.85 M in ethanol. At equilib- 
rium, how many grams of ethyl acetate are formed? 


Le Chatelier’s Principle (Section 15.5) 


Consider the following exothermic equilibrium 
(Boudouard reaction) 


How will each of the following changes affect an equilib- 
rium mixture of the three gases: (a) a catalyst is added to 
the mixture; (b) CO2(g) is added to the system; (c) CO(g)is 
added from the system; (d) the reaction mixture is heated; 
(e) the volume of the reaction vessel is doubled; (f) the total 
pressure of the system is increased by adding a noble gas? 
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How do the following changes affect the value of the 
Kp for a gas-phase endothermic reaction: (a) increase in 
the total pressure by adding a noble gas, (b) addition of 
a reactant, (c) increase in the temperature (d) increase in 
the volume, (e) decrease in the temperature? 


Consider the following equilibrium between oxides of 
nitrogen 


3NO(g) == NO,(g) + N20(8) 


(a) Use data in Appendix C to calculate AH” for this reaction. 
(b) Will the equilibrium constant for the reaction increase or 
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decrease with increasing temperature? (c) At constant tem- 
perature, would a change in the volume of the container 
affect the fraction of products in the equilibrium mixture? 


Ozone, O3, decomposes to molecular oxygen in the strato- 
sphere according to the reaction 2 O3(g) —> 3 O,(g). 
Would an increase in pressure favor the formation of 
ozone or of oxygen? 


True or false: When the temperature of an exothermic 
reaction increases, the rate constant of the forward reac- 
tion decreases, which leads to a decrease in the equilib- 
rium constant, Ke. 
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Both the forward reaction and the reverse reaction in the 
following equilibrium are believed to be elementary steps: 


CO(g) + Clh(g) == COCI(g) + Cl(g) 


At 25°C, the rate constants for the forward and reverse 
reactions are 1.4 X 10°78 M's"! and 9.3 x 1010 M! s7}, 
respectively. (a) What is the value for the equilibrium 
constant at 25°C? (b) Are reactants or products more 
plentiful at equilibrium? 


If K, = 1 for the equilibrium 3A(g) === 2B(g), what is 
the relationship between [A] and [B] at equilibrium? 


A mixture of CH, and H,O is passed over a nickel catalyst 
at 1000 K. The emerging gas is collected in a 5.00 L flask 
and is found to contain 8.62 g of CO, 2.60 g of Hz, 43.0 g 
of CHy, and 48.4 g of H2O. Assuming that equilibrium 
has been reached, calculate K, and K, for the reaction 
CHa(g) + H2O(g) == CO(g) + 3 H2(8). 


When 2.00 mol of SO2Cl, is placed ina 5.00 L flask at 310 K, 
40% of the SO,Cl, decomposes to SO, and Cl: 


SOzClo(g) == SO2(g) + Cla(g) 


(a) Calculate K, for this reaction at this temperature. 
(b) Calculate Kp for this reaction at 310 K. (c) According 
to Le Chatelier’s principle, would the percent of SO2Cl, 
that decomposes increase, decrease or stay the same if 
the mixture was transferred to a 1.00 L vessel? (d) Use the 
equilibrium constant you calculated to determine the 
percentage of SO,Cl, that decomposes when 2.00 mol of 
SOC], is placed in a 1.00 L vessel at 310 K. 


The value of the equilibrium constant K, for the reaction 
N2(g) + 3 H2(g) —— 2NH;(g) changes in the following 
manner as a function of temperature 


Temperature (°C) K, 
300 9.6 
400 0.50 
500 0.058 


(a) Based on the changes in K, is this reaction exothermic 
or endothermic? (b) Use the standard enthalpies of for- 
mation given in Appendix C to determine the AH for this 
reaction at standard conditions. Does this value agree 
with your prediction from part (a)? (c) If 0.025 mole of 
gaseous NH; is added to a 1.00 L container and heated to 
500 °C, what is the concentration of NH; once the sample 
reaches equilibrium? 
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A sample of nitrosyl bromide (NOBr) decomposes accord- 
ing to the equation 


2NOBr(g) == 2NO(g) + Bro(g) 


An equilibrium mixture in a 5.00 L vessel at 100 °C con- 
tains 3.22 g of NOBr, 3.08 g of NO, and 4.19 g of Bro. 
(a) Calculate K,. (b) What is the total pressure exerted by 
the mixture of gases? (c) What was the mass of the origi- 
nal sample of NOBr? 


Consider the hypothetical reaction 
A(g) = Big) + 2 C(g) 


A flask is charged with 100 kPa of pure A, after which it 
is allowed to reach equilibrium at 25 °C. At equilibrium, 
the partial pressure of B is 25 kPa. (a) What is the total 
pressure in the flask at equilibrium? (b) What is the value 
of K,? (c) What could we do to maximize the yield of B? 


Solid NH,SH is introduced into an evacuated flask at 
24 °C. The following reaction takes place: 


NH,SH(s) == NH3,(g) + H2S(g) 


At equilibrium, the total pressure (for NH3 and HS taken 
together) is 0.62 bar. What is K, for this equilibrium at 
24°C? 
At 900 °C, K, = 0.0108 for the reaction 

CaCO3(s) == CaO(s) + CO2(g) 


A mixture of CaCO3, CaO, and CO, is placed in a 10.0 L 
vessel at 900°C. For the following mixtures, will the 
amount of CaCO; increase, decrease, or remain the same 
as the system approaches equilibrium? 


(a) 15.0 g CaCOs, 15.0 g CaO, and 4.25 g CO2 
(b) 2.50 g CaCO3, 25.0 g CaO, and 5.66 g CO3 
(a) 30.5 g CaCO3, 25.5 g CaO, and 6.48 g CO, 


When 1.50 mol CO, and 1.50 mol H; are placed in a 
3.00 L container at 395 °C, the following reaction occurs: 
CO2(g) + Ho(g) = — CO(g) + H20(g). If K. = 0.802, 
what are the concentrations of each substance in the 
equilibrium mixture? 

The equilibrium constant K, for C(s) + CO:(g) == 
2 CO(g) is 1.9 at 1000 K and 0.133 at 298 K. (a) If excess 
C is allowed to react with 25.0 g of CO, in a 3.00 L vessel 
at 1000 K, how many grams of CO are produced? (b) How 
many grams of C are consumed? (c) If a smaller vessel is 
used for the reaction, will the yield of CO be greater or 
smaller? (d) Is the reaction endothermic or exothermic? 
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NiO is to be reduced to nickel metal in an industrial pro- 
cess by use of the reaction 


NiO(s) + CO(g) —— Ni(s) + CO,(g) 


At 1600 K, the equilibrium constant for the reaction 
is Kp = 6.0 x 107. If a CO pressure of 0.20 bar is to be 
employed in the furnace and total pressure never exceeds 
1.0 bar, will reduction occur? 


Le Châtelier noted that many industrial processes of his 
time could be improved by an understanding of chemical 
equilibria. For example, the reaction of iron oxide with 
carbon monoxide was used to produce elemental iron 
and CO, according to the reaction 


Fe,03(s) + 3CO(g) —— 2 Fe(s) + 3 CO2(g) 


Even in Le ChAatelier’s time, it was noted that a great deal 
of CO was wasted, expelled through the chimneys over the 
furnaces. Le Chatelier wrote, “Because this incomplete reac- 
tion was thought to be due to an insufficiently prolonged 
contact between carbon monoxide and the iron ore [oxide], 
the dimensions of the furnaces have been increased. In 
England, they have been made as high as 30 m. But the pro- 
portion of carbon monoxide escaping has not diminished, 
thus demonstrating, by an experiment costing several hun- 
dred thousand francs, that the reduction of iron oxide by 
carbon monoxide is a limited reaction. Acquaintance with 
the laws of chemical equilibrium would have permitted the 
same conclusion to be reached more rapidly and far more 
economically.” What does this anecdote tell us about the 
equilibrium constant for this reaction? 


At 700 K, the equilibrium constant for the reaction 
CChl(g) == C(s) + 2CL(g) 


is K, = 77. A flask is charged with 202.7 kPa of CCl, 
which then reaches equilibrium at 700 K. (a) What 
fraction of the CCl, is converted into C and Cl,? (b) What 
are the partial pressures of CCl, and Cl, at equilibrium? 


The reaction PCl;(g) + Cly(g) == PCls(g) has K, = 

8.59 x 10-4 at 300°C. A flask is charged with 50.7 kPa 
PCl, 50.7 kPa Cly, and 20.3 kPa PCl; at this temperature. 
(a) Use the reaction quotient to determine the direction 
the reaction must proceed to reach equilibrium. (b) Cal- 
culate the equilibrium partial pressures of the gases. (c) 
What effect will increasing the volume of the system have 
on the mole fraction of Cl; in the equilibrium mixture? (d) 
The reaction is exothermic. What effect will increasing the 
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temperature of the system have on the mole fraction of Cl, 
in the equilibrium mixture? 


An equilibrium mixture of Hg, Ip at HI at 500 °C contains 
0.150 mol Hg, 0.150 mol Ip and 1.000 mol HI in a 10.00 L 
vessel. What are the equilibrium partial pressures when 
equilibrium is reestablished following the addition of 
0.100 mol of HI? 


Consider the hypothetical reaction A(g) + 2B(g) == 
2 C(g), for which K, = 0.25 at a certain temperature. 
A 1.00 L reaction vessel is loaded with 1.00 mol of com- 
pound C, which is allowed to reach equilibrium. Let the 
variable x represent the number of mol/L of compound 
A present at equilibrium. (a) In terms of x, what are the 
equilibrium concentrations of compounds B and C? 
(b) What limits must be placed on the value of x so that 
all concentrations are positive? (c) By putting the equilib- 
rium concentrations (in terms of x) into the equilibrium- 
constant expression, derive an equation that can be 
solved for x. (d) The equation from part (c) is a cubic equa- 
tion (one that has the form ax? + bx? + cx + d= 0). In 
general, cubic equations cannot be solved in closed form. 
However, you can estimate the solution by plotting the 
cubic equation in the allowed range of x that you specified 
in part (b). The point at which the cubic equation crosses 
the x-axis is the solution. (e) From the plot in part (d), esti- 
mate the equilibrium concentrations of A, B, and C. (Hint: 
You can check the accuracy of your answer by substituting 
these concentrations into the equilibrium expression.) 


At 1200 K, the approximate temperature of automobile 
exhaust gases (Figure 15.14), K, for the reaction 


2CO2(g) == 2CO(g) + On(g) 


is about 1 x 10-1!. Assuming that the exhaust gas (total 
pressure 1 atm) contains 0.2% CO, 12% CO;,, and 3% O; 
by volume, is the system at equilibrium with respect to the 
CO), reaction? Based on your conclusion, would the CO 
concentration in the exhaust be decreased or increased by 
a catalyst that speeds up the CO, reaction? Recall that at a 
fixed pressure and temperature, volume% = mol%. 


At a temperature of 700 K, the forward and reverse rate 
constants for the reaction 2 HI(g) —— Ho2(g) + In(g) 
are ke = 1.8 x 10° M's and k, = 0.063 M's. 
(a) What is the value of the equilibrium constant K, at 
700 K? (b) Is the forward reaction endothermic or exo- 
thermic if the rate constants for the same reaction have 
values of kr = 0.097 M's"! and k, = 2.6M's | at 800K? 
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Consider the reaction IO,(aq) +2H,O(1) == 
H4lO¢ (aq); Ke = 3.5 X 107°. If you start with 25.0 mL 
of a 0.905 M solution of NalO,, and then dilute it with 
water to 500.0 mL, what is the concentration of H4105 at 
equilibrium? 


The following equilibria were measured at 823 K: 


CoO(s) + H2(g) = Co(s) + H,O(g) K: = 67 
H,(g) + CO2(g) == CO(g) + H,0(g) K, = 0.14 


(a) Use these equilibria to calculate the equilibrium con- 
stant, Ko, for the reaction CoO(s) + CO(g) == Co(s) 

+ COo(g) at 823 K. (b) Based on your answer to part 
(a), would you say that carbon monoxide is a stronger 
or weaker reducing agent than H3 at T = 823 R? (c) If 
you were to place 5.00 g of CoO(s) in a sealed tube with 
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a volume of 250 mL that contains CO(g) at a pressure 
of 1 atm and a temperature of 298 K, what is the con- 
centration of the CO gas? Assume there is no reaction 
at this temperature and that the CO behaves as an ideal 
gas (you can neglect the volume of the solid). (d) If 
the reaction vessel from part (c) is heated to 823 K and 
allowed to come to equilibrium, how much CoO(s) 
remains? 


Consider the equilibrium A === B in which both the 
forward and reverse reactions are elementary (single-step) 
reactions. Assume that the only effect of a catalyst on the 
reaction is to lower the activation energies of the forward 
and reverse reactions, as shown in Figure 15.14. Using the 
Arrhenius equation (Section 14.5), prove that the equilib- 
rium constant is the same for the catalyzed reaction as for 
the uncatalyzed one. 


756 CHAPTER 15 Chemical Equilibrium 


15.103 The phase diagram for SO, is shown here. (a) What does 
this diagram tell you about the enthalpy change in the 
reaction SO,(/) —> SO»(g)? (b) Calculate the equilib- 
rium constant for this reaction at 100°C and at 0°C. 
(c) Why is it not possible to calculate an equilibrium con- 
stant between the gas and liquid phases in the supercriti- 
cal region? (d) At which of the three points marked in red 
does SO2(g) most closely approach ideal gas behavior? 
(e) At which of the three red points does SO2(g) behave 
least ideally? 
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15.104 At 800 K, the equilibrium constant for the reaction 
Ao(g) == 2A(g) is K; = 3.1 x 10. (a) Assuming both 
forward and reverse reactions are elementary reactions, 
which rate constant do you expect to be larger, ky or k,? 


(b) If the value of kp = 0.27 s`}, what is the value of k, 
at 800 K? (c) Based on the nature of the reaction, do you 
expect the forward reaction to be endothermic or exo- 
thermic? (d) If the temperature is raised to 1000 K, will 
the reverse rate constant k, increase or decrease? Will the 
change in k, be larger or smaller than the change in ky? 


15.105 In Section 11.5, we defined the vapor pressure of a liquid in 
terms of an equilibrium. (a) Write the equation represent- 
ing the equilibrium between liquid water and water vapor 
and the corresponding expression for K,. (b) By using data 
in Appendix B, give the value of K, for this reaction at 30 °C. 
(c) What is the value of K, for any liquid in equilibrium with 
its vapor at the normal boiling point of the liquid? 


15.106 Water molecules in the atmosphere can form hydrogen- 
bonded dimers, (HO). The presence of these dimers 
is thought to be important in the nucleation of ice crys- 
tals in the atmosphere and in the formation of acid rain. 
(a) Using VSEPR theory, draw the structure of a water 
dimer, using dashed lines to indicate intermolecular 
interactions. (b) What kind of intermolecular forces are 
involved in water dimer formation? (c) The K, for water 
dimer formation in the gas phase is 0.050 at 300 K and 
0.020 at 350 K. Is water dimer formation endothermic or 
exothermic? 


15.107 The protein hemoglobin (Hb) transports O, in mamma- 
lian blood. Each Hb can bind 4 O; molecules. The equi- 
librium constant for the O; binding reaction is higher in 
fetal hemoglobin than in adult hemoglobin. In discuss- 
ing protein oxygen-binding capacity, biochemists use a 
measure called the P50 value, defined as the partial pres- 
sure of oxygen at which 50% of the protein is saturated. 
Fetal hemoglobin has a P50 value of 2.53 kPa, and adult 
hemoglobin has a P50 value of 3.57 kPa. Use these data to 
estimate how much larger K, is for the aqueous reaction 
4 Oo(g) + Hb(aq) —— [Hb(O>2)4(aq)] in a fetus, com- 
pared to K, for the same reaction in an adult. 


Design an Experiment 


The reaction between hydrogen and iodine to form hydrogen iodide 
was used to illustrate Beer’s law in Chapter 14 (Figure 14.5). The reac- 
tion can be monitored using visible-light spectroscopy because Iz has 
a violet color while H, and HI are colorless. At 300 K, the equilibrium 
constant for the reaction H2(g) + Ip(g) —— 2HI(g) is K, = 794. 
To answer the following questions assume you have access to hydro- 
gen, iodine, hydrogen iodide, a transparent reaction vessel, a visible- 
light spectrometer, and a means for changing the temperature. 


(a) Which gas or gases concentration could you readily moni- 
tor with the spectrometer? (b) To use Beer’s law (Equation 14.5), 
you need to determine the extinction coefficient, e, for the sub- 
stance in question. How would you determine e? (c) Describe an 
experiment for determining the equilibrium constant at 600 K. 
(d) Use the bond enthalpies in Table 8.3 to estimate the enthalpy 
of this reaction. (e) Based on your answer to part (d), would you 
expect K, at 600 K to be larger or smaller than at 300 K? 


Acids and bases are common both in nature and in the laboratory. From the earliest days 
of experimental chemistry, scientists have recognized acids and bases by their character- 
istic properties. Acids have a sour taste and cause certain dyes to change color, whereas 
bases have a bitter taste and feel slippery (soap is a good example). Use of the term base 
comes from the old English meaning of the word, “to bring low.” (We still use the word 
debase in this sense, meaning to lower the value of something.) When a base is added to 
an acid, the base “lowers” the amount of acid. Indeed, when acids and bases are mixed in 
the right proportions, their characteristic properties seem to disappear altogether. 
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W. Go Figure 


Which type of intermolecular force 
do the dotted lines in this figure 
represent? 
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A Figure 16.1 Ball-and-stick models 
and Lewis structures for two hydrated 
hydronium ions. 


We first encountered acids and bases in Sections 2.8 and 4.3, in which we discussed 
the naming of acids and some simple acid-base reactions, respectively. In the sections 
ahead, we take a closer look at how acids and bases are identified and characterized. In 
doing so, we consider their behavior both in terms of their structure and bonding and in 
terms of the chemical equilibria in which they participate. 

By the end of this section, you should be able to 


e Identify an Arrhenius acid and base and a Brønsted-Lowry acid and base 
e Recognize a conjugate acid-base pair and correlate the strength of an acid to the 
strength of its conjugate base. 


Arrhenius Acids and Bases 


By 1830 it was evident that all acids contain hydrogen but not all hydrogen- 
containing substances are acids. During the 1880s, the Swedish chemist Svante Arrhe- 
nius (1859-1927) defined acids as substances that produce H* ions in water and bases as 
substances that produce OH” ions in water. Over time the Arrhenius concept of acids 
and bases came to be stated in the following way: 


e An acid is a substance that, when dissolved in water, increases the concentration of 
H* ions. 
e A base is a substance that, when dissolved in water, increases the concentration of 
OH ions. 
Hydrogen chloride gas, which is highly soluble in water, is an example of an Arrhe- 
nius acid. When it dissolves in water, HCl(g) produces hydrated H* and Cl” ions: 


HCl(g) => H*(aq) + Cl-(aq) [16.1] 


The aqueous solution of HCl is known as hydrochloric acid. Concentrated hydrochloric 
acid is about 37% HCl by mass and is 12 Min HCl. 

Sodium hydroxide is an Arrhenius base. Because NaOH is an ionic compound, it dis- 
sociates into Na* and OH” ions when it dissolves in water, thereby increasing the con- 
centration of OH” ions in the solution. 


Brgnsted-Lowry Acids and Bases 


The Arrhenius concept of acids and bases, while useful, is rather limited. For one thing, 
it is restricted to aqueous solutions. In 1923 the Danish chemist Johannes Bronsted 
(1879-1947) and the English chemist Thomas Lowry (1874-1936) independently proposed 
a more general definition of acids and bases. Their concept is based on the fact that acid- 
base reactions involve the transfer of H* ions from one substance to another. To understand this 
definition better, we need to examine the behavior of the H” ion in water more closely. 


The H* Ion in Water 


We might at first imagine that ionization of HCl in water produces just Ht and Cl”. A 
hydrogen ion is no more than a bare proton—a very small particle with a positive charge. 
As such, an H* ion interacts strongly with any source of electron density, such as the 
nonbonding electron pairs on the oxygen atoms of water molecules. For example, the 
interaction of a proton with water forms the hydronium ion, HzO" (aq): 


mY + oa —> oe j 
H H 
[16.2] 
P + 
A-A 
w — d 


The behavior of H* ions in liquid water is complex because hydronium ions interact 
with additional water molecules via the formation of hydrogen bonds. For example, the 
H30* ion bonds to additional H,O molecules to generate such ions as H;O," and HọO4* 
(Figure 16.1). 
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Chemists use the notations H*(aq) and H30*(aq) interchangeably to represent the 
hydrated proton responsible for the characteristic properties of aqueous solutions of acids. 
We often use the notation H” (aq) for simplicity and convenience, as we did in Chapter 4 
and Equation 16.1. The notation H,0*(aq), however, more closely represents reality. 


Proton-Transfer Reactions 


In the reaction that occurs when HC] dissolves in water, the HCl molecule transfers an 
H” ion (a proton) to a water molecule. Thus, we can represent the reaction as occurring 
between an HCI molecule and a water molecule to form hydronium and chloride ions: 


HCl(g) + HOQ —> Cl (aq) + H30*(aq) [16.3] 


cia SH —> Ci + H—Ö—H j 


H H 

= + 

@:-a-e@ A 
Acid Base 


Notice that the reaction in Equation 16.3 involves a proton donor (HCl) and a proton 
acceptor (H0O). The notion of transfer from a proton donor to a proton acceptor is the 
key idea in the Bronsted-Lowry definition of acids and bases: 


° Bronsted-Lowry acid An acid is a substance (molecule or ion) that donates a 
proton to another substance. 
° Brensted-Lowry base A base is a substance that accepts a proton. 


Thus, when HCI dissolves in water (Equation 16.3), HCl acts as a Bronsted-Lowry acid 
(it donates a proton to H20), and H20 acts as a Bronsted-Lowry base (it accepts a proton 
from HCl). We see that the H2O molecule serves as a proton acceptor by using one of the 
nonbonding pairs of electrons on the O atom to “attach” the proton. 

Because the emphasis in the Bronsted-Lowry concept is on proton transfer, the 
concept also applies to reactions that do not occur in aqueous solution. In the reaction 
between gas phase HCl and NH3, for example, a proton is transferred from the acid HCl 
to the base NH3: 


ii Oo 
:ÖI—H + A — G + a i [16.4] 
H H 
= + 
A-0- AH 
Acid Base 


The hazy film that forms on the windows of general chemistry laboratories and on glass- 
ware in the laboratory (Figure 16.2) is largely solid NH,Cl formed by the gas-phase reac- 
tion between HCI and NH3. 

Let’s consider another example that compares the relationship between the Arrhe- 
nius and Brgnsted-Lowry definitions of acids and bases—an aqueous solution of ammo- 
nia, in which we have the equilibrium: 


NH3(aq) + H,O(1) == NHy4*(aq) + OH (aq) [16.5] 
Base Acid 


A Figure 16.2 Fog of NH,CI(s) caused by 
the reaction of HCI(g) and NH3(g). 
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Ammonia is a Bronsted-Lowry base because it accepts a proton from H20. Ammonia is 
also an Arrhenius base because adding it to water leads to an increase in the concentra- 
tion of OH (aq). 


The transfer of a proton always involves both an acid (donor) and a base (acceptor). 


In other words, a substance can function as an acid only if another substance simulta- 
neously behaves as a base. To be a Bronsted-Lowry acid, a molecule or ion must have a 
hydrogen atom it can lose as an H* ion. To be a Bronsted-Lowry base, a molecule or ion 
must have a nonbonding pair of electrons it can use to bind the H* ion. 

Some substances can act as an acid in one reaction and as a base in another. For 
example, H2O is a Bronsted-Lowry base in Equation 16.3 and a Bronsted-Lowry acid in 
Equation 16.5. A substance capable of acting as either an acid or a base is called amphi- 
protic. An amphiprotic substance acts as a base when combined with something more 
strongly acidic than itself and as an acid when combined with something more strongly 
basic than itself. 


Conjugate Acid-Base Pairs 


In any acid-base equilibrium, both the forward reaction (to the right) and the reverse 
reaction (to the left) involve proton transfer. For example, consider the reaction of an 
acid HA with water: 


HA(aq) + H,O(1) == A (aq) + H30*(aq) [16.6] 


In the forward reaction, HA donates a proton to H2O. Therefore, HA is the Bronsted- 
Lowry acid and H30 is the Bronsted-Lowry base. In the reverse reaction, the H30* ion 
donates a proton to the A” ion, so HzO” is the acid and A’ is the base. When the acid HA 
donates a proton, it leaves behind a substance, A’, that can act as a base. Likewise, when 
H20 acts as a base, it generates H30*, which can act as an acid. 

An acid and a base such as HA and A` that differ only in the presence or absence 
of a proton are called a conjugate acid-base pair. Every acid has a conjugate base, 
formed by removing a proton from the acid. For example, OH is the conjugate base of 
H20, and A` is the conjugate base of HA. Every base has a conjugate acid, formed by 
adding a proton to the base. Thus, H3O0* is the conjugate acid of H,O, and HA is the con- 
jugate acid of A’. 

In any acid-base (proton-transfer) reaction, we can identify two sets of conjugate 
acid-base pairs. For example, consider the reaction between nitrous acid and water: 


remove H* 
HNO,(aq) + H,O()) == NO7 (aq) + H3O” (aq) [16.7] 
Acid Base Conjugate Conjugate 
base aci 
add Ht ] 


Likewise, for the reaction between NH; and H20 (Equation 16.5), we have 


add H* 
NH3(aq) + H,O()) == NH4" (aq) + OH (aq) [16.8] 
Base Acid Conjugate Conjugate 


aci base 


remove H* | 


= Sample Exercise 16.1 
| Identifying Conjugate Acids and Bases 


(a) What is the conjugate base of HClO,, H2S, PHa’, HCO3 ? 
(b) What is the conjugate acid of CN~, SO,*~, H20, HCO; ? 


SOLUTION 


Analyze We are asked to give the conjugate base for several acids 
and the conjugate acid for several bases. 


Plan The conjugate base of a substance is simply the parent sub- 
stance minus one proton, and the conjugate acid of a substance is 
the parent substance plus one proton. 


Solve 

(a) If we remove a proton from HC10;,, we obtain ClO, , which 
is its conjugate base. The other conjugate bases are HS, PHs, 
and CO. 

(b) If we adda proton to CN , we get HCN, its conjugate acid. 
The other conjugate acids are HSO,_, H30*, and H,CO3. 


SA Sample Exercise 16.2 


PT Writing Equations for Proton-Transfer Reactions 


SOLUTION 


Analyze and Plan We are asked to write two equations representing 
reactions between HSO; and water, one in which HSO; should 
donate a proton to water, thereby acting as a Bronsted-Lowry 
acid, and one in which HSO; should accept a proton from water, 
thereby acting as a base. We are also asked to identify the conju- 
gate pairs in each equation. 


Solve 

(a) HSO3 (aq) + H,O(1) == SO? (aq) + H30*(aq) 
The conjugate pairs in this equation are HSO; (acid) and SO;"— 
(conjugate base), and H2O (base) and H30* (conjugate acid). 


(b) HSO; (aq) + H,O(1) == H,SO3(aq) + OH (aq) 


jugate base), and HSO; (base) and HSO; (conjugate acid). 


The conjugate pairs in this equation are H,O (acid) and OH™ (con- 
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© 


Notice that the hydrogen carbonate ion (HCO3_) is 
amphiprotic. It can act as either an acid or a base. 


> Practice Exercise 
Consider the following equilibrium reaction: 


HSO% (aq) + OH (aq) == SO, (aq) + H20(1) 


Which substances are acting as acids in the reaction? 

(a) HSO; and OH 

(b) HSO; and H2O 

(c) OH” and SO,- 

(d) SOL and H2O 

(e) None of the substances are acting as acids in this reaction. 


The hydrogen sulfite ion (HSO3_) is amphiprotic. Write an equation for the reaction of HSO3 with water (a) in which the ion acts 
as an acid and (b) in which the ion acts as a base. In both cases identify the conjugate acid-base pairs. 


P Practice Exercise 


The dihydrogen phosphate ion, HPO; , is amphiprotic. 
In which of the following reactions is this ion serving as a 
base? 

(i) H3O*(aq) + H,PO, (aq) == H3PO,(aq) + H20(1) 
(ii) H3O*(aq) + HPOZ (aq) == HPO; (aq) + H2O(1) 
Gii) H3PO4(aq) + HPO,’ (aq) == 2H2POq (aq) 
(a)ionly (b)iandii (c)iandiii (d)iiand iii 

(e) i, ii, and iii 


Once you become proficient at identifying conjugate acid-base pairs it is not 
difficult to write equations for reactions involving Bronsted-Lowry acids and bases 


(proton-transfer reactions). 


Relative Strengths of Acids and Bases 


Some acids are better proton donors than others, and some bases are better proton accep- 
tors than others. If we arrange acids in order of their ability to donate a proton, we find 
that the more easily a substance gives up a proton, the less easily its conjugate base accepts 
a proton. Similarly, the more easily a base accepts a proton, the less easily its conjugate acid 
gives up a proton. In other words, the stronger an acid, the weaker its conjugate base, and the 
stronger a base, the weaker its conjugate acid. Thus, if we know how readily an acid donates 
protons, we also know something about how readily its conjugate base accepts protons. 
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W. Go Figure If O% ions are added to water, what reaction, if any, occurs? 


ACID BASE 

[ HCl = cI | 

Strong acids H,SO, 6 HSO, — Negligible basicity 

| HNO; F NOs- 
H;0* (aq) R H,O 
HSO,” A So," ] 
HPO, a HPO,” 
HF $ F- 
CHCOOH El CH;COO~ 

Weak acids- 209s nes — Weak bases 

H,S K HS 
HPO,” k= HPO,’ 
NH,* g NH; 
HCO,” g ca 

| HPO?” = POT | 
H,O 2 OHT 
OH- 5 0- 7 

Negligible acidity H> ue H` | Strong bases 

CHy < CH J 


A Figure 16.3 Relative strengths of select conjugate acid-base pairs. The two members of each 
pair are listed opposite each other in the two columns. 


The inverse relationship between the strengths of acids and their conjugate bases is 
illustrated in Figure 16.3. Here we have grouped acids and bases into three broad catego- 
ries based on their behavior in water: 


1. A strong acid completely transfers its protons to water, leaving essentially no undis- 
sociated molecules in solution. Its conjugate base has a negligible tendency to ac- 
cept protons in aqueous solution. (The conjugate base of a strong acid shows negligible 
basicity.) 

2. A weak acid only partially dissociates in aqueous solution and therefore exists in the 
solution as a mixture of the undissociated acid and its conjugate base. The conjugate 
base of a weak acid shows a slight ability to remove protons from water. (The conju- 
gate base of a weak acid is a weak base.) 


3. A substance with negligible acidity contains hydrogen but does not demonstrate any 
acidic behavior in water. Its conjugate base is a strong base, reacting completely with 
water, to form OH ions. (The conjugate base of a substance with negligible acidity is a 
strong base.) 


The ions H30*(aq) and OH (aq) are, respectively, the strongest possible acid and 
strongest possible base that can exist at equilibrium in aqueous solution. Stronger acids 
react with water to produce H30*(aq) ions, and stronger bases react with water to pro- 
duce OH (aq) ions, a phenomenon known as the leveling effect. 

We can think of proton-transfer reactions as being governed by the relative abilities 
of two bases to abstract protons. For example, consider the proton transfer that occurs 
when an acid HA dissolves in water: 


HA(aq) + HO() == H30*(aq) + A (aq) [16.9] 


If H2O (the base in the forward reaction) is a stronger base than A` (the conjugate base 
of HA), it is favorable to transfer the proton from HA to H2O, producing H30* and A7. As 
a result, the equilibrium lies to the right. This describes the behavior of a strong acid in 


SECTION 16.1 Acid-Base Equilibria 


water. For example, when HC] dissolves in water, the solution consists almost entirely of 
H30* and Cl” ions with a negligible concentration of HCI molecules: 


HCl(g) + H,O(1) —> H30*(aq) + Cl” (aq) [16.10] 


H20 is a stronger base than Cl” (Figure 16.3), so H2O acquires the proton to become 
the hydronium ion. Because the reaction lies completely to the right, we write Equa- 
tion 16.10 with only an arrow to the right rather than using the double arrows for an 
equilibrium. 

When A’ is a stronger base than H,0, the equilibrium lies to the left. This situation 
occurs when HA is a weak acid. For example, an aqueous solution of acetic acid consists 
mainly of CHCOOH molecules with relatively few H30* and CH3COO 7 ions: 


CH;COOH(aq) + H,O(1) — H30*(aq) + CH3COO ~ (aq) [16.11] 


The CH3COO © ion is a stronger base than H2O (Figure 16.3) and therefore the reverse 
reaction is favored more than the forward reaction. 

From these examples, we conclude that in every acid-base reaction, equilibrium favors 
transfer of the proton from the stronger acid to the stronger base to form the weaker acid and the 
weaker base. 
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\%A Sample Exercise 16.3 


VM Predicting the Position of a Proton-Transfer Equilibrium 


For the following proton-transfer reaction, use Figure 16.3 to predict whether the equilibrium lies to the left (Kẹ < 1) or to the 


right (Ke > 1): 


HSO (aq) + CO2 (ag) == SO,?~ (aq) + HCO3 (aq) 


SOLUTION 


Analyze We are asked to predict whether an equilibrium lies to the 
right, favoring products, or to the left, favoring reactants. 


Plan This is a proton-transfer reaction, and the position of the 
equilibrium will favor the proton going to the stronger of two 
bases. The two bases in the equation are CO3”~, the base in the 
forward reaction, and SO,47~, the conjugate base of HSO; . We can 
find the relative positions of these two bases in Figure 16.3 to de- 
termine which is the stronger base. 


Solve The CO;°~ ion appears lower in the right-hand column in 
Figure 16.3 and is therefore a stronger base than SO,?~. Therefore, 
CO3% will get the proton preferentially to become HCO3_, while 
$0,427 will remain mostly unprotonated. The resulting equilib- 
rium lies to the right, favoring products (that is, K, > 1): 


HSO4 (aq) + CO; (aq) == SO,” (aq) + HCO; (aq) K> 1 


Acid Base Conjugate base Conjugate acid 


Self-Assessment Exercises 


16.1 The following substances dissolve in water. Which one is a 
Brønsted-Lowry acid or base? 


(a) NaCl 
(b) CaBrz 
(c) H;PO4 
(d) C6H1206 


Comment Of the two acids HSO, and HCO; , the stronger one 
(HSO,_) gives up a proton more readily, and the weaker one 
(HCO; ) tends to retain its proton. Thus, the equilibrium favors 
the direction in which the proton moves from the stronger acid 
and becomes bonded to the stronger base. 


> Practice Exercise 
Based on information in Figure 16.3, place the following equi- 
libria in order from smallest to largest value of K: 
(i) CH3;COOH(aq) + HS (aq) == CH3COO (aq) + H2S(aq) 
(ii) F- (aq) + NH (aq) == HF(aq) + NH3(aq) 
(iii) HyCO3(aq) + Cl" (aq) == HCO; (aq) + HCl(aq) 
(ai<i<iii (i <i<iii ©iii<i<ii 
(d)ii <iii<i (iii <ii<i 


16.2 The hydrogen phosphate ion, HPO, is amphoteric. What 
is the conjugate acid of the hydrogen phosphate ion? 


(a) H;PO4 
(b) H,PO, 
(c) HPO? 
(d) PO, 
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a 


Exercises 


16.3 


16.4 


16.5 


Which of the following statements is false? 


(a) An Arrhenius base increases the concentration of OH” in 
water. 


(b) A Bronsted-Lowry base is a proton acceptor. 
(c) Water can act as a Bronsted-Lowry acid. 
(d) Water can act as a Bronsted-Lowry base. 


(e) Any compound that contains an -OH group acts as a 
Bronsted-Lowry base. 

(a) Give the conjugate base of the following Bronsted— 

Lowry acids: (i) H,SO,, (ii) HSO; (b) Give the conjugate acid 

of the following Bronsted—Lowry bases: (i) CH3NH)p, (ii) 

CH3;COO-. 

Identify the Bronsted-Lowry acid and the Bronsted-Lowry 

base on the left side of each equation, and also identify 

the conjugate acid and conjugate base of each on the right 

side. 

(a) HBrO(aq) + H,O(/) == H30*(aq) + BrO~ (aq) 

(b) HSO, (aq) + HCO; (aq) == 

SOF- (aq) + HyCO3(aq) 

(©) HSO; (aq) + H30*(aq) == H,SO3(aq) + H20(1) 


16.6 


16.7 


16.8 


16.9 


(a) Write an equation for the react ion in which HSOj(aq) 
acts as a base in H,O(/). (b) Write an equation for the reac- 
tion in which HSOj(aq) acts as an acid in H,O(/). (c) What is 
the conjugate acid of HSO4(aq)? What is its conjugate base? 


Label each of the following as being a strong acid, a weak 
acid, or a species with negligible acidity. In each case write 
the formula of its conjugate base, and indicate whether the 
conjugate base is a strong base, a weak base, or a species with 
negligible basicity: (a) HCOOH, (b) Hp, (c) CH,, (d) HF, 
(e) NH,. 

(a) Which of the following is the stronger Bronsted-Lowry 
acid, HC1O3 or HC1O,? (b) Which is the stronger Bronsted- 
Lowry base, HS" or HSO4 ? 


Predict the products of the following acid-base reactions, 
and predict whether the equilibrium lies to the left or to the 
right of the reaction arrow: 


(a) NHt (aq) + OH (aq) == 
(b) CH3COO (aq) + H30*(aq) == 


(c) HCO; (aq) + F (aq) == 


(a) 9b (0) F94 


y 


$8S1919Xq }UIUSSƏSSY-JJƏŞ 0} SIaMSUY 


16.2 | The Autoionization of Water 


Water is unusual in so many ways. Uniquely, its solid phase is less dense than its liquid 
phase at 0 °C. It has a boiling point that is unusually high for a small molecule, and it can 
dissolve a very wide range of substances. It is essential for life. It is not a surprise that con- 
siderable effort is directed towards its analysis to ensure a supply of clean drinking water, to 
monitor pollution and to better understand the hydrology of rain, rivers and our oceans. 


SECTION 16.2 The Autoionization of Water 


In this section, we come across yet another unusual property—that of autoioniza- 
tion. By the end of this section, you should be able to 


° Relate the concentrations of Ht and OH to one another using Ky. 


One of the most important chemical properties of water is its ability to act as either a 
Bronsted-Lowry acid or a Bronsted-Lowry base. In the presence of an acid, it acts as a 
proton acceptor; in the presence of a base, it acts as a proton donor. In fact, one water 
molecule can donate a proton to another water molecule: 


HBO) + HOW) = OH (a) +  H3O*(aq) [16.12] 


O + E = ii + B 
H H H H 


- + 
A I F A , = A + el 
a wa” ad i w 
Acid Base 


We call this process the autoionization of water. 

Because the forward and reverse reactions in Equation 16.12 are extremely rapid, 
no water molecule remains ionized for long. At room temperature only about two out 
of every 10° water molecules are ionized at any given instant. Thus, pure water consists 
almost entirely of H2O molecules and is an extremely poor conductor of electricity. Nev- 
ertheless, the autoionization of water is very important, as we will soon learn. 


The Ion Product of Water 
The equilibrium expression for the autoionization of water is 

K, = [H30*][OH 7] [16.13] 
The term [H20] is excluded from the equilibrium expression because we exclude the 
concentrations of pure solids and liquids. Because this expression refers specifically to 
the autoionization of water, we use the symbol K,, to denote the equilibrium constant, 


which we call the ion-product constant for water. At 25°C, Kẹ equals 1.0 x 10-4. 
Thus, we have 


Ky = [H30*][OH ] = 1.0 x 10°!" (at 25°C) [16.14] 


Because we use H*(aq) and H30*(aq) interchangeably to represent the hydrated pro- 
ton, the autoionization reaction for water can also be written as 


H,O(1) == H*(aq) + OH (aq) [16.15] 


Likewise, the expression for K,, can be written in terms of either H;O* or H+, and K,, has 
the same value in either case: 


K,, = [H30*][OH-] = [H*][OH] = 1.0 x 10°! (at 25°C) [16.16] 


This equilibrium expression and the value of K,, at 25 °C are extremely important, and 
you should commit them to memory. 

A solution in which [H*] = [OH] is said to be neutral. In most solutions, however, 
the H* and OH” concentrations are not equal. As the concentration of one of these ions 
increases, the concentration of the other must decrease, so that the product of their concen- 
trations always equals 1.0 x 10~'4 (Figure 16.4). Aqueous solutions in which [H*] > [OH7] 
are called acidic, and aqueous solutions in which [OH] > [H+] are called basic. 

What makes Equation 16.16 particularly useful is that it is applicable both to pure water 
and to any aqueous solution. Although the equilibrium between H*(aq) and OH (aq) as 
well as other ionic equilibria are affected somewhat by the presence of additional ions in 
solution, it is customary to ignore these ionic effects except in work requiring exceptional 
accuracy. Thus, Equation 16.16 is taken to be valid for any dilute aqueous solution and can 
be used to calculate either [H+] (if [OH ] is known) or [OH ] (if [H*] is known). 
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YW Go Figure 


Hydrochloric 
acid 

HCI(aq) 

= 


Acidic solution 
[H*] > [OH™] 
[H*][OH~] = 1.0 x 10-4 


> Sample Exercise 16.4 
D Calculating [H* ] for Pure Water 


SOLUTION 


Analyze We are asked to determine the concentrations of H* and 
OH- ions in a neutral solution at 25 °C. 


Plan We will use Equation 16.16 and the fact that, by definition, 
[H*] = [OH] ina neutral solution. 


Solve We will represent the concentration of H* and OH” in neu- 
tral solution with x. This gives 
[HOH] = (x)(x) = 1.0 x 10°" 
x = 1.0 x 10" 
= 1.0 x 107M = [H*] = [OH] 


* 
| 


pe Sample Exercise 16.5 
Lt Calculating [H* ] from [OH™ ] 


Neutral solution 
[H+] = [OH] 
[H*][OH~] = 1.0 x 10-4 


Suppose that equal volumes of the middle and right samples in the figure 
were mixed. Would the resulting solution be acidic, neutral, or basic? 


Sodium 
hydroxide 
NaOH (aq) 


Basic solution 
[H*] < [OH] 
[H*][OH~] = 1.0 x 1071 


A Figure 16.4 Relative concentrations of Ht and OHT in aqueous solutions at 25 °C. 


Calculate the values of [H*] and [OHT] in a neutral aqueous solution at 25 °C. 


In an acid solution [H*] is greater than 1.0 x 1077 M; ina basic 
solution [H*] is less than 1.0 x 1077 M. 


> Practice Exercise 
In a certain acidic solution at 25 °C, [H*] is 100 times greater 
than [OH]. What is the value for [OH ] for the solution? 
(a)1.0x 108M (b)1.0x10°7M (c)1.0 x 10°M 
(d) 1.0 x 107M (e)1.0 x 10°M 


Calculate the concentration of H*(aq) in (a) a solution in which [OH] is 0.010 M, (b) a solution in which [OH7] is 
1.8 x 10°9M. Note: In this problem and all that follow, we assume, unless stated otherwise, that the temperature is 25 °C. 


SOLUTION 


Analyze We are asked to calculate the [H+] concentration in an 
aqueous solution where the hydroxide concentration is known. 


Solve 


Plan We can use the equilibrium expression for the autoion- 
ization of water and the value of K,, to solve for each unknown 
concentration. 


(a) Using Equation 16.16, we have [H*][OH~] = 1.0 x 10714 

(1.0 x 10™) 10x 10-4 

+ 0x -12M 
[H] [OH] 0.010 LO 1E 
This solution is basic because [OH~] > [HĦ] 

(1.0 x 1074) 1.0 x 1071 7 
b) In this instance H* 5.6 xX 10°°M 
(b) Eel [OH] 1.8 x 10° 
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This solution is acidic because [H*] > [OH] 
> Practice Exercise (a)2.5x 108M (b)4.0x10°M (c)2.5x 107M 
A solution has [OHT] = 4.0 x 1078. What is the value of (d)2.5x 10 °M (e)4.0x 10 °M 


[H+] for the solution? 


Self-Assessment Exercise 


16.10 At our body temperature of 37 °C, Ką = 2.1 X 1071. What (a) [H*] = 1.0 x 10°’ and [OHT] = 1.0 x 107 
is [H*] and [OH }? (b) [H*] = 1.4 x 107 and [OHT] = 1.4 x 107 
(c) [H*] = 1.0 x 107 and [OHT] = 2.1 x 1077 
(c) [H*] = 2.1 x 107” and [OHT] = 1.0 x 10°” 
Exercises 
16.11 (a) Write a chemical equation that illustrates the auto- 16.13 Deuterium oxide (D20, where D is deuterium, the 
ionization of water. (b) Write the expression for the ion- hydrogen-2 isotope) has an ion-product constant, K,,, of 
product constant for water, K,,. (c) If a solution is described 8.9 x 10716 at 20°C. Calculate [D*] and [OD7] for pure 
as basic, which of the following is true: (i) [H*] > [OH ], (neutral) D20 at this temperature. 


(ii) [H*] = [OH™], or (iii) [H*] < [OH]? 

16.12 Calculate [OH] for each of the following solutions, and 
indicate whether the solution is acidic, basic, or neutral: 
(a) [H*] = 0.00010 M; (b) [H*] = 7.3 x 107! M; (c) a solu- 
tion in which [OH] is 100 times greater than [H”]. 


$9S1919Xq ]UBWSSassy-J}|9S 0} SIaMSUY 


y 


16.3 | The pH Scale 


pH scale l 


n aed 


In the days before computers, a method to store large amounts of data, as you might find in 
a scientific journal, was on microfilm. Now, with almost limitless storage potential, com- 
puters have taken over that role. In mathematics, a log function is one way that you can 
take a very wide range of values and compress them onto a more manageable scale. When 
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dealing with acids and bases, the [H*] can vary over many orders of magnitude. This is an 
ideal situation in which to apply a log scale and bring the numbers under control! 
By the end of this section, you should be able to 


e Calculate the pH ofa solution given [H30*] or [OH] 


The molar concentration of H*(aq) in an aqueous solution is usually very small. For con- 
venience, we therefore express [H*] in terms of pH, which is the negative logarithm in 
base 10 of [H*]:* 


pH = —log[H*] [16.17] 


If you need to review the use of logarithms, see Appendix A. 

In Sample Exercise 16.4, we saw that [H+] = 1.0 x 107 M for a neutral aqueous 
solution at 25 °C. We can now use Equation 16.17 to calculate the pH of a neutral solu- 
tion at 25 °C: 


pH = —log(1.0 x 107) = —(—7.00) = 7.00 


Notice that the pH is reported with two decimal places. We do so because only the num- 
bers to the right of the decimal point are the significant figures in a logarithm. Because our 
original value for the concentration (1.0 x 10-7 M) has two significant figures, the corre- 
sponding pH has two decimal places (7.00). 

What happens to the pH of a solution as we make the solution more acidic, so that 
[H+] increases? Because of the negative sign in the logarithm term of Equation 16.17, 
the pH decreases as [H*] increases. For example, when we add sufficient acid to make 
[H*] = 1.0 x 10°°M, the pH is 


pH = —log(1.0 x 10°) = —(-3.00) = 3.00 
At 25 °C the pH of an acidic solution is less than 7.00. 
We can also calculate the pH of a basic solution, one in which [OH | > 


1.0 x 107 M. Suppose [OH] = 2.0 x 10° M. We can use Equation 16.16 to calculate 
[H"*] for this solution and Equation 16.17 to calculate the pH: 


Ky 1.0 x 107" 
[OH] 2.0 x 10% 


pH = —log(5.0 x 10°!) = 11.30 


[H*] 5.0 x 1071? M 


At 25°C the pH of a basic solution is greater than 7.00. The relationships among [H+], [OH], 
and pH are summarized in Table 16.1. 

One might think that when [H"*] is very small, as is often the case, it would be unim- 
portant. That reasoning is quite incorrect! Remember that many chemical processes 
depend on the ratio of changes in concentration. For example, if a kinetic rate law is 
first order in [H*], doubling the H* concentration doubles the rate even if the change 
is merely from 1 X 1077 M to 2 x 107” M. In biological systems, many reactions involve 
proton transfers and have rates that depend on [H*]. Because the speeds of these reac- 
tions are crucial, the pH of biological fluids must be maintained within narrow limits. 
For example, human blood has a normal pH range of 7.35 to 7.45. Illness and even death 
can result if the pH varies much from this narrow range. 


TABLE 16.1 Relationships between [H+], [OH ], and pH at 25 °C for 
Acidic, Neutral, and Basic Aqueous Solutions 


Acidic Neutral Basic 
pH <7.00 7.00 >7.00 
[H*](M) >1.0 x 107 1.0 x 107 <1.0 x 10°7 
[OH ](M) <1.0 x 1077 WOE 107% >1.0 x 1077 


*Because [H*] and [H30*] are used interchangeably, you might see pH defined as —log [H30*]. 
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= Sample Exercise 16.6 
D Calculating pH from [H+] 


Calculate the pH values for the two solutions of Sample Exercise 16.5. 


SOLUTION expect the pH to lie between 6.0 and 5.0. We use Equation 16.17 
Analyze We are asked to determine the pH of aqueous solutions for a PE 

which we have already calculated [H*]. pH = —log(5.6 x 10°°) = 5.25 

Plan We can calculate pH using its defining equation, Equation 16.17. Check After calculating a pH, it is useful to compare it to your 


estimate. In this case the pH, as we predicted, falls between 6 and 
Solve 5. Had the calculated pH and the estimate not agreed, we should 
(a) In the first instance we found [H+] to be 1.0 x 107!” M, so that have reconsidered our calculation or estimate or both. 


pH = —log(1.0 x 10712) = —(—12.00) = 12.00 


Because 1.0 X 107!” has two significant figures, the pH has two 


decimal places, 12.00. > Practice Exercise 

(b) For the second solution, [H*] = 5.6 x 107° M. Before per- A solution at 25 °C has [OH] = 6.7 x 107°. What is the pH 
forming the calculation, it is helpful to estimate the pH. To do so, of the solution? 

we note that [H*] lies between 1 x 10°° and 1 x 107°. Thus, we (a) 0.83 (b)2.2 (c)2.17 (d) 11.83 (e) 12 


pOH and Other “p” Scales 


The negative logarithm is a convenient way of expressing the magnitudes of other small 
quantities. We use the convention that the negative logarithm of a quantity is labeled 
“p” (quantity). Thus, we can express the concentration of OH’ as pOH: 


pOH = -log [OH] [16.18] 


Likewise, pK,, equals —log K,,. 
By taking the negative logarithm of both sides of the equilibrium-constant expres- 
sion for water, Ky = [H*][OH ], we obtain 


—log[H*] + (—log [OH7]) = -log Kw [16.19] 
from which we obtain the useful expression 
pH + pOH = 14.00 (at25°C) [16.20] 


The pH and pOH values characteristic of a number of familiar solutions are shown in 
Figure 16.5. Notice that a change in [H+] by a factor of 10 causes the pH to change by 1. 
Thus, the concentration of H*(aq) in a solution of pH 5 is 10 times the H+ (aq) concentra- 
tion in a solution of pH 6. 


Measuring pH 


The pH of a solution can be measured with a pH meter (Figure 16.6). A complete under- 
standing of how this important device works requires knowledge of electrochemistry, 
a subject we take up in Chapter 20. In brief, a pH meter consists of a pair of electrodes 
connected to a meter capable of measuring small voltages, on the order of millivolts. 
A voltage, which varies with pH, is generated when the electrodes are placed in a solu- 
tion. This voltage is read by the meter, which is calibrated to give pH. 

Although less precise, acid-base indicators can be used to measure pH. An acid-base 
indicator is a colored substance that can exist in either an acid or a base form. The two 
forms have different colors. Thus, the indicator has one color at lower pH and another at 
higher pH. If you know the pH at which the indicator turns from one form to the other, 
you can determine whether a solution has a higher or lower pH than this value. Litmus, 
for example, changes color in the vicinity of pH 7. The color change, however, is not very 
sharp. Red litmus indicates a pH of about 5 or lower, and blue litmus indicates a pH of 
about 8 or higher. 
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W Go Figure Which is more acidic, black coffee or lemon juice? 


[H*] (M) pH pOH [OH™](M) 


GS 
So Stomach acid 
5 
5 Lemon juice 
T Cola, vinegar 
% Wine 
Ei Tomatoes 0 0 1x10 
Dn 
© Black coffee ——— 1x10 50 90 0 
9 . 
= Perni Eeyore so eo TO 
Mie E mami e E niod 
E OE 8.0 6.0 BO 
Seawater 
EO 9.0 5.0 E OR Borax 
o wo Lo Oo 
wae l ~ Lime water 


Household ammonia 
Household bleach 


yy8uars aseq Sutseaiduy 


[= 


pH + pOH = 14 


[H*][OH~] = 1x107" 


A Figure 16.5 Concentrations of H* and OHT, and pH and pOH values of some common substances at 25 °C. 


Sample Exercise 16.7 
Calculating [H* ] from pOH 


A sample of freshly pressed apple juice has a pOH of 10.24. Calculate [H*]. 


SOLUTION Comment The number of significant figures in [H*] is two because 
Analyze We need to calculate [H*] from pOH. the number of decimal places in the pH is two. 
Plan We will first use Equation 16.20, pH + pOH = 14.00, to 
calculate pH from pOH. Then we will use Equation 16.17 to deter- 
mine the concentration of H*. 


Check Because the pH is between 3.0 and 4.0, we know that [H*] 
will be between 1.0 x 1073M and 1.0 x 1074M. Our calculated 
[H+] falls within this estimated range. 


Solve From Equation 16.20, we have 


pH = 14.00 -pOH > Practice Exercise 
pH = 14.00 -10.24 = 3.76 A solution at 25 °C has pOH = 10.53. Which of the following 
statements is or are true? 


Next we use Equation 16.17: 
(i) The solution is acidic. 


pH = —log[H*] = 3.76 (ii) The pH of the solution is 14.00 — 10.53. 
Thus, (iii) For this solution, [OH~] = 107!°°3M. 
a a (a) Only one of the statements is true. 
logi] = Sere (b) Statements (i) and (ii) are true. 
To find [H*], we need to determine the antilogarithm of —3.76. (c) Statements (i) and (iii) are true. 
Your calculator will show this command as 10* or INV log (these (d) Statements (ii) and (iii) are true. 
functions are usually above the log key). We use this function to (e) All three statements are true. 


perform the calculation: 
[H*] = antilog (—3.76) = 10°76 = 1.7 x 10°*M 


Some common indicators are listed in 
Figure 16.7. The chart tells us, for instance, 
that methyl red changes color over the pH 
interval from about 4.5 to 6.0. Below pH 
4.5 it is in the acid form, which is red. In 
the interval between 4.5 and 6.0, it is grad- 
ually converted to its basic form, which is 
yellow. Once the pH rises above 6 the con- 
version is complete, and the solution is 
yellow. This color change, along with that 
of the indicators bromthymol blue and 
phenolphthalein, is shown in Figure 16.8. 
Paper tape impregnated with several indi- 
cators is widely used for determining 
approximate pH values. 


A Figure 16.6 A digital pH meter. The 
electrodes immersed in a solution produce 
a voltage that depends on the pH of the 
solution. 


Go Figure 


y 


If a colorless solution turns pink when we add phenolphthalein, 
what can we conclude about the pH of the solution? 


pH range for color change 
0 2 4 6 8 10 


Methyl violet 
Thymol blue 
Methyl orange 
Methyl red 
Bromthymol blue 
Phenolphthalein 


Alizarin yellow R 


of about 2 pH units. 


Yellow a T | | | | | 
Red _ Yellow Yellow Wi Blue 
Red [i Yellow 
Red | g Yellow 
Yellow Wi Blue 


Colorless | Pink 
| 


Yellow SEE Red | 


A Figure 16.7 pH ranges for common acid-base indicators. Most indicators have a useful range 


Self-Assessment Exercise 


16.14 Asample of seawater at 25 °C has a measured 
pH = 8.40. What is [OH] in this seawater? 


(a) 2.5 x 10 °M 
(b) 4.0 x 10°°M 
(c) 8.4 x 107M 
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W Go Figure 
Which of these indicators is best 
suited to distinguish between a 
solution that is slightly acidic and 
one that is slightly basic? 
{ 
e 10 
, 9 2 
pH= 
7 4 
` 5 $) 
Methyl red 


Bromthymol blue 


10 


-_ 
SZ 9 Sat 
pH= 
Tf 5 4 
Phenolphthalein 


A Figure 16.8 Solutions containing three 
common acid-base indicators at various pH 
values. 
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an 


Exercises 
16.15 Consider two solutions, solution A and solution B. [H™] in 16.17 Carbon dioxide in the atmosphere dissolves in raindrops to 
solution A is 25 times greater than that in solution B. What is produce carbonic acid (HzCO3), causing the pH of clean, 


the difference in the pH values of the two solutions? 
16.16 Complete the following table by calculating the missing en- 


unpolluted rain to range from about 5.2 to 5.6. What are the 
ranges of [H*] and [OH ] in the raindrops? 


tries. In each case, indicate whether the solution is acidic or 16.18 Addition of phenolphthalein to an unknown colorless solu- 
basic. 


pH 
9.25 


pOH 


12.45 


[H*] 


gA x 104M 


tion does not cause a color change. The addition of bromthy- 
mol blue to the same solution leads to a yellow color. (a) Is the 


[OH] Acidic or Basic? solution acidic, neutral, or basic? (b) Which of the following 


can you establish about the solution: (i) Aminimum pH, (ii) A 
maximum pH, or (iii) A specific range of pH values? (c) What 
other indicator or indicators would you want to use to deter- 
mine the pH of the solution more precisely? 


8.5 x 10°3M 
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16.4 | Strong Acids and Bases 


Sulfur is the starting point in the manufacture of sulfuric acid, the most commonly 
produced chemical in the world. Sulfuric acid is used in the manufacture of fertilizers, 
synthetic fibers, extraction of some minerals, in batteries, for cleaning, in detergents, for 
paper making and in the production of paints and dyes to name just a few applications. 
It is classed as a strong acid, which has a very specific meaning as we shall see in this 
section. 

By the end of this section, you should be able to 


e Calculate the pH of a strong acid or strong base given its concentration. 


The chemistry of an aqueous solution often depends critically on pH. It is therefore 
important to examine how pH relates to acid and base concentrations. The simplest cases 
are those involving strong acids and strong bases. Strong acids and bases are strong elec- 
trolytes, existing in aqueous solution entirely as ions. There are relatively few common 
strong acids and bases (see Table 4.2). 


SECTION 16.4 Strong Acids and Bases 


Strong Acids 


The seven most common strong acids include six monoprotic acids (HCl, HBr, 
HI, HNO3, HC1O3, and HC1O,), and one diprotic acid (H2504). Nitric acid (HNO3) exem- 
plifies the behavior of the monoprotic strong acids. For all practical purposes, an aque- 
ous solution of HNO; consists entirely of HzO* and NO3 ions: 


HNO3(aq) +H2O(1) —> H30*(aq) + NO; (aq) (completeionization) [16.21] 


We have not used equilibrium arrows for this equation because the reaction lies entirely 
to the right. As noted in Section 16.2, we use H30*(aq) and H*(aq) interchangeably to 
represent the hydrated proton in water. Thus, we can simplify this acid ionization equa- 
tion to 


HNO3(aq) —> H*(aq) + NO; (aq) 


In an aqueous solution of a strong acid, the acid is normally the only significant 
source of H* ions.* As a result, calculating the pH of a solution of a strong monoprotic 
acid is straightforward because [H+] equals the original concentration of acid. Ina 0.20 M 
solution of HNO3(aq), for example, [H*] = [NO3 ] = 0.20 M. The situation with the 
diprotic acid H,SO, is somewhat more complex, as we will see in Section 16.5. 


Y> Sample Exercise 16.8 


D Calculating the pH of a Strong Acid Solution 


What is the pH of a 0.040 M solution of HCIO,? 


Check Because [H*] lies between 1 xX 10°? and 1 x 107!, the pH 
will be between 2.0 and 1.0. Our calculated pH falls within the 
estimated range. Furthermore, because the concentration has two 
significant figures, the pH has two decimal places. 


Strong Bases 


The most common soluble strong bases are the ionic hydroxides of the alkali metals, 
such as NaOH, KOH, and the ionic hydroxides of heavier alkaline earth metals, such as 
St(OH) 2. These compounds completely dissociate into ions in aqueous solution. Thus, a 
solution labeled 0.30 M NaOH consists of 0.30 M Na*(aq) and 0.30 M OH (aq); there is 
essentially no undissociated NaOH. 

Although all of the alkali metal hydroxides are strong electrolytes, LOH, RbOH, 
and CsOH are not commonly encountered in the laboratory. The hydroxides of the 
heavier alkaline earth metals — Ca(OH)z, Sr(OH)z2, and Ba(OH),—are also strong elec- 
trolytes. They have limited solubility, however, so they are used only when high solubil- 
ity is not critical. 

Strongly basic solutions are also created by certain substances that react with water 
to form OH (aq). The most common of these contain the oxide ion. Ionic metal oxides, 
especially Na,O and CaO, are often used in industry when a strong base is needed. The 
O” reacts very exothermically with water to form OH, leaving virtually no O% in the 
solution: 


O” (aq) + H,O(1) —> 20H “(aq) [16.22] 
*If the concentration of the acid is 1076 M or less, we also need to consider H* ions that result 


from H,O autoionization. Normally, the concentration of H* from H,0 is so small that it can be 
neglected. 


(ii) 0.0030 M HNO; 


SOLUTION See 

Analyze and Plan Because HCIO,j is a strong acid, it is completely ee aes 

ee oe He ae 

ionized, giving [H™] = [ClO, | = 0.040 M. () 0.20 M HCIO; 

Solve (a)i <ii <iii (b)ii <i < ii 
pH = —log(0.040) = 1.40 (a) ii < iii <i (iii <ii <i 
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Order the following three solutions from smallest to largest pH: 
(iii) 1.50 M HCl 
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\a Sample Exercise 16.9 
PF Calculating the pH of a Strong Base 


SOLUTION 


Analyze We are asked to calculate the pH of two solutions of strong 
bases. 


Plan We can calculate each pH by either of two equivalent methods. 
First, we could use Equation 16.16 to calculate [H+] and then use 
Equation 16.17 to calculate the pH. Alternatively, we could use [OH ~ | 
to calculate pOH and then use Equation 16.20 to calculate the pH. 


Solve 


(a) NaOH dissociates in water to give one OH ion per formula 
unit. Therefore, the OH~ concentration for the solution in (a) 
equals the stated concentration of NaOH, namely 0.028 M. 


Method 1: 


1.0 x 10°14 
E =. Se Se 
[H] 0.028 


pH = —log(3.57 x 107") = 12.45 


= 3.57 x 103M 


Method 2: 
pOH = -log (0.028) = 1.55 
pH = 14.00 — pOH = 12.45 


What is the pH of (a) a 0.028 M solution of NaOH, (b) a 0.0011 M solution of Ca(OH) >? 


(b) Ca(OH), is a strong base that dissociates in water to give two 

OH- ions per formula unit. Thus, the concentration of OH (aq) 

for the solution in part (b) is2 xX (0.0011 M) = 0.0022 M. 

Method 1: 

1.0 x 107 
0.0022 

pH = —log(4.55 x 107!) = 11.34 


[H‘] = = 4.55 x 10M 


Method 2: 
pOH = -log (0.0022) = 2.66 


pH = 14.00 — pOH = 11.34 


> Practice Exercise 
Order the following three solutions from smallest to largest pH: 
(i) 0.030 M Ba(OH), (ii) 0.040 MKOH (iii) pure water. 
@)i< ii< iii (b)i <i< iii (iii < i< ii 
(d)ii < iii<i (e)iii < ii <i 


Thus, a solution formed by dissolving 0.010 mol of Na,O(s) in enough water to form 
1.0 L of solution has [OH] = 0.020 M and a pH of 12.30. 


Self-Assessment Exercise 


16.19 Which solution has the higher pH, a 0.001 M solution of 
CsOH or a 0.001 M solution of Sr(OH),? 


(a) 0.001 M CsOH 
(b) 0.001 M Sr(OH)z 


Exercises 


16.20 Determine whether each of the following is true or false: 
(a) All strong bases are salts of the hydroxide ion. (b) The 
addition of a strong base to water produces a solution of 
pH > 7.0. (c) Because Mg(OH); is not very soluble, it cannot 
be a strong base. 


16.21 Calculate the pH of each of the following strong acid solu- 
tions: (a) 0.0178 M HNO;, (b) 0.500 g of HClO; in 5.00 L 
of solution, (c) 5.00 mL of 2.00 M HCI diluted to 0.500 L, 
(d) a mixture formed by adding 75.0 mL of 0.010 M HCI to 
125 mL of 0.020 M HBr. 


16.22 Calculate [OH | and pH for each of the following strong base 
solutions: (a) 0.182 M KOH, (b) 3.165 g of KOH in 500.0 mL 
of solution, (c) 10.0 mL of 0.0105 M Ca(OH), diluted to 
500.0 mL, (d) a solution formed by mixing 20.0 mL of 0.015 
M Ba(OH), with 40.0 mL of 8.2 x 1077 M NaOH. 


16.23 Calculate the concentration of an aqueous solution of 
Ca(OH), that has a pH of 10.05. 
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16.5 | Weak Acids 


Acids and bases are common both in nature and in the laboratory and the overwhelming 
number are classed as ‘weak’. They affect our daily lives in innumerable ways. Not only are 
they present in our foods, but acids and bases are also crucial components of living sys- 
tems, such as the amino acids that are used to synthesize proteins and the nucleic acids 
that code genetic information. For example, citric acid and ascorbic acid (also known as 
Vitamin C) are what gives citrus fruits their characteristic tangy, sour tastes (Figure 16.9). 
Citric and malic acids are among several acids involved in the Krebs cycle (also called the 
citric acid cycle) that is used to generate energy in aerobic organisms. The application of 
acid-base chemistry has also had critical roles in shaping modern society, including such 
human-driven activities as industrial manufacturing, the creation of advanced pharma- 
ceuticals, and many aspects of the environment. 
By the end of this section, you shold be able to 


e Use pH and concentration to calculate K for a weak acid or weak base and vice versa. 


Most acidic substances are weak acids and therefore only partially ionized in aque- 
ous solution (Figure 16.10). We can use the equilibrium constant for the ionization 


HA(aq) + H,O() — HA(aq) + H,O() = 
A~ (aq) + H30* (aq) A” (aq) + H30* (aq) 


Strong acid Weak acid 
HA molecules HA molecules 
completely dissociate partially dissociate 
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< Figure 16.10 Species present in solutions 
of a strong acid and a weak acid. 
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TABLE 16.2 Some Weak Acids in Water at 25 °C 


Acid Structural Formula* Conjugate Base K, 
Chlorous (HCIO,) H—O—CI—O cloy 1.0 x 107 
Hydrofluoric (HF) H—F F- 6.8 x 1074 
Nitrous (HNO3) H—O—N=O NO, ALS x 10 
I 
; - -5 
Benzoic (CgHsCOOH) o = CeHsCOO 6.3 X 10 
F H 
Acetic (CH;COOH) f= o=c= l —H CH3COO- 1.8 x 1079 
H 
Hypochlorous (HOCI) H—O—Cl ocl 3.0 x 10°8 
Hydrocyanic (HCN) H—C=N CN" 4.9 x 10719 


Phenol (HOC,Hs) "of \ C6H507 13 x10 


*The proton that ionizes is shown in red. 


reaction to express the extent to which a weak acid ionizes. If we represent a general weak 
acid as HA, we can write the equation for its ionization in either of the following ways, 
depending on whether the hydrated proton is represented as HzO” (aq) or H*(aq): 


HA(aq) + H,O(1) == H30*(aq) + A (aq) [16.23] 
or 
HA(aq) == H*(aq) + A (aq) [16.24] 


These equilibria are in aqueous solution, so we will use equilibrium expressions based on 
concentrations. Because H20 is the solvent, it is omitted from the equilibrium expres- 
sion. Further, we add a subscript a on the equilibrium constant to indicate that it is an 
equilibrium constant for the ionization of an acid. Thus, we can write the equilibrium 
expression as either: 


K, = |- or K, = ———— [16.25] 


K, is called the acid-dissociation constant for acid HA. 

Table 16.2 shows the structural formulas, conjugate bases, and K, values for a number 
of weak acids. Appendix D provides a more complete list. Many weak acids are organic com- 
pounds composed entirely of carbon, hydrogen, and oxygen. These compounds usually con- 
tain some hydrogen atoms bonded to carbon atoms and some bonded to oxygen atoms. In 
almost all cases, the hydrogen atoms bonded to carbon do not ionize in water; instead, the 
acidic behavior of these compounds is due to the hydrogen atoms attached to oxygen atoms. 

The magnitude of K, indicates the tendency of the acid to ionize in water: The larger 
the value of K,, the stronger the acid. Chlorous acid (HC1O3), for example, is the strongest 
acid in Table 16.2, and phenol (HOC,Hs) is the weakest. For most weak acids K, values 
range from 107? to 10° 1°. 


Calculating K, from pH 


In order to calculate either the K, value for a weak acid or the pH of its solutions, we 
will use many of the skills for solving equilibrium problems developed in Section 15.4. 
In many cases the small magnitude of K, allows us to use approximations to simplify 
the problem. In doing these calculations, it is important to realize that proton-transfer 


= Sample Exercise 16.10 


D Calculating K, from Measured pH 


at this temperature. 


SOLUTION 


determine the value of K, for the acid. 


Solve 


The first step in solving any equilibrium problem is 
to write the equation for the equilibrium reaction. 
The ionization of formic acid can be written as: 


Analyze We are given the molar concentration of an aqueous solu- 
tion of weak acid and the pH of the solution, and we are asked to 
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A student prepared a 0.10 M solution of formic acid (HCOOH) and found its pH at 25°C to be 2.38. Calculate K, for formic acid 


Plan Although we are dealing specifically with the ionization of a 
weak acid, this problem is similar to the equilibrium problems in 
Chapter 15. We can solve this problem using the method outlined 
in Sample Exercise 15.8, starting with the chemical reaction and a 


tabulation of initial and equilibrium concentrations. 


HCOOH(aq) == H*(aq) + HCOO (aq) 


The equilibrium expression is: 


_ [H*][HCOO7] 
“~~ [HCOOH] 


From the measured pH, we can calculate [H*]: 


pH = —log[H*] = 2.38 
log[H*] = —2.38 
[H] = 10738 = 4.2 x 10°M 


To determine the concentrations of the species 
involved in the equilibrium, we consider that the 
solution is initially 0.10 Min HCOOH molecules. 
We then consider the ionization of the acid into 
H* and HCOO-. For each HCOOH molecule that 
ionizes, one H* ion and one HCOO7 ion are pro- 
duced in solution. Because the pH measurement 
indicates that [H*] = 4.2 x 10-3 M at equilib- 
rium, we can construct the following table: 


HCOOH(aq) == H*(aq) + HCOO (aq) 


Initial 0.10 0 (0) 
concentration (M) 


Change in 
concentration (M) 


—4.2 x 10% +4.2 x 10| +4.2 x 10° 


Equilibrium 
concentration (M) 


(0.10 — 4.2 x 10-3) | 4.2 x 10° 


Notice that we have neglected the very small con- 
centration of H*(aq) due to H2O autoionization. 
Notice also that the amount of HCOOH that 
ionizes is very small compared with the initial con- 
centration of the acid. To the number of significant 
figures we are using, the subtraction yields 0.10 M: 


(0.10 — 4.2 x 1073) M = 0.10M 


We can now insert the equilibrium concentrations 
into the expression for K4: 


(4.2 x 10°3)(4.2 x 10°) 


1.8 x 1074 


i 0.10 


> Practice Exercise 
A0.50 M solution of an acid HA has pH = 2.24. What is the 
value of K, for the acid? (a) 1.7 x 1071? (b) 3.3 x 10° 
(c)6.6 X 10° (d)5.8 x 10% (e)1.2 x 107 


Check The magnitude of our answer is reasonable because K, for a 
weak acid is usually between 10? and 1072”. 


reactions are generally very rapid. As a result, the measured or calculated pH for a weak 
acid always represents an equilibrium condition. 


Percent Ionization 


We have seen that the magnitude of K, indicates the strength of a weak acid. Another 
measure of acid strength is percent ionization, defined as 


concentration of ionized HA 
original concentration of HA 


Percent ionization = x 100% [16.26] 


The stronger the acid, the greater the percent ionization. 
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If we assume that the autoionization of H20 is negligible, the concentration of acid 


that ionizes equals the concentration of H*(aq) that forms. Thus, the percent ionization 
for an acid HA can be expressed as 


F r i [H* Jequitibrium 
Percent ionization = —~—~~-——— X 100% [16.27] 
[HA] initia] 


For example, a 0.035 M solution of HNO, contains 3.7 xX 10°? M H* (aq) and its percent 
ionization is 


b Sample Exercise 16.11 


D Calculating Percent lonization 


SOLUTION 


Solve 
Percent ionization = [H Jequitoriam x 100% 
[HCOOH Jinitial 
_ 4.2 x 103M 


0.10M 


Analyze We are given the molar concentration of an aqueous solu- 
tion of weak acid and the equilibrium concentration of H*(aq) 
and asked to determine the percent ionization of the acid. 


[H+ equilibrium 3.7 X 10° M 
Percent ionization = ——————— x 100% = —————— x 100% = 11% 
[HNOg Jinitial 0.035 M 


As calculated in Sample Exercise 16.10, a 0.10 M solution of methanoic acid (HCOOH) contains 4.2 x 1073 MH*(aq). 
Calculate the percentage of the acid that is ionized. 


> Practice Exercise 
A 0.077 M solution of an acid HA has pH = 2.16. What is 
the percentage of the acid that is ionized? 
(a) 0.090% (b) 0.69% (c)0.90% (d)3.6% (e) 9.0% 


Plan The percent ionization is given by Equation 16.27. 


x 100% = 4.2% 


Using K, to Calculate pH 


Knowing the value of K, and the initial concentration of a weak acid, we can calculate 
the concentration of H” (aq) in a solution of the acid. 


( How to Calculate pH Using K, 
1. 


Write the ionization equilibrium. 
Write the equilibrium expression and the value for the equilibrium constant. 


2. 
3. Express the concentrations involved in the equilibrium reaction. 
4. 


Substitute the equilibrium concentrations into the equilibrium-constant expres- 
sion and solve for x. 


Let’s use this process to calculate the pH at 25 °C of a 0.30 M solution of acetic acid 


(CHCOOH). 


1. 


The ionization equilibrium is: 
CH3COOH(aq) == H*(aq) + CH3COO (aq) [16.28] 


Notice that the hydrogen that ionizes is the one attached to an oxygen atom. 


2. 


Taking K, = 1.8 x 10° from Table 16.2, we write the equilibrium expression and its 

value. 

[H*][CH3COO ] 
[CH;COOH] 


Kı = = 1.8 x10“ [16.29] 


. Next we express the concentrations involved in the equilibrium reaction. This can 


be done with a little accounting, as described in Sample Exercise 16.10. Because 


we want to find the equilibrium value for [H*], let’s call this quantity x. The con- 
centration of acetic acid before any of it ionizes is 0.30 M. The chemical equation 
tells us that for each molecule of CHCOOH that ionizes, one H*(aq) and one 
CH3COO (aq) are formed. Consequently, if x moles per liter of H*(aq) form at equi- 
librium, x moles per liter of CH;COO (aq) must also form and x moles per liter of 


CH3COOH must be ionized: 
CH3COOH(aq) == H'*(aq) + CH3COO (aq) 
Initial concentration (M) 0.30 | 0 0 | 
Change in concentration (M) —Xx +x +x 
Equilibrium concentration (M) (0.30 — x) x x 


4. Finally, we substitute the equilibrium concentrations into the equilibrium expres- 
sion and solve for x: 
[H"][CH;COO0] _ (x)(x) 
[CHCOOH] 0.30 — x 


K, 1.8 x 105 [16.30] 
This expression leads to a quadratic equation in x, which we can solve by using either 
an equation-solving calculator or the quadratic formula. We can simplify the problem, 
however, by noting that the value of K, is quite small. As a result, the equilibrium lies far 
to the left and x is much smaller than the initial concentration of acetic acid. Thus, we 
assume that x is negligible relative to 0.30, so that 0.30 — x is essentially equal to 0.30. We 
can (and should!) check the validity of this assumption when we finish the problem. By 
using this assumption, Equation 16.30 becomes 


x2 


= —— = 1.8 x 10% 
Ke= Gap 18 * 0 


Solving for x, we have 
x? = (0.30)(1.8 x 10°) = 5.4 x 10° 
x= V5.4x 10° = 2.3 x 10° 
[H*] = x = 2.3 x 10° M 
pH = —log(2.3 x 10°) = 2.64 


Now we check the validity of our simplifying assumption that 0.30 —x = 0.30. 
The value of x we determined is so small that, for this number of significant figures, 
the assumption is entirely valid. We are thus satisfied that the assumption was a 
reasonable one to make. Because x represents the moles per liter of acetic acid that 
ionize, we see that, in this particular case, less than 1% of the acetic acid molecules 
ionize: 

0.0023 M 


Ẹ tionizati f CHCOOH = ——— x 100% = 0.77% 
ercent ionization o 3 030M o=0 o 


As a general rule, if x is more than about 5% of the initial concentration value, it is better to 
use the quadratic formula. You should always check the validity of any simplifying assump- 
tions after you have finished solving a problem. 

We have also made one other assumption, namely, that all of the H* in the solution 
comes from ionization of CH;COOH. Are we justified in neglecting the autoionization of 
H20? The answer is yes—the additional [H*] due to water, which would be on the order 
of 1077 M, is negligible compared to the [H*] from the acid (which in this case is on the 
order of 10°? M). In extremely precise work, or in cases involving very dilute solutions of 
acids, we would need to consider the autoionization of water more fully. 

Finally, we can compare the pH value of this weak acid with the pH of a solution 
of a strong acid of the same concentration. The pH of the 0.30 M acetic acid is 2.64, 
but the pH of a 0.30 M solution of a strong acid such as HCl is —log(0.30) = 0.52. 
As expected, the pH of a solution of a weak acid is higher than that of a solution of a 
strong acid of the same molarity. (Remember, the higher the pH value, the less acidic 
the solution.) 
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\a Sample Exercise 16.12 
PF Using K, to Calculate pH 


Calculate the pH of a 0.20 M solution of HCN. (Refer to Table 16.2 or Appendix D for the value of K,.) 


SOLUTION 
Analyze We are given the molarity of a weak acid and are asked for Plan We proceed as in the example just worked in the text, writing 
the pH. From Table 16.2, K, for HCN is 4.9 x 107!°. the chemical equation and constructing a table of initial and equi- 


librium concentrations in which the equilibrium concentration of 
H* is our unknown. 


Solve Writing both the chemical equation for the ionization re- 
action that forms H*(aq) and the equilibrium expression for the 


reaction: HCN(aq) == H*(aq) + CN (aq) 
[H*][CN7] 
Kı = = 4.9 x 1071 
i [HCN] 9 
Next, we tabulate the concentrations of the species involved in HCN(aq) == H*(aq) + CN (aq) 
the equilibrium reaction, letting x = [H™] at equilibrium: 
Initial 0.20 0 0 
concentration (M) 
Change in =% +X +x 
concentration (M) 
Equilibrium (O20 = x) x x 
concentration (M) 
Substituting the equilibrium concentrations into the equilibrium (x)(x) i 
expression yields: Ka = 0.20-x 4.9 x 10 


We next make the simplifying approximation that x, the amount 
of acid that dissociates, is small compared with the initial concen- 


x 
tration of acid, 0.20 —x = 0.20. Thus, oa 4.9 x 10710 
Solving for x, we have: x? = (0.20)(4.9 x 1071) = 0.98 x 101° 


x = V0.98 x 10719 = 9.9 x 10°°M = [H*] 


A concentration of 9.9 x 1076 M is much smaller than 5% of 0.20 M, 
the initial HCN concentration. Our simplifying approximation is 


therefore appropriate. We now calculate the pH of the solution: pH = —log[H*] = —log(9.9 x 10°) = 5.00 
> Practice Exercise (a) 2.30 (b)2.10 (c) 1.90 
What is the pH of a 0.40 M solution of benzoic acid, CgH; COOH? (d) 4.20 (e) 4.60 


(The K, value for benzoic acid is given in Table 16.2.) 


The properties of an acid solution that relate directly to the concentration of 
H*(aq), such as electrical conductivity and rate of reaction with an active metal, are less 
evident for a solution of a weak acid than for a solution of a strong acid of the same con- 
centration. Figure 16.11 presents an experiment that demonstrates this difference with 
1 MCH3COOH and 1M HCI. The concentration of H*(aq) in 1MCH3COOH is only 
0.004 M, whereas the 1 M HCI solution contains 1 M H+ (aq). As a result, the reaction rate 
with the metal is much faster in the HCI solution. 

As the concentration of a weak acid increases, the equilibrium concentration of 
H*(aq) increases, as expected. However, as shown in Figure 16.12, the percent ionization 
decreases as the concentration increases. Thus, the concentration of H+ (aq) is not directly 
proportional to the concentration of the weak acid. For example, doubling the concen- 
tration of a weak acid does not double the concentration of H*(aq). 
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Reaction proceeds more rapidly 
in strong acid, leading to 
formation of larger Hə bubbles 
and rapid disappearance of 
metal. 


H> bubbles show 
reaction still in 
progress in weak acid. 


Reaction eventually 
goes to completion in 
both acids. 


Reaction is 
complete in 
strong acid. 


1 M HC\(aq) 1 M CHCOOH (aq) 
[H] =1M [H*] = 0.004 M 


A Figure 16.11 The same reaction has different rates in a weak acid solution compared to a strong 
acid solution. The bubbles are Hz gas, which along with metal cations, is produced when a metal 
is oxidized by an acid. 


W TN STITT is the trend observed in this graph consistent with Le 
Chatelier’s principle? Explain. 


As concentration increases, a 


smaller percentage of CH3COOH 
molecules dissociates. 


Percent ionized 


0 0.05 0.10 0.15 
Acid concentration (M) 


A Figure 16.12 Effect of concentration on percent ionization in an acetic acid solution. 


Sample Exercise 16.13 


Using the Quadratic Equation to Calculate pH and Percent lonization 


Calculate the pH and percentage of HF molecules ionized in a 0.10 M HF solution. 


SOLUTION 
Analyze We are asked to calculate the percent ionization of a solu- Plan We approach this problem as for previous equilibrium 
tion of HE From Appendix D, we find K, = 6.8 x 1074. problems: We write the chemical equation for the equilibrium 


and tabulate the known and unknown concentrations of all 
species. We then substitute the equilibrium concentrations 
into the equilibrium expression and solve for the unknown 
concentration of H*. 
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Solve HF(aq) == H*(aq) + F (aq 


The equilibrium reaction and equilibrium concentrations are 


Initial 0.10 0 0 
as follows: 


concentration (M) 


Change in =x +x +x 
concentration (M) 


Equilibrium (0.10 — x) x X 
concentration (M) 


[HIF] (x)(x) 
a THE] (0.10 — x 


The equilibrium expression is: 


When we try solving this equation using the approximation 
0.10 — x = 0.10 (that is, by neglecting the concentration of 
acid that ionizes), we obtain: x = 8.2 x 103M 


Because this approximation is greater than 5% of 0.10 M, how- 
ever, we should work the problem in standard quadratic form. 
Rearranging, we have: x? = (0.10 — x)(6.8 x 107“) 


= 6.8 x 10-5 — (6.8 x 10~*)x 
x2 + (6.8 X 10™)x — 6.8 x 105 =0 


Substituting these values in the standard quadratic formula —6.8 x 104 + V(6.8 x 10-4)? — 4(-6.8 x 10°) 
gives: x 2 


—6.8 x 10°74 + 1.6 x 10°? 


2 
Of the two solutions, only the positive value for x is chemically 
reasonable. From that value, we can determine [H*] and hence 
the pH: x = [H*] = [F7] = 7.9 x 10°°M,so pH = —log[H*] = 2.10 
fatonionized 

From our result, we can calculate the percent of molecules ionized: Percent ionization of HF ee sade da x 100% 

original concentration 

7.9 x 103M 

= % = . 0, 
0.10M 100% = 7.9% 


> Practice Exercise 
What is the pH of a 0.010 M solution of HF? 
(a) 1.58 (b)2.10 (c)2.30 (d)2.58 (e)2.64 


Polyprotic Acids 


Acids that have more than one ionizable H atom are known as polyprotic acids. Sulfu- 
rous acid (H2SO3), for example, can undergo two successive ionizations: 


H,SO3(aq) == H*(aq) + HSO; (aq) Ka=1.7 x 102 [16.31] 


HSO3 (aq) == H*(aq) + SO? (aq) Ka2=6.4 X108 [16.32] 


Note that the acid-dissociation constants are labeled K,; and K,2. The numbers on the 
constants refer to the particular proton of the acid that is ionizing. Thus, K, always 
refers to the equilibrium involving removal of the second proton of a polyprotic acid. 
We see that K,2 for sulfurous acid is much smaller than K,;. Because of electrostatic 
attractions, we would expect a positively charged proton to be lost more readily from the 
neutral H,SO3 molecule than from the negatively charged HSO; ion. This observation is 
general: It is always easier to remove the first proton from a polyprotic acid than to remove the 


TABLE 16.3 Acid-Dissociation Constants of Some Common 
Polyprotic Acids 


Name Formula Ky Kaz Kaz 
Ascorbic H2C6H60O6 8.0 x 10-5 LG IO! 

Carbonic HCO; 4.3 x 107 5.6 x 107"! 

Citric H3C6HsO07 Fe SO le < 10 4.0 x 10-7 
Oxalic HOOC— COOH 5.9 x 1072 6.4 x 10° 

Phosphoric H3PO4 IS 10 62 108 AD ior 
Sulfurous H2503 1.7 x 10°? 6.4 x 10°8 

Sulfuric HS0, Large 12 o 

Tartaric C2H202(COOH)>2 1.0 x 10 4.6 x 10° 


second. Similarly, for an acid with three ionizable protons, it is easier to remove the sec- 
ond proton than the third. Thus, the K, values become successively smaller as successive 
protons are removed. 

The acid-dissociation constants for common polyprotic acids are listed in Table 16.3, 
and Appendix D provides a more complete list. The structure of citric acid illustrates the 
presence of multiple ionizable protons in Figure 16.13. 

Notice in Table 16.3 that in most cases the K, values for successive losses of protons 
differ by a factor of at least 10°. Notice also that the value of K,, for sulfuric acid is listed 
simply as “large.” Sulfuric acid is a strong acid with respect to the removal of the first pro- 
ton. Thus, the reaction for the first ionization step lies completely to the right: 


H»SO,4(aq) —> H*(aq) + HSO; (aq) (complete ionization) 


However, HSO, is a weak acid for which Kj. = 1.2 X 107. 

For many polyprotic acids K,; is much larger than subsequent dissociation con- 
stants, in which case the H*(aq) in the solution comes almost entirely from the first 
ionization reaction. As long as successive K, values differ by a factor of 10° or more, it is 
usually possible to obtain a satisfactory estimate of the pH of polyprotic acid solutions by 
treating the acids as if they were monoprotic, considering only K,). 


\SA Sample Exercise 16.14 
> 


Calculating the pH of a Solution of a Polyprotic Acid 


SECTION 16.5 Weak Acids 


W Go Figure 


783 


How many protons per citric acid 
molecule are ionizable? 


ji 
T 
HO—C— 
po 
H 


I 
C 


I 
C 


C 
O 
O 


—OH 
—OH 


OH 


Citric acid 


A Figure 16.13 The structure of citric acid. 


The solubility of CO, in water at 25°C and 10.13 kPa is 0.0037 M. The common practice is to assume that all the dissolved CO3 
is in the form of carbonic acid (H2CO3), which is produced in the reaction 


CO2(aq) + H20(/) == H2CO3(aq) 


What is the pH of a 0.0037 M solution of H2CO3? 


SOLUTION 
Analyze We are asked to determine the pH of a 0.0037 M solution Plan H2COs is a diprotic acid; the two acid-dissociation constants, 
of a polyprotic acid. Kı and K,» (Table 16.3), differ by more than a factor of 10°. Con- 
sequently, the pH can be determined by considering only Ky, 
thereby treating the acid as if it were a monoprotic acid. 
Solve H,CO3(aq) == H*(aq) + HCOs (aq) 
Proceeding as in Sample Exercises 16.12 and Initial 0.0037 0 0 
16.13, we can write the equilibrium reaction : 
ee i concentration (M) 
and equilibrium concentrations as: 
Change in =x +x +x 
concentration (M) 
Equilibrium (0.0037 — x) Ex. x 
concentration (M) 
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[H*][HCO; ] 


ai 4.3 x 107 


The equilibrium expression is: Ka 


[H2CO3] 


0.0037 — x 


Solving this quadratic equation, we get: x= 4.0 x 105M 


Alternatively, because Ką is small, we can 
make the simplifying approximation that x 
is small, so that: 


0.0037 — x = 0.0037 


(x)(x) 


Thus, 0.0037 


=43 x 107 


x? = (0.0037)(4.3 x 107) = 1.6 x 10° 
x = [H*] = [HCO;] = V1.6 x 10° = 4.0 x 105M 


Solving for x, we have: 


Because we get the same value (to two signifi- 
cant figures) our simplifying assumption was 
justified. The pH is therefore: 


H = —log[H+] = -log (4.0 x 1075) = 4.40 
P g g 


Comment If we were asked for [CO7] we 
would need to use Kj». Let’s illustrate that 


calculation. Using our calculated values of 
[HCO; ] and [H*] and setting [CO7] = y, 


we have: 


Assuming that y is small relative to 4.0 x 10°, 


HCO; (aq) ===  H*(aq) + CO (aq) 

Initial 4.0 x 10-5 4.0 x 10% 0 
concentration (M) 
Change in =y +P +y 
concentration (M) 
Equilibrium (4.0 x 10°-y) | (4.0 x 10° + y) y 
concentration (M) 

H*}/CO22— 4.0 x 10°° 

[H7][CO37]  ( My) sexigt 


we have: a2 


[HCO; ] 


4.0 x 10°5 


y=56Xx 10 "M= [C07] 


We see that the value for y is indeed very small compared with 

4.0 x 1075, showing that our assumption was justified. It also 
shows that the ionization of HCO; is negligible relative to that of 
H2COs, as far as production of H* is concerned. However, it is the 
only source of CO}, which has a very low concentration in the 
solution. Our calculations thus tell us that in a solution of carbon 
dioxide in water, most of the CO, is in the form of CO, or HCO}, 
only a small fraction ionizes to form H* and HCO; , and an even 


smaller fraction ionizes to give CO37-. Notice also that [CO7 ] is 
numerically equal to Ky. 


> Practice Exercise 


What is the pH of a 0.28 M solution of ascorbic acid 
(Vitamin C)? (See Table 16.3 for K,; and Kyo.) 
(a) 2.04 (b)2.32 (c€)2.82 (d)4.65 (e)6.17 


A CLOSER LOOK KIO 


Different protonation states of polyprotic acids exist at different pH 
values. Shown in Figure 16.14 are the relative equilibrium concentra- 
tions of phosphoric acid and its successive conjugate bases as a func- 
tion of pH. 

We can learn many things from Figure 16.14. For instance, if the 
pH is greater than 4, there is essentially no H3PO, left in solution. At 
pH > 14, the major component is the phosphate ion, PO,?. We can 


And therefore K,2 corresponds to 
Ka = [HPO7 ][H30]* /[H2PO, ] 


also see that when the pH is equal to one of the pK, values, the con- 
centrations of the relevant conjugate acid-base pairs are equal. For 
instance, if you look at pH = 7.21, [H,PO,2] = [HPO, ]. This makes 
sense if we consider that the equilibrium reaction at that pH is: 


H,PO4 (aq) + H,O(1) == HPO,” (aq) + H30*(aq) 


Using our log rules, we can see that 
PKaz = log([H2PO4 ]/[HPO ]) + pH 
and therefore if pKa. has the same value as the pH, the ratio of 


[H,PO,] to [HPO] must be one (since the log of 1 is equal to zero). 


Continued 


100% 


75% 


50% 


Relative Fraction 


25% 


0% 
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A Figure 16.14 Relative fraction of phosphate species in water as a function of pH for phosphoric acid. 


Self-Assessment Exercise 


16.24 Asolution of benzoic acid has a pH of 2.63 (K, = 6.3 X 1075). 


What is the concentration of the solution? 


(a) 0.027 M 
(b) 0.087 M 
(c) 11M 
(d) 37M 


Exercises 


16.25 


16.26 


16.27 


16.28 


Write the chemical equation and the K, expression for 
the acid dissociation of each of the following acids in 
aqueous solution. First show the reaction with H” (aq) as 
a product and then with the hydronium ion: (a) HSO,, 
(b) C6H5;OH. 

Phenylacetic acid (C6H5;CH}COOH) is one of the substances 
that accumulates in the blood of people with phenylketon- 
uria, an inherited disorder that can cause mental retardation 
or even death. A 0.085 M solution of CsH;CH,COOH has a 
pH of 2.68. Calculate the K; value for this acid. 


A 0.100 M solution of bromoacetic acid (BrCH,COOH) is 
13.2% ionized. Calculate [H*], [BrCH,COO" ], [BrCH,COOH] 
and K, for bromoacetic acid. 


The acid-dissociation constant for chlorous acid (HC10,) is 
1.1 X 107. Calculate the concentrations of H,0*, C103, and 
HClO, at equilibrium if the initial concentration of HC1Oz is 
0.0200 M. 


16.29 


16.30 


16.31 


The active ingredient in aspirin is acetylsalicylic acid 
(HCyH;O,), a monoprotic acid with K, = 3.3 X 10% at 25°C. 
What is the pH of a solution obtained by dissolving one regu- 
lar aspirin tablet, containing 100 mg of acetylsalicylic acid, in 
200 mL of water? 


Calculate the percent ionization of propionic acid 
(C2HsCOOH) in solutions of each of the following concentra- 
tions (K, is given in Appendix D): (a) 0.250 M, (b) 0.0800 M, 
(c) 0.0200 M. 


Tartaric acid is found in many fruits, including grapes, and is 
partially responsible for the dry texture of certain wines. Calcu- 
late the pH and the tartrate ion (CyHyO¢7) concentration for a 
0.250 M solution of tartaric acid, for which the acid-dissociation 
constants are listed in Table 16.3. Did you have to make any ap- 
proximations or assumptions in your calculation? 
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16.6 | Weak Bases 


Dead tissue breaks down as a result of chemical degradation and by the action of bac- 
teria. The latter often results in release of volatile amines and the name of two of them, 
cadaverine (H,N(CH,);NH2) and putrescine (H2N(CH2);NHz), suggest a bad smell accom- 
panies the decomposition. The simplest amine is ammonia. The name has its origin ina 
mineral deposit close to a temple of the Egyptian deity Amun. The deposit was originally 
thought to be ammonium chloride, which has the pungent smell of ammonia associated 
with it. By the time it was found the deposit was likely to be common sea salt, the name 
was already established in the language. Amines are examples of weak bases. By the end 
of this section, you should be able to 


e Perform calculations using K, and K, and determine the pH of a weak base solution 
Many substances behave as weak bases in water. Weak bases react with water, abstracting 
protons from H,O, thereby forming the conjugate acid of the base and OH ions: 

B(aq) + H,O(1) == HB*(aq) + OH (aq) [16.33] 
The equilibrium expression for this reaction can be written as 
[BH*][OH7] 
[B] 


Water is the solvent, so it is omitted from the equilibrium expression. One of the most 
commonly encountered weak bases is ammonia, NH3: 


K, = [16.34] 


[NH] [OH] 


NH;(aq) + H,O(1) == NH,*(aq) + OH (aq) K, = [NH] 


[16.35] 

As with K,, and K,, the subscript b in K, denotes that the equilibrium constant refers 
to a particular type of reaction, namely, the ionization of a weak base in water. The con- 
stant K,, the base-dissociation constant, always refers to the equilibrium in which a base 
reacts with H,O to form the corresponding conjugate acid and OH. 

Table 16.4 lists the Lewis structures, conjugate acids, and K, values for a number of 
weak bases in water. Appendix D includes a more extensive list. These bases contain one 
or more lone pairs of electrons because a lone pair is necessary to form the bond with H+. 
Notice that in the neutral molecules in Table 16.4, the lone pairs are on nitrogen atoms. 
The other bases listed are anions derived from weak acids. 
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TABLE 16.4 Some Weak Bases in Water at 25 °C 


Base 


Ammonia (NH3) 


Pyridine (C;H;N) 


Hydroxylamine (HONH2) 


Methylamine (CH3NHz2) 


Hydrosulfide ion (HS7) 


Carbonate ion (CO) 


Hypochlorite ion (C107) 


Structural Formula* 


Hoon i 


H 


H—N—OH 
je 
H 
H—N—CH; 
| 
H 
E= 
ae 2- 
ai 
C. 
o So 
aeo 


*The atom that accepts the proton is shown in blue. 


Sample Exercise 16.15 


Conjugate 

Acid K, 

NH,* iL SMOR 
C;HsNH* 1.7 x 10° 
HONH;* idl 10-8 
CH;NH;* 4.4 x 10-4 
HS eE MOR 
HCO; 1.8 x 107% 
HClO BS x oO” 


Using K, to Calculate [OH | 


Calculate the concentration of OH” in a 0.15 M solution of NH3. 


SOLUTION 


Analyze We are given the concentration of a weak base and asked Plan We will use essentially the same procedure here as used in 
to determine the concentration of OH. 


Solve 


The ionization reaction and equilibrium 


expression are: 


solving problems involving the ionization of weak acids—that is, 
write the chemical equation and tabulate initial and equilibrium 
concentrations. 


NH3(aq) + H,O(1) == NH# (aq) + OH (aq) 
[NH,'][OH | 


K, = ——..— = 18 x 10° 
” [NH3] 
Ignoring the concentration of H2O because it is NH;(aq) + H,O(/) == NH,‘ (aq) + OH™7 
not involved in the equilibrium expression, we 
see that the equilibrium concentrations are: Initial 0.15 = 0 0 


concentration (M) 


Change in =x — +x +x 
concentration (M) 


Equilibrium (OS = 2) — X x 
concentration (M) 


Inserting these quantities into the 
equilibrium expression gives: 


[NHs"J[OH] —_(x)(x) 
[NH] 0.15 — x 


K, 1.8 x 1075 


Continued 
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Because K; is small, the amount of NH; that 
reacts with water is much smaller than the NH3 
concentration, and so we can neglect x relative 7 


to 0.15 M. Then we have: ~*~ _=18x 10% 


0.15 
x2 = (0.15)(1.8 X 1075) = 2.7 x 10 
x = [NH,*] = [OHT] = V2.7 x 10% = 1.6 x 103M 


Check The value obtained for x is only about 1% of the NH; concen- 14.00 — 2.80 = 11.20. The pH of the solution is above 7 because 
tration, 0.15 M. Therefore, neglecting x relative to 0.15 was justified. we are dealing with a solution of a base. 


Comment You may be asked to find the pH of a solution of 
a weak base. Once you have found [OH], you can proceed 


as in Sample Exercise 16.9, where we calculated the pH of a > Practice Exercise 

strong base. In the present sample exercise, we have seen that What is the pH of a 0.65 M solution of pyridine, C;H;N? (See 
the 0.15 M solution of NH; contains [OH] = 1.6 x 107° M. Table 16.4 for K,.) 

Thus, pOH = —log(1.6 x 107) = 2.80, and pH = (a) 4.48 (b)8.96 (c)9.52 (d)9.62 (e)9.71 


Types of Weak Bases 


Weak bases fall into two general categories. The first category is neutral substances that 
have an atom with a nonbonding pair of electrons that can accept a proton. Most of these 
bases, including all uncharged bases in Table 16.4, contain a nitrogen atom. These sub- 
stances include ammonia and a related class of compounds called amines (Figure 16.15). 
In organic amines, at least one N—H bond in NH; is replaced with an N— C bond. Like 
NHs3, amines can abstract a proton from a water molecule by forming an N—H bond, as 
shown here for methylamine: 


+ 
H 


: | 
Da CH; (aq) + H,O() == aoe (aq) + OH™(aq) [16.36] 


H H 


Anions of weak acids make up the second general category of weak bases. In an aque- 
ous solution of sodium hypochlorite (NaClO), for example, NaClO dissociates to Na* and 
ClO™ ions. The Na‘ ion is always a spectator ion in acid-base reactions. The ClO” ion, 
however, is the conjugate base of a weak acid, hypochlorous acid. Consequently, the 
ClO” ion acts as a weak base in water: 


ClO-(aq) + H,O(1) == HClO(aq) + OH"(aq) Ky, = 3.3 x 107 [16.37] 


> Sample Exercise 16.16 


PT Using pH to Determine the Concentration of a Salt 


A solution made by adding solid sodium hypochlorite (NaClO) to enough water to make 2.00 L of solution has a pH of 10.50. 
Using the information in Equation 16.37, calculate the number of moles of NaClO added to the water. 


SOLUTION 

Analyze NaClO is an ionic compound consisting of Na* and Plan From the pH, we can determine the equilibrium concentra- 
ClO ions. As such, it is a strong electrolyte that completely disso- tion of OH”. We can then construct a table of initial and equilib- 
ciates in solution into Na’, a spectator ion, and ClO” ion, a weak rium concentrations in which the initial concentration of ClO™ is 
base with K, = 3.3 x 107 (Equation 16.37). Given this informa- our unknown. We can calculate [C107] using the expression for Kp. 


tion, we must calculate the number of moles of NaClO needed to 
increase the pH of 2.00 L of water to 10.50. 
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Solve 


We can calculate [OH] by using either Equa- 
tion 16.16 or Equation 16.20; we will use the 
latter method here: pOH = 14.00 — pH = 14.00 — 10.50 = 3.50 


[OH] = 1075 = 3.2 x 107M 


This concentration is high enough that we ClO"(aq) + H,O(/) —— HClO(aqg) + OH (aq) 
can assume that Equation 16.37 is the only 

source of OH ; that is, we can neglect any Initial X = (0) 0 

OH’ produced by the autoionization of H2O. concentration (M) 

We now assume a value of x for the initial Change in -3.2 x 10-4 _ 432x107 | 43.2 x 104 


concentration of ClO” and solve the equilib- concentration (M) 
rium problem in the usual way. 


Equilibrium (x — 3.2 x 1074) = 32x10? || 2x 10% 
concentration (M) 


We now use the expression for the base- [HC10][OH7] (3.2 x 10-4)? p 
dissociation constant to solve for x: b = z= 3.3 x 10 
[C107] xX — 3.2 x10 
(3.2 x 10)? “4 
X= a t (3.2 x 10) = 0.31M 
3.3 x 10 

We say that the solution is 0.31 Min NaClO even though some of the > Practice Exercise 
C10- ions have reacted with water. Because the solution is 0.31 M The benzoate ion, CsHsCOO _, is a weak base with 
in NaClO and the total volume of solution is 2.00 L, 0.62 mol of K, = 1.6 x 107'°. How many moles of sodium benzoate are 
NaClO is the amount of the salt that was added to the water. present in 0.50 L of a solution of NaC,HsCOO if the pH is 9.04? 


(a)0.38 (b)0.66 (c)0.76 (d)15 (e)2.9 


In Figure 16.6 we saw that bleach is quite basic (pH values of 12-13). Common chlo- 
rine bleach is typically a 5% NaOCl solution. 


Relationship Between K, and K, 


We have seen in a qualitative way that the stronger an acid, the weaker its conjugate base. 
Let us be more quantitative and consider the NH," and NH; conjugate acid-base pair. 
Each species reacts with water. For the acid, NH,", the equilibrium is 


NH; (aq) + Hj,O(/) == NH3(aq) + H30*(aq) 
or written in its simpler form: 
NH4 (aq) == NH3(aq) + H*(aq) [16.38] 
For the base, NH3, the equilibrium is 
NH;(aq) + H,O(1) == NH# (aq) + OH (aq) [16.39] 
Each equilibrium is expressed by a dissociation constant: 


[NH3][H"] [NH] [OH] 


ia [NH4] ug [NH3] 


When we add Equations 16.38 and 16.39, the NH,* and NH; species cancel and we 
are left with the autoionization of water: 


NH; (aq) = NH;(aq) + H*(aq) 
NH3(aq) + H,O(1) == NH; (aq) + OH (aq) 
H,O(1) == H*(aq) + OH (aq) 
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WY. Go Figure 


When hydroxylamine acts as a base, 
which atom accepts the proton? 


IQ 
Methylamine 
CH3NH) 


Hydroxylamine 
NH,OH 


A Figure 16.15 Structures of ammonia 
and two simple amines. 


Recall that when two equations are added to give a third, the equilibrium constant asso- 
ciated with the third equation equals the product of the equilibrium constants of the first 
two equations. 

Applying this rule to our present example, we see that when we multiply K, and Kp, 
we obtain 


LaK (Ca) (eee). 


[NH7] [NH3] 
= [H*][OH7] = Kw 


Thus, the product of K, and K; is the ion-product constant for water, K,, (Equation 16.16). 
We expect this result because adding Equations 16.38 and 16.39 gave us the autoioniza- 
tion equilibrium for water, for which the equilibrium constant is Ky. 

This result holds for any conjugate acid-base pair. In general, the product of the 
acid-dissociation constant for an acid and the base-dissociation constant for its conjugate base 
equals the ion-product constant for water: 


Ka X Kp = Ky (fora conjugate acid-base pair) [16.40] 


Note that this relationship only holds true for conjugate acid-base pairs. You should not 
use Equation 16.40 for any random pair of acids and bases! As the strength of an acid in- 
creases (K, gets larger), the strength of its conjugate base must decrease (K, gets smaller), 
so that the product K, X Kp remains 1.0 x 10714 at 25°C. Table 16.5 demonstrates this 
relationship. 

By using Equation 16.40, we can calculate K, for any weak base if we know K, for its 
conjugate acid. Similarly, we can calculate K, for a weak acid if we know K, for its conju- 
gate base. As a practical consequence, ionization constants are often listed for only one 
member of a conjugate acid-base pair. For example, Appendix D does not contain K, val- 
ues for the anions of weak acids because they can be readily calculated from the tabu- 
lated K, values for their conjugate acids. 

Recall that we often express [H*] as pH: pH = -log [H+]. This “p” nomenclature is 
often used for other very small numbers. For example, if you look up the values for acid- 
or base-dissociation constants in a chemistry handbook, you may find them expressed as 
pK, or pKy: 


pK, = —logK, and pK, = —log kK, [16.41] 


Using this nomenclature, we can write Equation 16.40 in terms of pK, and pK, by 
taking the negative logarithm of both sides: 


pK, + pKp = pKy = 14.00 at 25°C (conjugate acid-base pair) [16.42] 


TABLE 16.5 Some Conjugate Acid-Base Pairs 


Acid K, Base Kp 

HNO; (Strong acid) NO; (Negligible basicity) 
HF 6.8 x 107 F- 1.5 x 107 
CHCOOH IA x 10° CH3COO™ 5.6 x 10°10 

H2CO3 4.3 x 107 HCO; 2.3 x 10° 

NH,* 5.6 x 10°1° NH3 1.8 x 10% 

HCO; 5.6 x 1071! Co?” 1.8 x 104 


OH- (Negligible acidity) Oza (Strong base) 
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CHEMISTRY PUT TO WORK W UE OR ee Chora ets 


Many drugs, including quinine, codeine, caffeine, and amphet- 
amine, are amines. Like other amines, these substances are weak 
bases; the amine nitrogen is readily protonated upon treatment with 
an acid. The resulting products are called acid salts. If we use A as ? 
the abbreviation for an amine, the acid salt formed by reaction with Sai j YL ENOL 
hydrochloric acid can be written AHCI. It can also be written as Fi 

A+ HCI and referred to as a hydrochloride. Amphetamine hydrochlo- COLD 
ride, for example, is the acid salt formed by treating amphetamine Mt ULTI-SYMPT OM a 
with HCl: 


WStiaren | 


À i NASAL DECO DECONGESTANT 
E + HCl(aq) —> K s . paeo ei nee a 


1 NBR! & Sinus Congestion 
* Sinus Pressure 


CH} : Huns 


Amphetamine 
Non Dro wsy” 


€ \-ccr—nnit Cl (aq) ATENG Clar a r 1 i j n- 


For Allergy Relief 


CH; 


Amphetamine hydrochloride 


Acid salts are much less volatile, more stable, and generally more 
water soluble than the corresponding amines. For this reason, many 
drugs that are amines are sold and administered as acid salts. Some 
examples of over-the-counter medications that contain amine hydro- A Figure 16.16 Some over-the-counter medications in which an amine 
chlorides as active ingredients are shown in Figure 16.16. hydrochloride is a major active ingredient. 

Related Exercises: 16.58, 16.92, 16.36, 16.111, 16.124, 16.134 


Sample Exercise 16.17 


Calculating K, or K, for a Conjugate Acid-Base Pair 


Calculate (a) K, for the fluoride ion, (b) K, for the ammonium ion. 


SOLUTION 
Analyze We are asked to determine dissociation constants for F7, Plan We can use the tabulated K values for HF and NH; and the 
the conjugate base of HF, and NH,", the conjugate acid of NH3. relationship between K, and K;, to calculate the dissociation con- 
stants for their conjugates, F~ and NH4”. 
Solve 
(a) For the weak acid HE, Table 16.2 and Appendix D give K jä 
K, = 6.8 X 10%. We can use Equation 16.40 to calculate K, K, w _ 10x10 1.5 x 1071! 
for the conjugate base, F~: K, 6.8 x 10* 
(b) For NH;, Table 16.4 and Appendix D give K, = 1.8 x 10°, K 4d 
and this value in Equation 16.40 gives us K, for the conjugate K, w_ 10x10 5.6 X 1071? 
acid, NH,': Ky 1.8 x 10° 
Check The respective K values for F~ and NH,‘ are listed in > Practice Exercise 
Table 16.5, where we see that the values calculated here agree with By using information from Appendix D, put the following 
those in Table 16.5. three substances in order of weakest to strongest base: 


(i) (CHa)3N, (ii) HCOO-, (iii) Bro~. 
(a)i<ii<iii (b)ii<ik< iii (c)iii < i< ii 
(d) ii <iii<i (e)ii< ii< i 
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Self-Assessment Exercise 


16.32 Consider the data: CH;COOH HCN HNO, NH,‘ (a) CHCOO < CN < NO, < NH; 
pK, = 4.74 9.31 3.35 9.26 (b) NO, < CH;COO” < NH; < CNO 
Write the conjugate bases of thee four weak acids and rank (©) CN" < NH; < CH3;COO™ < NO; 

them in order of increasing base strength. 


Exercises 

16.33 The hypochlorite ion, ClO", acts as a weak base. (a) Is ClO” a 16.36 Codeine (CısşH21NO3) is a weak organic base. A 5.0 X 10°M 
stronger or weaker base than hydroxylamine? Use Tables 16.2 solution of codeine has a pH of 9.95. Calculate the value of 
and 16.4 (b) When ClO“ acts as a base, which atom, Cl or O, K, for this substance. What is the pK, for this base? 


acts as the proton acceptor? (c) Can you use formal charges 


-10 
to rationalize your answer to part (b)? 16.37 Phenol, C6H5OH, has a K, of 1.3 x 1071". 


a) Write out the K, reaction for phenol. 
16.34 Write the chemical equation and the K, expression for the @) G P 


reaction of each of the following bases with water: (a) pro- (b) Calculate K, for phenol’s conjugate base. 
pylamine, C3H7NH2; (b) monohydrogen phosphate ion, (c) Is phenol a stronger or weaker acid than water? 
HPO, ; (c) benzoate ion, CsHsCOz. 16.38 (a) Given that K, for ammonia is 1.8 x 10~ and that for 
16.35 Calculate the molar concentration of OH in a 0.724 M solu- hydroxylamine is 1.1 x 10-8, which is the stronger base? 
tion of hypobromite ion (BrO™; K, = 4.0 x 107°). What is (b) Which is the stronger acid, the ammonium ion or the 
the pH of this solution? hydroxylammonium ion? (c) Calculate K, values for NH," 
and H;NOH*. 


$9S19J9Xq }UIUSSƏSSY-JJƏŞ 0} SIƏMSUY 
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16.7 | Acid-Base Properties 
of Salt Solutions 


Hydrangeas, often bred for their spectacular blooms, are sensitive to the pH of the soil 
they are grown in. If the soil is slightly acidic (pH ~ 5.5), the flowers will have a blue color, 
while alkaline soils will grow hydrangeas bearing pink flowers. Growers keen to show off 
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a blue flowering plant will add salts, usually aluminum sulfate, to their hydrangeas to 
lower the pH in the vicinity of the roots. By the end of this section, you should be able to 


e Predict the pH of a water solution of any soluble salt. 


Even before you began this chapter, you were undoubtedly aware of many substances 
that are acidic, such as HNO3, HCl, and H2SO,, and others that are basic, such as NaOH 
and NH3. However, our discussion up to this point in the chapter has indicated that ions 
can also exhibit acidic or basic properties. For example, we calculated K, for NH,’ and Kp 
for F` in Sample Exercise 16.17. Such behavior implies that salt solutions can be acidic or 
basic. Before proceeding with further discussions of acids and bases, let’s examine the 
way dissolved salts can affect pH. 

Because nearly all salts are strong electrolytes, we can assume that any salt dissolved 
in water is completely dissociated. Consequently, the acid-base properties of salt solu- 
tions are due to the behavior of the cations and anions. Many ions react with water to 
generate H*(aq) or OH (aq) ions. This type of reaction is often called hydrolysis. The 
pH of an aqueous salt solution can be predicted qualitatively by considering the salt’s 
cations and anions. 


An Anion’s Ability to React with Water 


In general, an anion A in solution can be considered the conjugate base of an acid. 
For example, Cl” is the conjugate base of HCl, and CH3;COO’ is the conjugate base of 
CH3COOH. Whether an anion reacts with water to produce hydroxide ions depends on the 
strength of the anion’s conjugate acid. To identify the acid and assess its strength, we add 
a proton to the anion’s formula. If the acid HA determined in this way is one of the seven 
strong acids listed at the beginning of Section 16.5, the anion has a negligible tendency to 
produce OH ions from water and does not affect the pH of the solution. The presence of 
Cl” in an aqueous solution, for example, does not result in the production of any OH™ and 
does not affect the pH. Thus, Cl” is always a spectator ion in acid-base chemistry. 

If HA is not one of the seven common strong acids, it is a weak acid. In this case, the 
conjugate base A’ is a weak base, and it reacts to a small extent with water to produce the 
weak acid and hydroxide ions: 


A (aq) + H,O(1) == HA(aq) + OH (aq) [16.43] 


The OH ion generated in this way increases the pH of the solution, making it basic. 
Acetate ion, for example, being the conjugate base of a weak acid, reacts with water to 
produce acetic acid and hydroxide ions, thereby increasing the pH of the solution: 


CH3COO (aq) + H,O(1) == CH3;COOH(aq) + OH (aq) [16.44] 


The situation is more complicated for salts containing anions that have ionizable 
protons, such as HSO; . These salts are amphiprotic (Section 16.2), and how they behave 
in water is determined by the relative magnitudes of K, and K, for the ion, as shown in 
Sample Exercise 16.19. If K, > Kp, the ion causes the solution to be acidic. If K, > Ka the 
solution is made basic by the ion. 


A Cation’s Ability to React with Water 


Polyatomic cations containing one or more protons can be considered the conjugate 
acids of weak bases. The NH," ion, for example, is the conjugate acid of the weak base 
NH3. Thus, NH," is a weak acid and will donate a proton to water, producing hydronium 
ions and thereby lowering the pH: 


NH,‘ (aq) + H,O(1) = = NH:(aq) + H30*(aq) [16.45] 


A more unusual situation is encountered with some metal salts. For instance, if you dis- 
solve Fe(NO3)3 in water, the solution is quite acidic. Why would this be the case? 

You might think that the nitrate ion is somehow producing nitric acid, but you 
would be wrong. Recall that nitrate is the conjugate base of a strong acid, and therefore 
its reaction with water is negligible. Instead, we have to consider what Fe?* is doing in 
solution. It turns out that other small, highly charged metal cations like Fe** also create 
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TABLE 16.6 Acid-Dissociation 


Constants for Metal Cations 


in Aqueous Solution at 25 °C 


Cation 
Fe3+ 


Cr 3+ 


K, 

6.3 X 10°3 
1.6 x 10-4 
1.4 x 1075 
3.2 x 10°1° 
D5 x 10° 
2.5 x 1071 


Interaction between FeS* 
and oxygen of bound 
H20 molecule weakens 
O—H bonds. 


[Fe(H,O)¢]°* (aq) 
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+ 


W Go Figure Why do we need to use multiple acid-base indicators in this 
figure? 


> 


NaNO; Ca(NOs)> Zn(NO3)> AINO»); 


Bromthymol blue Bromthymol blue Methyl red Methyl orange 
pH = 7.0 pH =69 [else 5S pH=35 


A Figure 16.17 Effect of cations on solution pH. The pH values of 1.0 M solutions of four nitrate 
salts are estimated using acid-base indicators. 


surprisingly acidic solutions in water (Table 16.6). A comparison of Fe?" and Fe?* values 
in the table illustrates how acidity increases as ionic charge increases. 

Notice that K, values for the 3+ ions in Table 16.6 are comparable to the values for 
familiar weak acids, such as acetic acid (K, = 1.8 X 10-5). In contrast, the ions of alkali 
and alkaline earth metals, being relatively large and not highly charged, do not react 
with water and therefore do not affect pH. Note that these are the same cations found in 
the strong bases (Section 16.5). The different tendencies of four cations to lower the pH 
of a solution are illustrated in Figure 16.17. 

The mechanism by which metal ions produce acidic solutions is shown in 
Figure 16.18. Because metal ions are positively charged, they attract the unshared electron 


Ht lost, charge of 
complex ion changes 
from 3+ to 2+. 


H30* created, 
solution becomes 
acidic. 


O(I) = [Fe(H,O)5(OH)]** (aq) +  H3O0*(aq) 


A Figure 16.18 A hydrated Fe?* ion acts as an acid by donating an H+ from a bound water molecule to a free H20 molecule, forming H30*. 
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pairs of water molecules and become hydrated. The larger the charge on the metal ion, 
the stronger the interaction between the ion and the oxygen of its hydrating water mol- 
ecules. As the strength of this interaction increases, the O— H bonds in the hydrating 
water molecules become weaker. This facilitates transfer of protons from the hydration 
water molecules to solvent water molecules. 


Combined Effect of Cation and Anion in Solution 


To determine whether a salt forms an acidic, a basic, or a neutral solution when dissolved 
in water, we must consider the action of both cation and anion. There are four possible 
combinations. 


1. Ifthe salt contains an anion that does not react with water and a cation that does not re- 
act with water, we expect the pH to be neutral. Such is the case when the anion is a con- 
jugate base of a strong acid and the cation is either from Group 1 or one of the heavier 
members of Group 2 (Ca?*, Sr?*, and Ba?*). Examples: NaCl, Ba(NO3)2, RbCIO4. 


2. Ifthe salt contains an anion that reacts with water to produce hydroxide ions anda 
cation that does not react with water, we expect the pH to be basic. Such is the case 
when the anion is the conjugate base of a weak acid and the cation is either from 
Group 1 or one of the heavier members of Group 2 (Ca”*, Sr?*, and Ba”*). Examples: 
NaClO, RbF, BaSO3. 


3. Ifthe salt contains a cation that reacts with water to produce hydronium ions and an 
anion that does not react with water, we expect the pH to be acidic. Such is the case 
when the cation is a conjugate acid of a weak base or a small cation with a charge of 
2+ or greater. Examples: NH4NO3, AlCl3, Fe(NO3)3. 


4. Ifthe salt contains an anion and a cation both capable of reacting with water, both 
hydroxide ions and hydronium ions are produced. Whether the solution is basic, 
neutral, or acidic depends on the relative abilities of the ions to react with water. 
Examples: NH4Cl1O, Al(CH3COO)s, CrF3. 


\a Sample Exercise 16.18 
lt Determining Whether Salt Solutions Are Acidic, Basic, or Neutral 


Determine whether aqueous solutions of each of these salts are acidic, basic, or neutral: (a) Ba(CH3COO)>, (b) NH,Cl, 
(c) CH3NH3Br, (d) KNOs, (e) Al(ClO,)3. 


of the solution. Because the solution contains an ion that is 
acidic (NH,") and one that has no influence on pH (CI), the 
solution of NH,Cl will be acidic. 

(c) Here CH3NH;° is the conjugate acid of a weak base (CH3NH2, 
an amine) and is therefore acidic, and Br’ is the conjugate 


SOLUTION 


Analyze We are given the chemical formulas of five ionic com- 
pounds (salts) and asked whether their aqueous solutions will be 
acidic, basic, or neutral. 


Plan We can determine whether a solution of a salt is acidic, basic, 
or neutral by identifying the ions in solution and by assessing 
how each ion will affect the pH. 


Solve 


(a) This solution contains barium ions and acetate ions. The 
cation is an ion of a heavy alkaline earth metal and will 
therefore not affect the pH. The anion, CH3COO , is the con- 
jugate base of the weak acid CH;COOH and will hydrolyze to 
produce OH ions, thereby making the solution basic. 

(b) In this solution, NH," is the conjugate acid of a weak base 
(NH3) and is therefore acidic. Cl” is the conjugate base of a 
strong acid (HCl) and therefore has no influence on the pH 


base of a strong acid (HBr) and therefore pH neutral. Because 
the solution contains one ion that is acidic and one that 

has no influence on pH, the solution of CH3NH3Br will be 
acidic. 

(d) This solution contains the K* ion, which is a cation of group 
1, and the NO; ion, which is the conjugate base of the 
strong acid HNO3. Neither of the ions will react with water 
to any appreciable extent, making the solution neutral. 

(e) This solution contains Al** and ClO, ions. Cations, such as 
Al", that have a charge of 3+ or higher are acidic. The ClO, 
ion is the conjugate base of a strong acid (HCI1O,) and there- 
fore does not affect pH. Thus, the solution of Al(ClO4)3 will be 
acidic. 
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> Practice Exercise 


Order the following solutions from lowest to highest pH: 
(i) 0.10 M NaClO, (ii) 0.10 M KBr, (iii) 0.10 M NH,C104. 


Sample Exercise 16.19 


(a)i <ii<iii (b)ii <i< iii (iii < i< ii 
(ii < iii <i (iii <ii <i 


D Predicting Whether the Solution of an Amphiprotic Anion Is Acidic or Basic 


Predict whether the salt NapHPO;, forms an acidic solution or a basic solution when dissolved in water. 


SOLUTION 


Analyze We are asked to predict whether a solution of NazHPO, is 
acidic or basic. This substance is an ionic compound composed of 
Na* and HPO,” ions. 


Plan We need to evaluate each ion, predicting whether it is acidic 
or basic. Because Na” is a cation of Group 1, it has no influence on 
pH. Thus, our analysis of whether the solution is acidic or basic 
must focus on the behavior of the HPO,” ion. We need to con- 
sider that HPO,” can act as either an acid or a base: 


Asacid HPO, (aq) == H*(aq) + PO (aq) [16.46] 
Asbase HPO? (aq) + H,O == 
HPO; (aq) + OH (aq) [16.47] 


Of these two reactions, the one with the larger equilibrium 
constant determines whether the solution is acidic or basic. 


Solve The value of K, for Equation 16.46 is K,3 for 
H3PO,: 4.2 x 107! (Table 16.3). For Equation 16.47, we 


Self-Assessment Exercise 


must calculate K, for the base HPO,’ from the value of 

K, for its conjugate acid, H,PO, , and the relationship 

K, X Kp = Ky (Equation 16.40). The relevant value of K, for 
HPO% is Kaz for H3PO4: 6.2 x 107° (from Table 16.3). We there- 
fore have 


K,(HPO4?-) X K,(H2PO,) = Ky = 1.0 x 10° 


1.0 x 10714 


62% 10" = 1.6 x 10°”. 


K,(HPO,?) = 
This K, value is more than 10° times larger than K, for HPO,” ; 
thus, the reaction in Equation 16.47 predominates over that in 
Equation 16.46, and the solution is basic. 


> Practice Exercise 
How many of the following salts are expected to 
produce acidic solutions (see Table 16.3 for data): 
NaHSO,4, NaHC,04, NaH,PO,, and NaHCO;? 
@)0 (b)1 (c)2 @3 (e)4 


16.39 A dilute solution ofa salt had the measured pH of 8.3. Which (c) NHNO; 
one of these salts is likely to be in the solution? (d) KCO; 
(a) AICI; (e) CH3NH;Cl 
(b) NaBr 
Exercises 


16.40 Predict whether aqueous solutions of the following sub- 
stances are acidic, basic, or neutral: (a) AlCl3, (b) NaBr, 
(c) NaClo, (d) [CH3NH3]|NOs3, (e) Na,SO3. 


16.41 An unknown salt is either KBr, NH,Cl, KCN, or KCO}. If a 
0.100 M solution of the salt is neutral, what is the identity of 
the salt? 
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16.8 | Acid-Base Behavior 
and Chemical Structure 


FI) 
LK Ay 
OTS 


/ ALL 


When a substance is dissolved in water, it may behave as an acid or a base, or exhibit no 
acid-base properties. How does the chemical structure of a substance determine which 
of these behaviors is exhibited by the substance? For example, why do some substances 
that contain OH groups behave as bases, releasing OH ions into solution, whereas oth- 
ers behave as acids, ionizing to release H* ions? Can a substance act as an acid in a solvent 
other than water? In this section, we discuss briefly the effects of chemical structure on 
acid-base behavior and broaden our definition of an acid and a base. 


e Predict the relative strength of a series of acids from their molecular structures. 
e Define and identify Lewis acids and bases. 


Factors That Affect Acid Strength 
The strength of an acid is often affected by three separate factors. 


e° H—A Bond Polarity A molecule containing H will act as a proton donor (an 
acid) only if the H—A bond is polarized such that the H atom has a partial positive 
charge. Recall that we indicate such polarization in this way: 


—- 
H—A 


In ionic hydrides, such as NaH, the bond is polarized in the opposite way: The H 
atom possesses a negative charge and behaves as a proton acceptor (a base). Nonpolar 
H—A bonds, such as the H—C bond in CHg, produce neither acidic nor basic aqueous 
solutions. In general, as the H—A bond polarity increases, to draw more electron density from 
H, the stronger the acid. 

¢ H—A Bond Strength The strength of the bond also helps determine whether a 
molecule containing an H—A bond donates a proton. Very strong bonds are less 
easily broken than weaker ones. This factor is important, for example, in the hy- 
drogen halides. The H—F bond is the most polar H—A bond. You therefore might 
expect HF to be a very strong acid if bond polarity were all that mattered. However, 
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the H—A bond strength increases as you move up the group: 299 kJ/mol in HI, 
366 kJ/mol in HBr, 431 kJ/mol in HCl, and 567 kJ/mol in HE Because HF has the 
highest bond strength among the hydrogen halides, it is a weak acid, whereas all 
the other hydrogen halides are strong acids in water. In general, as the H—A bond 
strength decreases, the stronger the acid. 
e Conjugate Base Stability A third factor that affects the ease with which a hy- 

drogen atom ionizes from HA is the stability of the conjugate base, A`. In general, the 
greater the stability of the conjugate base, the stronger the acid. 


Binary Acids 
For a series of binary acids HA in which A represents members of the same group in the 
periodic table, the strength of the H—A bond is generally the most important factor 
determining acid strength. The strength of an H— A bond tends to decrease as the ele- 
ment A increases in size. As a result, the bond strength decreases and acidity increases 
down a group. Thus, HCl is a stronger acid than HF, and H,S is a stronger acid than 
H,0. 

Bond polarity is the major factor determining acidity for binary acids HA when 
A represents members of the same period. Thus, acidity increases as the electroneg- 
ativity of the element A increases, as it generally does moving from left to right 
across a period. For example, the difference in acidity of the Period 2 elements is 
CH, < NH; < H,O < HF. Because the C—H bond is essentially nonpolar, CH, shows 
no tendency to form H* and CH; ions. Although the N—H bond is polar, NH; has a 
nonbonding pair of electrons on the nitrogen atom that dominates its chemistry, so 
NH; acts as a base rather than an acid. 

The periodic trends in the acid strengths of binary compounds of hydrogen and the 
nonmetals of Periods 2 and 3 are summarized in Figure 16.19. 


Oxyacids 


Many common acids, such as sulfuric acid, contain one or more O— H bonds: 


CH, NH, HF 
Neither acid Weak base Weak acid 
norbase |K,=1.8 x 10° Ke= 68 N 


SiH, 
Neither acid | Very weak base 
norbase |K,=4 x 10-%|K,=9.5 x 10° 


yy8uays pre Burse nug 


H,Se 
Weak acid 
K= x 105" 


Increasing acid strength 


A Figure 16.19 Trends in acid strength for the binary hydrides of Periods 2-4. 
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Acids in which OH groups and possibly additional oxygen atoms are bound to a central 
atom are called oxyacids. At first it may seem confusing that the OH group, which we 
know behaves as a base, is also present in some acids. Let’s take a closer look at what fac- 
tors determine whether a given OH group behaves as a base or as an acid. 

Consider an OH group bound to some atom Y, which might in turn have other 
groups attached to it: 


—y—O—H 


At one extreme, Y might be a metal, such as Na or Mg. Because of the low electronegativ- 
ity of metals, the pair of electrons shared between Y and O is completely transferred to 
oxygen, and an ionic compound containing OH” is formed. Such compounds are there- 
fore sources of OH ions and behave as bases, as in NaOH and Mg(OH)>. 

When Y is a nonmetal, the bond to O is covalent and the substance does not read- 
ily lose OH™. Instead, these compounds are either acidic or neutral. Generally, as the 
electronegativity of Y increases, so does the acidity of the substance. This happens for two 
reasons: First, as electron density is drawn toward Y, the O—H bond becomes weaker 
and more polar, thereby favoring loss of H*. Second, because the conjugate base of any 
acid YOH is usually an anion, its stability generally increases as the electronegativity 
of Y increases. This trend is illustrated by the K, values of the hypohalous acids (YOH 
acids where Y is a halide ion), which decrease as the electronegativity of the halogen 
atom decreases (Figure 16.20). 


YW. Go Figure At equilibrium, which of the two species with a halogen atom 
(green) is present in greater concentration? 


IÐ As the electronegativity 
of Y increases, electron 
density shifts toward Y. 


yy The O—H bond 
becomes more polar. 


€P Protons are more readily 
transferred to H,O, leading 
to increased acid strength. 


Electronegativity Dissociation 


Substance Y—OH of Y constant 
Hypochlorous acid = Cl—OH 3.0 K, = 3.0 x108 
Hypobromous acid Br—OH 2.8 K, = 2.5 X 107°? 
Hypoiodous acid I—OH 2.5 K,=23x 10" 
Water H—OH 21 Ką = 1.0 10°" 


A Figure 16.20 Acidity of the hypohalous oxyacids (YOH) and water as a function of electronegativity of Y. 
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Many oxyacids contain additional oxygen atoms bonded to the central atom Y. 
These atoms pull electron density from the O—H bond, further increasing its polar- 
ity. Increasing the number of oxygen atoms also helps stabilize the conjugate base 
by increasing its ability to “spread out” its negative charge. Thus, the strength of an 
acid increases as additional electronegative atoms bond to the central atom Y. For exam- 
ple, the strength of the chlorine oxyacids (Y= Cl) steadily increases as O atoms are 


added: 


Hypochlorous 


H—O—CI: 


K, =3.0 x 1078 


Chlorous Chloric Perchloric 
or :Ö: 
H—O—Cl—O: EE. TEF. 
n 
K= 1i xi Strong acid Strong acid 


Increasing acid strength 


Because the oxidation number of Y increases as the number of attached O atoms 
increases, this correlation can be stated in an equivalent way: In a series of oxyacids, the 
acidity increases as the oxidation number of the central atom increases. 


\a Sample Exercise 16.20 


SOLUTION 


Analyze We are asked to arrange two sets of compounds in order 
from weakest acid to strongest acid. In (a), the substances are 
binary compounds containing H, and in (b) the substances are 
oxyacids. 


Plan For the binary compounds, we will consider the electroneg- 
ativities of As, Br, K, and Se relative to the electronegativity of 
H. The higher the electronegativity of these atoms, the higher 
the partial positive charge on H and so the more acidic the 
compound. 

For the oxyacids, we will consider both the electronegativities 
of the central atom and the number of oxygen atoms bonded to 
the central atom. 


Solve 


(a) Because K is on the left side of the periodic table, it has a very 
low electronegativity (0.8, from Figure 8.8, p. 383). As a result, 
the hydrogen in KH carries a negative charge. Thus, KH should 
be the least acidic (most basic) compound in the series. 

Arsenic and hydrogen have similar electronegativities, 
2.0 and 2.1, respectively. This means that the As—H bond is 
nonpolar, and so AsH; has little tendency to donate a proton 
in aqueous solution. 

The electronegativity of Se is 2.4, and that of Br is 2.8. 
Consequently, the H — Br bond is more polar than the H—Se 


Lt Predicting Relative Acidities from Composition and Structure 


Arrange the compounds in each series in order of increasing acid strength: (a) ASH3, HBr, KH, H2Se; (b) H2SO4, H2SeO3, H2Se04. 


bond, giving HBr the greater tendency to donate a proton. 
(This expectation is confirmed by Figure 16.19, where we see 
that H,Se is a weak acid and HBr a strong acid.) Thus, the 
order of increasing acidity is KH < AsH; < H,Se < HBr. 

The acids H2SO,4 and H2SeO, have the same number of O 
atoms and the same number of OH groups. In such cases, the 
acid strength increases with increasing electronegativity of 
the central atom. Because S is slightly more electronegative 
than Se (2.5 vs 2.4), we predict that HSO; is more acidic than 
H2SeO,. 

For acids with the same central atom, the acidity 
increases as the number of oxygen atoms bonded to the 
central atom increases. Thus, H,SeO, should be a stronger 
acid than H2,SeO3. We predict the order of increasing acidity 
to be H,SeO3 < H,SeO4 < H2SOq. 


(b 


= 


> Practice Exercise 
Arrange the following substances in order from weakest to 
strongest acid: HC1O3, HOI, HBrOz, HC10,, HIO}. 
(a) HIO? < HOI < HCIO} < HBrO < HClO, 
(b) HOI < HIO} < HBrO, < HCIO, < HClO; 
(c) HBrO, < HIO, < HClO, < HOI < HCIO; 
(d) HClO; < HClO, < HBrO, < HIO, < HOI 
(e) HOI < HClO, < HBrO, < HIO) < HClO; 
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Carboxylic Acids 


Another large group of acids is illustrated by acetic acid, a weak acid (K, = 1.8 x 1075): 


The portion of the structure shown in red is called the carboxyl group, which is often writ- 
ten COOH. Thus, the chemical formula of acetic acid is written as CH;COOH, where 
only the hydrogen atom in the carboxyl group can be ionized. Acids that contain a car- 
boxy] group are called carboxylic acids, and they form the largest category of organic 
acids. Formic acid and benzoic acid are further examples of this large and important cat- 


egory of acids: 
©: 
‘0: Uw 
lo. C—O—H 
H—C—O—H 


Formic acid Benzoic acid 


Two factors contribute to the acidic behavior of carboxylic acids. First, the additional 
oxygen atom attached to the carbon of the carboxyl group draws electron density from 
the O—H bond, increasing its polarity and helping to stabilize the conjugate base. Sec- 
ond, the conjugate base of a carboxylic acid (a carboxylate anion) can exhibit resonance, 
which contributes to the stability of the anion by spreading the negative charge over sev- 
eral atoms: 


i i i 

H—C—C—O: < > H—C—C=Ö 
l =“ resonance | sie 
H H 


As we will discuss in greater detail in Chapter 24, amino acids are the Amino acids contain a carboxyl group and can therefore serve as 
building blocks of proteins. The general structure of amino acids is acids. They also contain an NH3 group, characteristic of amines (Sec- 
an tion 16.6), and thus they can also act as bases. Amino acids, therefore, 
‘i i af are amphiprotic. For glycine, we might expect the acid and base reac- 
os tions with water to be 
N—C—C—0O—H 

l Acid: HyN—CH,—COOH(aq) + H,O0(1) == 
H H,N—CH,—COO~(aq) + H;O*(aq) [16.48] 

Amine group Carboxyl group Base: H,N—CH,—COOH(aq) + H,0(1) == 
(basic) (acidic) *H3;N—CH,—COOH(aq) + OH~(aq) [16.49] 


where different amino acids have different R groups attached to the The pH of a solution of glycine in water is about 6.0, indicating that it 
central carbon atom. For example, in glycine, the simplest amino acid, is a slightly stronger acid than base. 


Ris a hydrogen atom, and in alanine R is a CH3 group: The acid-base chemistry of amino acids is more complicated 
H CH; than shown in Equations 16.48 and 16.49, however. Because the 
| COOH group can act as an acid and the NH; group can act as a base, 
H,N—C—COOH H,N—C—COOH amino acids undergo a “self-contained” Bronsted-Lowry acid-base 
| reaction in which the proton of the carboxyl group is transferred to 
H H the basic nitrogen atom: 
Glycine Alanine 


Continued 
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negatively charged end. A molecule of this type is called a zwitterion 


H H O i rann 
| | | | | | (German for hybrid ion ). ee 
H—N—c—c— oH — HN=C=O Do amino acids exhibit any properties indicating that they 
P behave as zwitterions? If so, their behavior should be similar to that 
H H H of ionic substances. Crystalline amino acids have relatively high 


proton transfer 


melting points, usually above 200°C, which is characteristic of ionic 
solids. Amino acids are far more soluble in water than in nonpolar 
Neutral molecule Zwitterion solvents. In addition, the dipole moments of amino acids are large, 
consistent with a large separation of charge in the molecule. Thus, 
Although the form of the amino acid on the right in this equation the ability of amino acids to act simultaneously as acids and bases has 
is electrically neutral overall, it has a positively charged end anda important effects on their properties. 

Related Exercise: 16.124 


Lewis Acids and Bases 


For a substance to be a proton acceptor (a Brønsted-Lowry base), it must have an 
unshared pair of electrons for binding the proton, as, for example, in NH3. Using Lewis 
structures, we can write the reaction between H* and NH; as 


| | 
H* + :N—H—>|H—N—H 


G. N. Lewis was the first to notice this aspect of acid-base reactions. He proposed a more 
general definition of acids and bases that emphasizes the shared electron pair: 


e A Lewis acid is an electron-pair acceptor. 
e A Lewis base is an electron-pair donor. 


Every base that we have discussed thus far—whether OH , H20, an amine, or an 
anion—is an electron-pair donor. Everything that is a base in the Bransted-Lowry sense 
(a proton acceptor) is also a base in the Lewis sense (an electron-pair donor). In the Lewis 
theory, however, a base can donate its electron pair to something other than H*. The Lewis 
definition therefore greatly increases the number of species that can be considered acids; in 
other words, H* is a Lewis acid but not the only one. For example, the reaction between NH3 
and BF; occurs because BF; has a vacant orbital in its valence shell. It therefore acts as an elec- 
tron-pair acceptor (a Lewis acid) toward NH3, which donates the electron pair: 


H F H F 


[a 
H—N: + B—F —> ee a 
H F H F 


Lewis Lewis 
base acid 


Our emphasis throughout this chapter has been on water as the solvent and on the 
proton as the source of acidic properties. In such cases we find the Brønsted-Lowry defi- 
nition of acids and bases to be the most useful. In fact, when we speak of a substance as 
being acidic or basic, we are usually thinking of aqueous solutions and using these terms 
in the Arrhenius or Brønsted-Lowry sense. The advantage of the Lewis definitions of acid 
and base is that they allow us to treat a wider variety of reactions, including those that do 
not involve proton transfer, as acid-base reactions. To avoid confusion, a substance such 
as BF; is rarely called an acid unless it is clear from the context that we are using the term 
in the sense of the Lewis definition. Instead, substances that function as electron-pair 
acceptors are referred to explicitly as “Lewis acids.” 
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Lewis acids include molecules that, like BF}, have an incomplete octet of electrons. 
In addition, many simple cations can function as Lewis acids. For example, Fe? interacts 
strongly with cyanide ions to form the ferricyanide ion: 


Fet + 6 [:C=N:] > [Fe(C=N:)6]- 


The Fe?* ion has vacant orbitals that accept the electron pairs donated by the cya- 
nide ions. (We will learn more in Chapter 23 about just which orbitals are used by the 
Fe?" ion.) The metal ion is highly charged, too, which contributes to the interaction with 
CN ions. 

Some compounds containing multiple bonds can behave as Lewis acids. For exam- 
ple, the reaction of carbon dioxide with water to form carbonic acid (HzCO3) can be pic- 
tured as an attack by a water molecule on COs, in which the water acts as an electron-pair 
donor and the CO; as an electron-pair acceptor: 


H i ied a? 
MP fe B03 Bc 
7 Il |l |l 

H O: :O: :O: 


One electron pair of one of the carbon-oxygen double bonds is moved onto the oxygen, 
leaving a vacant orbital on the carbon, which means the carbon can accept an electron 
pair donated by H20. The initial acid-base product rearranges by transferring a proton 
from the water oxygen to a carbon dioxide oxygen, forming carbonic acid. 

The hydrated cations we encountered in Section 16.7, such as [Fe(H,O)¢]** in Fig- 
ure 16.18, form through the reaction between the cation acting as a Lewis acid and the 
water molecules acting as Lewis bases. When a water molecule interacts with the posi- 
tively charged metal ion, electron density is drawn from the oxygen (Figure 16.21). This 
flow of electron density causes the O—H bond to become more polarized; as a result, 
water molecules bound to the metal ion are more acidic than those in the bulk solvent. 
This effect becomes more pronounced as the charge of the cation increases, which 
explains why 3+ cations are much more acidic than cations with smaller charges. 

The Lewis acid-base concept allows many ideas developed in this chapter to be used 
more broadly in chemistry, including rections in solvents other than water. If you take a 
course in organic chemistry, you will see a number of important rections that require the 
presence of a Lewis acid in order to proceed. The interaction of lone pairs on one mole- 
cule or ion with vacant orbitals on another molecule or ion is one of the most important 
concepts in chemistry, as you will see throughout your studies. 


Weak electrostatic interaction 
means small electron density 
shift to cation. 


Cation has little effect on yy Fi 
H—O bond strength, solution 
remains neutral. 4 > 


Strong electrostatic interaction 
means significant electron 
density shift to cation. 


Cation weakens H—O bond ‘3 / 


strength, solvating HO can 
readily donate Ht, solution 
becomes acidic. 


"i 


A Figure 16.21 The acidity of a hydrated cation depends on cation charge. 


803 


804 


(b 


(d 


> 
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Sample Integrative Exercise 


Phosphorous acid (H3P0O3) has the Lewis structure shown at right. 


SOLUTION 


We will use what we have learned about molecular structure and 
its impact on acidic behavior to answer part (a). We will then 
use stoichiometry and the relationship between pH and [H*] to 


(a) Acids have polar H— X bonds. From Figure 8.8 (p. 383) we see 


that the electronegativity of H is 2.1 and that of P is also 2.1. 
Because the two elements have the same electronegativity, 
the H—P bond is nonpolar. Thus, this H cannot be acidic. 
The other two H atoms, however, are bonded to O, which has 
an electronegativity of 3.5. The H—O bonds are, therefore, 
polar with H having a partial positive charge. These two H at- 
oms are consequently acidic. 


(a) Explain why H3PQ3 is diprotic and not triprotic. (b) A 25.0 mL sample of an HPO solution titrated 
with 0.102 M NaOH requires 23.3 mL of NaOH to neutralize both acidic protons. What is the molarity 
of the H3PO3 solution? (c) The original solution from part (b) has a pH of 1.59. Calculate the percent 
ionization and Kaı for H3PO3, assuming that Kaı >> Kaz. (d) How does the osmotic pressure of a 
0.050 M solution of HCI compare qualitatively with that of a 0.050 M solution of H3PO3? Explain. 


answer parts (b) and (c). Finally, we will consider percent ioniza- 
tion in order to compare the osmotic pressure of the two solutions 


in part (d). 


= 


The chemical equation for the neutralization reaction is: 


From the definition of molarity, M = mol/L, we see that 
moles = M x L. Thus, the number of moles of NaOH added 
to the solution is: 

The balanced equation indicates that 2 mol of NaOH is con- 
sumed for each mole of H3PO3. Thus, the number of moles of 
H3PO3 in the sample is: 

The concentration of the H3PO3 solution, therefore, equals 
(1.19 x 10 mol) /(0.0250L) = 0.0476 M. 


H3PO3(aq) + 2 NaOH(aq) —> Na,HPO3(aq) + 2 H,0(1) 


(0.0233 V)(0.102 mol/L) = 2.38 x 10-3 mol NaOH 


(2.38 x 1073 molNaott( 


1 molH3PO3 
2 molNaOH 


) = 1.19 x 103 mol H;PO; 


(c) 


From the pH of the solution, 1.59, we can calculate [H™] at 
equilibrium: 

Because K,; >> Kan, the vast majority of the ions in 
solution are from the first ionization step of the acid. 


Because one HPO; ion forms for each H* ion formed, 
the equilibrium concentrations of H* and H,PO; are 
equal: [H*] = [H,PO3 ] = 0.026 M. The equilibrium 
concentration of H3PO3 equals the initial concentra- 
tion minus the amount that ionizes to form H* and 
HPO; : [H3PO3] = 0.0476 M — 0.026 M = 0.022 M 
(two significant figures). These results can be tabulated 
as follows: 


The percent ionization is: 


The first acid-dissociation constant is: 


[H*] = antilog(—1.59) = 10715? = 0.026 M (two significant figures) 


H3PO3(aq) == H*(aq) + HPO; (aq) 
Initial 0.0476 0 0 
concentration (M) 
Change in —0.026 +0.026 +0.026 
concentration (M) 
Equilibrium 0.022 0.026 0.026 
concentration (M) 

[H*] equilibrium 0.026 M 
ercent ionization = ——-_———— X 100% = ————— x 100% = 55% 

p [H3PO;]initial 0.0476 M 
[H*][H2PO3] (0.026)(0.026) oust 

ie [H3PO3] 0.022 ' 


= 


Osmotic pressure is a colligative property and depends 

on the total concentration of particles in solution. 

Because HCl is a strong acid, a 0.050 M solution will con- 
tain 0.050 M H*(aq) and 0.050 M CI (aq), or a total of 
0.100 mol/L of particles. Because HPO; is a weak acid, it 
ionizes to a lesser extent than HCl and, hence, there are 
fewer particles in the HPO; solution. As a result, the H3PO3 
solution will have the lower osmotic pressure. 
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Self-Assessment Exercises 


16.42 Predict the relative strengths of the carboxylic acids: 
CH3COOH and CCl3;COOH. 


(a) CHCOOH will be a stronger acid than CCl;COOH 
(b) CCl;COOH will be a stronger acid than CH; COOH 


16.43 Review the reaction of water with carbon dioxide shown on 
page 803. Is the water molecule acting as a Lewis acid or a 
Lewis base? 


(a) A Lewis acid 
(b) A Lewis base 


Exercises 


16.44 Predict the stronger acid in each pair: (a) HCl or HF; 
(b) H3PO, or HAsO; (c) HBrO3 or HBrOz; (d) HzC204 or HC, 
O4; (e) benzoic acid (CgH;COOH) or phenol (C,H;OH). 
Based on their compositions and structures and on conju- 
gate acid-base relationships, select the stronger base in each 
of the following pairs: (a) NO; or NO; , (b) PO, or AsO, 
(c) HCO; or CO3. 

16.46 Indicate whether each of the following statements is true or 
false. For each statement that is false, correct the statement to 
make it true. (a) Acid strength in a series of H—A molecules 
increases with increasing size of A. (b) For acids of the same 
general structure but differing electronegativities of the central 
atoms, acid strength decreases with increasing electronega- 
tivity of the central atom. (c) The strongest acid known is HF 
because fluorine is the most electronegative element. 


16.45 
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Chapter Summary and Key Terms 


ACID-BASE EQUILIBRIA (SECTION 16.1) Acids and bases were first 
recognized by the properties of their aqueous solutions. For example, 
acids turn litmus red, whereas bases turn litmus blue. Arrhenius rec- 
ognized that the properties of acidic solutions are due to H*(aq) ions 
and those of basic solutions are due to OH (aq) ions. 

The Bronsted-Lowry concept of acids and bases is more general 
than the Arrhenius concept and emphasizes the transfer of a proton 
(H*) from an acid to a base. The H* ion is strongly bound to water. For 
this reason, the hydronium ion, H30*(aq), is often used to represent 
the predominant form of H* in water instead of the simpler H*(aq). 

A Brgnsted-Lowry acid is a substance that donates a proton to 
another substance; a Brénsted—Lowry base is a substance that accepts 
a proton from another substance. Water is an amphiprotic substance, 
one that can function as either a Bronsted-Lowry acid or base, de- 
pending on the substance with which it reacts. 

The conjugate base of a Bronsted-Lowry acid is the species that 
remains when a proton is removed from the acid. The conjugate acid 
of a Brgnsted-Lowry base is the species formed by adding a proton 
to the base. Together, an acid and its conjugate base (or a base and its 
conjugate acid) are called a conjugate acid-base pair. 

The acid-base strengths of conjugate acid-base pairs are re- 
lated: The stronger an acid, the weaker is its conjugate base; the 
weaker an acid, the stronger is its conjugate base. In every acid-base 
reaction, the position of the equilibrium favors the transfer of the 
proton from the stronger acid to the stronger base. 


AUTOIONIZATION OF WATER (SECTION 16.2) Water ionizes to 
a slight degree, forming H*(aq) and OH (aq). The extent of this 
autoionization is expressed by the ion-product constant for water: 
Ky = [H*][OH ] = 1.0 x 10°1*(25 °C). This relationship holds for 
both pure water and aqueous solutions. The Kẹ expression indicates 


16.47 Ammonia, NHs3, acts as an Arrhenius base, a Bronsted-Lowry 
base, and a Lewis base, in aqueous solution. Write out the reac- 
tion NH; undergoes with water and explain what properties of 
ammonia correspond to each of the three definitions of “base.” 


16.48 Identify the Lewis acid and Lewis base in each of the follow- 
ing reactions: 


(a) HNO2(aq) + OH (aq) == NOz (aq) + H20(1) 
(b) FeBr3(s) + Br (aq) == FeBry (aq) 
(©) Zn™ (aq) + 4NH3(aq) == Zn(NH3),” (aq) 
(d) SO2(g) + H20(1) == H2SO3(aq) 
16.49 Which member of each pair produces the more acidic aque- 


ous solution: (a) ZnBr, or CdCl), (b) CuCl or Cu(NO3)o, 
(c) Ca(NO3)2 or NiBr2? 


(a) @v'9L 


y 


(q) ev'9L 
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that the product of [H*] and [OH ] is a constant. Thus, as [H*] 
increases, [OH | decreases. Acidic solutions are those that contain 
more H*(aq) than OH (aq), whereas basic solutions contain more 
OH (aq) than H*(aq). When [H*] = [OH], the solution is neutral. 


THE pH SCALE (SECTION 16.3) The concentration of H*(aq) 
can be expressed in terms of pH: pH = —log[H*]. At 25°C the pH 
of a neutral solution is 7.00, whereas the pH of an acidic solution is 
below 7.00, and the pH of a basic solution is above 7.00. This p nota- 
tion is also used to represent the negative logarithm of other small 
quantities, as in pOH and pK,,. The pH of a solution can be measured 
using a pH meter, or it can be estimated using acid-base indicators. 


STRONG ACIDS AND BASES (SECTION 16.4) Strong acids are 
strong electrolytes, ionizing completely in aqueous solution. The 
common strong acids are HCl, HBr, HI, HNO3, HC1O3, HC10,, and 
H2SO4. The conjugate bases of strong acids have negligible basicity. 
Common strong bases are the ionic hydroxides of the alkali metals 
and the heavy alkaline earth metals. 


WEAK ACIDS (SECTIONS 16.5) Weak acids are weak electrolytes; 
only a small fraction of the molecules exist in solution in ionized 
form. The extent of ionization is expressed by the acid-dissociation 
constant, K,, which is the equilibrium constant for the reaction 
HA(aq) == H*(aq) + A (aq), which can also be written as 
HA(aq) + H2O(1) == H30*(aq) + A (aq). The larger the value of 
K,, the stronger is the acid. For solutions of the same concentration, a 
stronger acid also has a larger percent ionization. The concentration of a 
weak acid and its K, value can be used to calculate the pH of a solution. 

Polyprotic acids, such as H3PO,4, have more than one ionizable pro- 
ton. These acids have acid-dissociation constants that decrease in mag- 
nitude in the order Ky; > Kaz > Kaz. Because nearly all the H* (aq) ina 
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polyprotic acid solution comes from the first dissociation step, the pH 
can usually be estimated satisfactorily by considering only K,). 


WEAK BASES (SECTIONS 16.6) Weak bases include NH}, amines, 
and the anions of weak acids. The extent to which a weak base reacts 
with water to generate the corresponding conjugate acid and OH is 
measured by the base-dissociation constant, K,. K, is the equilibrium 
constant for the reaction B(aq) + H,O(1) == HB*(aq) + OH (aq), 
where B is the base. 

The relationship between the strength of an acid and the 
strength of its conjugate base is expressed quantitatively by the equa- 
tion Ka X Kp = Ky, where K, and K, are dissociation constants for 
conjugate acid-base pairs. This equation explains the inverse rela- 
tionship between the strength of an acid and the strength of its con- 
jugate base. 


ACID-BASE PROPERTIES OF SALTS (SECTION 16.7) The acid-base 
properties of salts can be ascribed to the behavior of their respective 
cations and anions. The reaction of ions with water, with a resulting 
change in pH, is called hydrolysis. The cations of the alkali metals and 
the alkaline earth metals as well as the anions of strong acids, such as 
Cl’, Br’, I, and NO; , do not undergo hydrolysis. They are always spec- 
tator ions in acid-base chemistry. A cation that is the conjugate acid of 
a weak base produces H* upon hydrolysis. An anion that is the conju- 
gate base of a weak acid produces OH” upon hydrolysis. Highly charged 


metal cations, such as Fe*", are hydrated in water; the metal-bound 
water molecules undergo reaction with free water to make H30* and 
therefore are acidic. 


ACID-BASE BEHAVIOR AND CHEMICAL STRUCTURE (SEC- 
TION 16.8) The tendency of a substance to show acidic or basic 
characteristics in water can be correlated with its chemical struc- 
ture. Acid character requires the presence of a highly polar H—X 
bond. Acidity is also favored when the H—X bond is weak and 
when the Xion is very stable. 

For oxyacids with the same number of OH groups and the same 
number of O atoms, acid strength increases with increasing electro- 
negativity of the central atom. For oxyacids with the same central 
atom, acid strength increases as the number of oxygen atoms attached 
to the central atom increases. Carboxylic acids, which are organic acids 
containing the COOH group, are the most important class of organic 
acids. The presence of delocalized 7 bonding in the conjugate base is a 
major factor responsible for the acidity of these compounds. 

The Lewis concept of acids and bases emphasizes the shared 
electron pair rather than the proton. A Lewis acid is an electron-pair 
acceptor, and a Lewis base is an electron-pair donor. The Lewis con- 
cept is more general than the Bronsted-Lowry concept because it can 
apply to cases in which the acid is some substance other than H*, 
and to solvents other than water. 


Learning Outcomes after studying this chapter, you should be able to: 


° Define and identify Arrhenius acids and bases. (Section 16.1) 
Related Exercises: 16.3, 16.62 


e Define and identify Bronsted-Lowry acids and bases and iden- 
tify conjugate acid-base pairs. (Section 16.1) 
Related Exercises: 16.5, 16.64 


e Correlate the strength of an acid to the strength of its conjugate 
base. (Section 16.1) Related Exercises: 16.8, 16.67 


e Explain how the equilibrium position of a proton-transfer re- 
action relates to the strengths of the acids and bases involved. 
(Section 16.2) Related Exercises: 16.9, 16.68 


e Describe the autoionization of water and explain how [H30*] and 
[OH | are related via K,,. (Section 16.2) 
Related Exercises: 16.11, 16.69 


e Calculate the pH of a solution given [H30*] or [OH ]. 
(Section 16.3) Related Exercises: 16.17, 16.74 


e Calculate the pH ofa strong acid or strong base given its concen- 
tration. (Section 16.4) Related Exercises: 16.21, 16.77 


e Calculate K, or K, for a weak acid or weak base given its concen- 
tration and the pH of the solution, and vice versa. (Sections 16.5 
and 16.6) Related Exercises: 16.26 , 16.34, 16.81, 16.90 


e Calculate the pH of a weak acid or weak base or its percent ion- 
ization given its concentration and K, or K,. (Sections 16.5 and 
16.6) Related Exercises: 16.30, 16.87 


e Calculate K, for a weak base given K, of its conjugate acid, and 
similarly calculate K, from Ky. (Section 16.6) 
Related Exercises: 16.38, 16.94 


e Predict whether an aqueous solution of a salt will be acidic, ba- 
sic, or neutral. (Section 16.7) Related Exercises: 16.40, 16.99 


e Predict the relative strength of a series of acids from their mo- 
lecular structures. (Section 16.8) Related Exercises: 16.46, 16.103 


e Define and identify Lewis acids and bases. (Section 16.8) 
Related Exercises: 16.48, 16.105 


ba 


Key Equations 
e Ky =[H,0*][OH ] = [H*][OH ] = 1.0 x 107! 
* pH = —log[H’] 
e pOH = —log[OH ] 
e pH + pOH = 14.00 


. œ _ O*A] aes [H]AA] 
É [HA] ° [HA] 
e Percentionization = [H" Jequittibrium x 100% 
[HA Jinitiat 
E [BH*][OH ] 
ae 


° K, XK, =Ky 


e pK, = —logK, and pK, = —log Kp 


[16.16] Ion-product constant of water at 25 °C 

[16.17] Definition of pH 

[16.18] Definition of pOH 

[16.20] Relationship between pH and pOH 

[16.25] Acid-dissociation constant for a weak acid, HA 

[16.27] Percent ionization of a weak acid 

[16.34] Base-dissociation constant for a weak base, B 

[16.40] Relationship between acid- and base-dissociation con- 
stants of a conjugate acid-base pair 

[16.41] Definitions of pK, and pK; 
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Exercises 


Visualizing Concepts 


16.50 (a) Identify the Bronsted-Lowry acid and base in the reaction 16.53 The probe of the pH meter shown here is sitting in a bea- 
ker that contains a clear liquid. (a) You are told the liquid is 
pure water, a solution of HCl(aq), or a solution of KOH(aq). 
Which one is it? (b) If the liquid is one of the solutions, 


4 
4 G G + 7 what is its molarity? (c) Why is the temperature given on 
: N à - the pH meter? [Sections 16.3 and 16.4] 


-=H @=-N @-« = 


(b) Identify the Lewis acid and base in the reaction. [Sec- 
tions 16.1 and 16.8] 


16.51 The following diagrams represent aqueous solutions of two 
monoprotic acids, HA (A = XorY). The water molecules 
have been omitted for clarity. (a) Which is the stronger acid, 


HX or HY? (b) Which is the stronger base, X~ or Y~? (c) If you = at 
mix equal concentrations of HX and Na’, will the equilibrium 
HX(aq) + Y (aq) == HY(aq) + X (aq) 16.54 The following diagrams represent aqueous solutions of 
lie mostly to the right (K, > 1) or to the left (K; < 1)? three acids, HX, HY, and HZ. The water molecules have been 
[Section 16.1] omitted for clarity, and the hydrated proton is represented 
as H* rather than H30°. (a) Which of the acids is a strong 
= ! = id? Explain. (b) Which acid Id have th llest acid- 
g: = HA @ = H,0* (=) ZÀ aci xplain. (b) ich acid wou. ave the smallest aci 


dissociation constant, K,? (c) Which solution would have 
the highest pH? [Sections 16.4 and 16.5] 


16.52 The indicator methyl orange has been added to both of the 
following solutions. Based on the colors, classify each state- 
ment as true or false: 


(a) The pH of solution A is definitely less than 7.00. 


16.55 The graph given here shows [H+] versus concentration for 
an aqueous solution of an unknown substance. (a) Is the 
substance a strong acid, a weak acid, a strong base, or a weak 

(b) The pH of solution B is definitely greater than 7.00. base? (b) Based on your answer to (a), can you determine 

the value of the pH of the solution when the concentration 

[Section 16.3] is 0.18 M? (c) Would the line go exactly through the origin 

of the plot? [Sections 16.4 and 16.5] 


(c) The pH of solution B is greater than that of solution A. 


[H*]— 


Solution A Solution B 0 0.060 0.12 0.18 
Concentration (M) 
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16.56 


16.57 


16.58 
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Which of these statements about how the percent ioniza- 
tion of a weak acid depends on acid concentration is true? 
[Section 16.5] 
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Acid concentration 


(a) Line A is most accurate because K, does not depend on 
concentration. 


(b) Line A is the most accurate because the percent ioniza- 
tion of the acid does not depend on concentration. 


(c) Line B is the most accurate because as the acid concen- 
tration increases, a greater proportion of it is ionized. 


(d) Line B is the most accurate because as the acid concen- 
tration increases, K, increases. 


(e) Line C is the most accurate because as the acid concen- 
tration increases, a lesser proportion of it ionized. 


(f) Line C is the most accurate because as the acid concen- 
tration increases, K, decreases. 


Each of the three molecules shown here contains an OH 
group, but one molecule acts as a base, one as an acid, and 
the third is neither acid nor base. (a) Which one acts as a 
base? (b) Which one acts as an acid? (c) Which one is nei- 
ther acidic nor basic? [Sections 16.5 and 16.6] 


) 
_ 7 


Molecule A Molecule B 


Molecule C 


Phenylephrine, an organic substance with molecular formula 
CoH1ı3NO,, is used as a nasal decongenstant in over-the- 
counter medications. The molecular structure of phenyl- 
ephrine is shown using the usual shortcut organic structure. 
(a) Would you expect a solution of phenylephrine to be 
acidic, neutral, or basic? (b) One of the active ingredients in 
Alka-Seltzer PLUS” cold medication is phenylephrine hydro- 
chloride. How does this ingredient differ from the structure 
shown here? (c) Would you expect a solution of phenyleph- 
rine hydrochloride to be acidic, neutral, or basic? [Sections 
16.6 and 16.7] 


oF 


HO N~ cH, 


16.59 Which of the following diagrams best represents an aque- 
ous solution of NaF? (For clarity, the water molecules are 
not shown.) Will this solution be acidic, neutral, or basic? 
[Section 16.7] 


Solution A 


Solution C 


@ HF 


Solution B 


Orn @r @o 


16.60 Consider the molecular models shown here, where X rep- 


16.61 


resents a halogen atom. (a) If X is the same atom in both 
molecules, which molecule will be more acidic? (b) Does 
the acidity of each molecule increase or decrease as the 
electronegativity of the atom X increases? [Section 16.8] 


H 


(a) (b) 


For each of these reactions, identify the acid and base 
among the reactants, and state if the acids and bases are 
Lewis, Arrhenius, and/or Brgnsted-Lowry. [Section 16.1 and 
16.8] 


(a) PCL, + Cl- — PCl; 
(b) NH; + BF; —> H3NBF3 
(c) [Al(H20),|?* + H2O —> [Al(H2O);OH]?* + H;O* 


Arrhenius and Brgnsted-Lowry Acids and Bases 
(Sections 16.1) 


16.62 


16.63 


16.64 


NH3(g) and HCl(g) react to form the ionic solid NH,Cl(s). 
Which substance is the Brgnsted-Lowry acid in this reac- 
tion? Which is the Brgnsted-Lowry base? 


(a) Give the conjugate base of the following Bronsted-Lowry 
acids: (i) H2PO, , (ii) HBr. (b) Give the conjugate acid of the 
following Bronsted-Lowry bases: (i) CN, (ii) HSO,. 


Identify the Bronsted-Lowry acid and the Bronsted-Lowry 
base on the left side of each of the following equations, and 
also identify the conjugate acid and conjugate base of each 
on the right side: 


(a) NH,*(aq) + CN- (aq) == HCN(aq) + NH3(aq) 
(b) (CH3)3N(aq) + H20(1) == 
(CH3)3NH*(aq) + OH “(aq) 
(c) HCOOH(aq) + PO (aq) == 
HCOO~(aq) + HPO? (aq) 


16.65 (a) The hydrogen carbonate ion (HCO3) is amphiprotic. 
Write a balanced chemical equation showing how it acts as 
an acid toward water and another equation showing how it 
acts as a base toward water. 


16.66 Label each of the following as being a strong base, a weak base, 
or a species with negligible basicity. In each case write the for- 
mula of its conjugate acid, and indicate whether the conjugate 
acid is a strong acid, a weak acid, or a species with negligible 
acidity: (a) F` (b) Br” (c) HS" (d) C103 (e) HCOO™ 

16.67 (a) Which of the following is the stronger Brønsted-Lowry 
acid, HBrO or HBr? (b) Which is the stronger Brønsted- 
Lowry base, F~ or CI? 


16.68 Predict the products of the following acid-base reactions, 
and predict whether the equilibrium lies to the left or to the 
right of the reaction arrow: 


(a) O™(aq) + H,0() == 
(b) CH3COOH(aq) + HS (aq) == 
(© NO7 (aq) + H20(1) == 


Autoionization of Water (Section 16.2) 


16.69 If a neutral solution of water, with pH = 7.00, is cooled to 
10°C, the pH rises to 7.27. Which of the following three 
statements is correct for the cooled water: (i) [H*] > [OH], 
(ii) [H*] = [OH], or (iii) [H*] < [OH]? 

16.70 Calculate[H*] for each of the following solutions, and in- 
dicate whether the solution is acidic, basic, or neutral: 
(a) [OH] = 7.3 x 107!°M (b) [OH™] = 0.015 M; (c) a 
solution in which [H*] is 10 times greater than [OH]. 

16.71 At the boiling point of water (100 °C), Kẹ = 5.6 x 10°. 
Calculate [H+] and [OH ] for a neutral solution at this 
temperature. 


The pH Scale (Section 16.3) 


16.72 By what factor does [H*] change for a pH change of 
(a) 3.0 units, (b) 0.3 units? 


16.73 Complete the following table by calculating the missing en- 
tries and indicating whether the solution is acidic or basic. 
Consider the temperature to be 25 °C. 


[H+] [0H7] pH pOH Acidic or Basic? 


5.7 x 10°M 
6.3 x 10°1°M 
9.95 
4.20 


16.74 The average pH of normal arterial blood is 7.40. At normal 
body temperature (37°C), K„ = 2.4 x 10-4. Calculate 
[H+], [OH], and pOH for blood at this temperature. 


16.75 Addition of the indicator methyl orange to an unknown 
solution leads to a yellow color. The addition of bromthy- 
mol blue to the same solution also leads to a yellow color. 
(a) Is the solution acidic, neutral, or basic? (b) What is the 
range (in whole numbers) of possible pH values for the 
solution? (c) Is there another indicator you could use to 
narrow the range of possible pH values for the solution? 


Strong Acids and Bases (Section 16.4) 


16.76 Is each of the following statements true or false? (a) All 
strong acids contain one or more H atoms. (b) A strong acid 
is a strong electrolyte. (c) A 1.0-M solution of a strong acid 
will have pH = 1.0. 


16.77 Calculate the pH of each of the following strong acid solu- 
tions: (a) 8.3 x 10°* M HCI, (b) 1.20 g of HNO, in 500 mL 
of solution, (c) 2.0 mL of 0.250 M HCIO, diluted to 40.0 mL, 
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(d) a solution formed by mixing 25.0 mL of 0.100 M HBr 
with 25.0 mL of 0.200 M HCL. 


16.78 Calculate [OH] and pH for (a) 1.5 X 10°MSr(OH)z, 
(b) 2.250 g of LiOH in 250.0 mL of solution, (c) 1.00 mL 
of 0.175 M NaOH diluted to 2.00 L, (d) a solution 
formed by adding 5.00 mL of 0.105 M KOH to 15.0 mL of 
9.5 X 107? MCa(OH)p. 


16.79 Calculate the concentration of an aqueous solution of 
NaOH that has a pH of 12.70. 


Weak Acids (Section 16.5) 


16.80 Write the chemical equation and the K, expression for the 
dissociation of each of the following acids in aqueous solu- 
tion. First show the reaction with H” (aq) as a product and 
then with the hydronium ion: (a) HNO,, (b) CIH,CCOOH. 


16.81 Lactic acid (CH3;CH(OH)COOH) has one acidic hydrogen. A 
0.10 M solution of lactic acid has a pH of 2.44. Calculate K,. 


16.82 A 0.100 M solution of cyanic acid (HCNO) is 5.9% ionized. 
Using this information, calculate [CNO ], [H*], [HCNO], 
and K, for cyanic acid. 


16.83 A particular sample of vinegar has a pH of 2.20. If acetic acid 
is the only acid that vinegar contains (K, = 1.8 x 1075), 
calculate the concentration of acetic acid in the vinegar. 


16.84 Ifa solution of hydrofluoric acid (HF; K, = 6.8 X 10-*) has a 
pH of 2.12, calculate the concentration of hydrofluoric acid. 


16.85 The acid-dissociation constant for benzoic acid (CsH;COOH) 
is 6.3 X 10°°. Calculate the equilibrium concentrations 
of HzO*, CsH;COO , and C6H;COOH in the solution if the 
initial concentration of CsH;COOH is 0.100 M. 


16.86 Saccharin, a sugar substitute, is a weak acid with pK, = 2.32 
at 25 °C. It ionizes in aqueous solution as follows: 


HNC;H,SO3(aq) == H*(aq) + NC7H4SO3 (aq) 


What is the pH of a 0.25 M solution of this substance? 


16.87 Calculate the percent ionization of hydrazoic acid (HN3) 
in solutions of each of the following concentrations 
(K, is given in Appendix D): (a) 0.400 M, (b) 0.100 M, 
(c) 0.0400 M. 

16.88 Citric acid, which is present in citrus fruits, is a triprotic acid 
(Table 16.3). (a) Calculate the pH of a 0.040 M solution of 
citric acid. (b) Did you have to make any approximations 
or assumptions in completing your calculations? (c) Is the 
concentration of citrate ion (C6HsO,*") equal to, less than, 
or greater than the H* ion concentration? 


Weak Bases (Section 16.6) 


16.89 Consider the base hydroxylamine, NH2OH. (a) What is the 
conjugate acid of hydroxylamine? (b) When it acts as a base, 
which atom in hydroxylamine accepts a proton? (c) There are 
two atoms in hydroxylamine that have nonbonding electron 
pairs that could act as proton acceptors. Use Lewis structures 
and formal charges to rationalize why one of these two atoms is 
a much better proton acceptor than the other. 


16.90 Write the chemical equation and the K, expression 
for the reaction of each of the following bases with 
water: (a) trimethylamine, (CH3)3N; (b) sulfite, SO? ; 
(c) cyanide, CN’. 

16.91 Calculate the molar concentration of OH’ in a 0.050 M solu- 
tion of ethylamine (C2HsNHj; Kp = 6.4 X 107+), Calculate 
the pH of this solution. 


16.92 Ephedrine, a central nervous system stimulant, is used in 
nasal sprays as a decongestant. This compound is a weak or- 
ganic base: 


CioH1sON(aq) + H2O0(1) == Cy9H;;0NH*(aq) + OH (aq) 
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A 0.035 M solution of ephedrine has a pH of 11.33. 
(a) What are the equilibrium concentrations of 
C19H,5ON, C19H;;ONH*, and OH? (b) Calculate K, for 
ephedrine. 


Acid-Base Properties of Salts (Sections 16.7) 


16.93 Use the acid-dissociation constants in Table 16.3 to ar- 
range these oxyanions from strongest base to weakest: 
so, CO7, SO, and PO, . 

16.94 (a) Given that K, for cyanic acid is 3.5 x 10-4 and that for 
hydrofluoric acid is 6.8 X 107+, which is the stronger acid? 
(b) Which is the stronger base, the cyanate ion or the fluoride 
ion? (c) Calculate K, values for NCO and F`. 


16.95 Using data from Appendix D, calculate pOH and pH for each 
of the following solutions: (a) 0.080 M potassium hypobromite 
(KBrO), (b) 0.150 M potassium hydrosulfide (KHS), (c) a mix- 
ture that is 0.25 M in potassium nitrite (KNO 2) and 0.15 M in 
magnesium nitrite (Mg(NO»)9). 


16.96 Using data from Appendix D, calculate [OH] and pH 
for each of the following solutions: (a) 0.105 M Naf, 
(b) 0.035 MNa,S, (c) a mixture that is 0.045 M in 
NaCH3COO and 0.055 M in Ba(CH3;COO)>. 


16.97 A solution of potassium (KCH3;COO) has a pH of 8.90. What 
is the molarity of the solution? 

16.98 Pyridinium bromide (C;H;NHBr) is a strong electrolyte that 
dissociates completely into CsH;NH* and Br-. An aqueous 
solution of pyridinium bromide has a pH of 2.95. 

(a) Write out the reaction that leads to this acidic pH. 


(b) Using Appendix D, calculate the K, for pyridinium 
bromide. 


(c) A solution of pyridinium bromide has a pH of 2.95. 
What is the concentration of the pyridinium cation at 
equilibrium, in units of molarity? 
16.99 Predict whether aqueous solutions of the following com- 
pounds are acidic, basic, or neutral: (a) NH4Br, (b) FeCl, 
(c) NazCO3, (d) KC1O4, (e) NaHC204. 
16.100 An unknown salt is either Nak NaCl, or NaOCl. When 0.050 mol 
of the salt is dissolved in water to form 0.500 L of solution, the 
pH of the solution is 8.08. What is the identity of the salt? 


Acid-Base Character and Chemical Structure 
(Section 16.8) 


16.101 Predict the stronger acid in each pair: (a) HNO3 or HNO3 
(b) H2S or H20; (c) H250; or H2SeOy (d) CH} COOH or CCl; 
COOH. 

16.102 Based on their compositions and structures and on conju- 
gate acid-base relationships, select the stronger base in each 
of the following pairs: (a) BrO~ or ClO’, (b) BrO™ or BrOz , 
(c) HPO or H,PO,. 

16.103 Indicate whether each of the following statements is true or 
false. For each statement that is false, correct the statement to 
make it true. (a) In general, the acidity of binary acids increases 
from left to right in a given row of the periodic table. (b) Ina 
series of acids that have the same central atom, acid strength 
increases with the number of hydrogen atoms bonded to the 
central atom. (c) Hydrotelluric acid (H,Te) is a stronger acid 
than H,S because Te is more electronegative than S. 


Lewis Acids and Bases (Section 16.9) 


16.104 The fluoride ion reacts with water to produce HE 
(a) Write out the chemical equation for this reaction. 


(b) Will a concentrated solution of NaF in water be acidic, 
basic, or neutral? 


(c) Is fluoride acting as a Lewis acid or as a Lewis base when 
reacting with water? 


16.105 Identify the Lewis acid and Lewis base among the reactants 
in each of the following reactions: 


(a) Fe(ClO4)3(s) + 6 H,O(1) == 
[Fe(H20)6]**(aq)+ 3 ClO4 (aq) 
(b) CN (aq) + H,O(1) === HCN(aq) + OH (aq) 
(c) (CH3)3N(g) + BF3(g) == (CH3)3NBF3(s) 
(d) HIO(/q) + NH2 (14) == NH3(/q) + 10 (lq) 
(lq denotes liquid ammonia as solvent) 
16.106 Predict which member of each pair produces the more 
acidic aqueous solution: (a) K* or Cu?*, (b) Fe?* or Fe", 
(c) AP or Ga**. 


Additional Exercises 


16.107 Calculate the pH of each of the following solutions (K, and 
K, values are given in Appendix D): (a) 0.150 M propionic 
acid (C;H;COOH), (b) 0.250 M hydrogen chromate ion 
(HCrO, ), (c) 0.750 M pyridine (C;H;N). 

16.108 Determine the pH of each of the following solutions (K, 
and K, values are given in Appendix D): (a) 0.095 M hy- 
pochlorous acid, (b) 0.0085 M hydrazine, (c) 0.165 M 
hydroxylamine. 

16.109 Indicate whether each of the following statements is correct 
or incorrect. 


(a) Every Bronsted-Lowry acid is also a Lewis acid. 
(b) Every Lewis acid is also a Bronsted-Lowry acid. 


(c) Conjugate acids of weak bases produce more acidic solu- 
tions than conjugate acids of strong bases. 

(d) K* ion is acidic in water because it causes hydrating wa- 
ter molecules to become more acidic. 


(e) The percent ionization of a weak acid in water increases 
as the concentration of acid decreases. 


16.110 A solution is made by adding 1.000 g Ca(OH),(s), 100.0 mL 
of 0.10 M H2SOg,, and enough water to make a final volume 


of 350.0 mL. Assuming that all of the solid dissolves, what 
is the pH of the final solution? 


16.111 The odor of fish is due primarily to amines, especially me- 
thylamine (CH3NH,). Fish is often served with a wedge of 
lemon, which contains citric acid. The amine and the acid 
react forming a product with no odor, thereby making the 
less-than-fresh fish more appetizing. Using data from Ap- 
pendix D, calculate the equilibrium constant for the reac- 
tion of citric acid with methylamine, if only the first proton 
of the citric acid (Ką) is important in the neutralization 
reaction. 


16.112 Which, if any, of the following statements are true? 
(a) The stronger the base, the smaller the pK}. 
(b) The stronger the base, the larger the pK). 
(c) The stronger the base, the smaller the Kp. 
(d) The stronger the base, the larger the Kp. 


(e) The stronger the base, the smaller the pK, of its conju- 
gate acid. 


(f) The stronger the base, the larger the pK, of its conjugate 
acid. 


16.113 Predict how each molecule orion would act, in the Bronsted- 
Lowry sense, in aqueous solution by writing “acid,” “base,” 
“both,” or “neither” on the line provided. 


(a) HCO; , the bicarbonate ion: 
(b) Prozac: 


H 


MO 


(c) PABA (formerly in sunscreen): 


HN < )— COOH 


(d) TNT, trinitrotoluene: 


ON NO, 


(e) N-Methylpyridinium: 


D 
| . 
| 


16.114 Calculate the pH of a solution made by adding 1.00 g 
potassium oxide (K,O) to enough water to make 2.00 L of 
solution. 

16.115 Benzoic acid (CgHsCOOH) and aniline (CgHsNHz2) are 
both derivatives of benzene. Benzoic acid is an acid with 
K, = 6.3 X 10 °andanilineisabase with K, = 4.3 x 101°. 


i 
N 


Benzoic acid Aniline 

(a) What are the conjugate base of benzoic acid and the con- 
jugate acid of aniline? (b) Anilinium chloride (C6H5;NH;C1) 
is a strong electrolyte that dissociates into anilinium ions 
(C6HsNH3') and chloride ions. Which will be more acidic, 
a 0.10 M solution of benzoic acid or a 0.10 M solution of an- 
ilinium chloride? (c) What is the value of the equilibrium 
constant for the following equilibrium? 


CsgH;COOH(aq) + CsH;NH2(aq) —= 
CgHsCOO (aq) + C6HsNH3 (aq) 


Additional Exercises 811 


16.116 What is the pH of a solution that is 1.2 x 108 M in KOH? 
Does your answer make sense? What assumption do we 
normally make that is not valid in this case? 


16.117 Oxalic acid (Hz,C,0,) is a diprotic acid. By using data in 
Appendix D as needed, determine whether each of the fol- 
lowing statements is true: (a) HzC2,0, can serve as both 
a Bronsted-Lowry acid and a Bronsted-Lowry base. (b) 
C20 is the conjugate base of HC,O,. (c) An aqueous 
solution of the strong electrolyte KHC 20, will have pH < 7. 

16.118 Succinic acid (HzC4H¢O4), which we will denote H2Suc, 
is a biologically relevant diprotic acid with the structure 
shown here. At 25 °C, the acid-dissociation constants for 
succinic acid are K,; = 6.9 X 107 and K,» = 2.5 X 10°°. 
(a) Determine the pH of a 0.32 M solution of H2Suc at 25 °C, 
assuming that only the first dissociation is relevant. (b) De- 
termine the molar concentration of Suc?~ in the solution in 
part (a). (c) Is the assumption you made in part (a) justified 
by the result from part (b)? (d) Will a solution of the salt 
NaHSuc be acidic, neutral, or basic? 


16.119 Butyric acid is responsible for the foul smell of rancid butter. 
The pK; of the butyrate ion is 9.16. (a) Calculate the K, for 
butyric acid. (b) Calculate the pH of a 0.075 M solution of 
butyric acid. (c) Calculate the pH of a 0.075 M solution of 
sodium butyrate. 


16.120 Arrange the following 0.10 M solutions in order of in- 
creasing acidity: (i) HCOONHg, (ii) NH4Br, (iii) NaNO3, 
(iv) HCOOK, (v) KF. 

16.121 A 0.25 M solution of a salt NaA has pH = 9.29. What is the 
value of K, for the parent acid HA? 


16.122 The following observations are made about a diprotic acid 
H,A: (i) A 0.10 M solution of H2A has pH = 3.30. (ii) A 0.10M 
solution of the salt NaHA is acidic. Which of the follow- 
ing could be the value of pK, for HA: (i) 3.22, (ii) 5.30, 
(iii) 7.47, or (iv) 9.82? 

16.123 Many moderately large organic molecules containing basic 
nitrogen atoms are not very soluble in water as neutral mol- 
ecules, but they are frequently much more soluble as their 
acid salts. Assuming that pH in the stomach is 2.5, indicate 
whether each of the following compounds would be pres- 
ent in the stomach as the neutral base or in the protonated 
form: nicotine, K, = 7 X 10’; caffeine, Kp = 4 x 1071$; 
strychnine, Kp = 1 X 10°°; quinine, Kp = 1.1 x 10°°. 

16.124 The amino acid glycine (HzgN—CH2— COOH) can partici- 
pate in the following equilibria in water: 


H,N—CH,—COOH + H,O == 

H,N—CH,—COO~ + HOt K, = 4.3 x 10° 
H,N—CH,—COOH + H,O == 

*H;N—CH,— COOH + OH” Kj, = 6.0 X 10° 


(a) Use the values of K, and K, to estimate the equilibrium 
constant for the intramolecular proton transfer to form 
a zwitterion: 


HN — CH» —COOH == *H3N ry, CH3 —COO- 
(b) What is the pH of a 0.050 M aqueous solution of glycine? 


(c) What would be the predominant form of glycine in a 
solution with pH 13? With pH 1? 


16.125 The pK, of water is 
(a) 1 (b)7 (c) 14 (d) not defined (e) none of these 
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Integrative Exercises 


16.126 Calculate the number of H*(aq) ions in 1.0 mL of pure water 
at 25°C. 


16.127 How many milliliters of concentrated hydrochloric acid 
solution (36.0% HCl by mass, density = 1.18 g/mL) are re- 
quired to produce 10.0 L of a solution that has a pH of 2.05? 


16.128 The volume of an adult’s stomach ranges from about 50 mL 
when empty to 1 L when full. If the stomach volume is 400 
mL and its contents have a pH of 2, how many moles of H* 
does the stomach contain? Assuming that all the H* comes 
from HCl, how many grams of sodium hydrogen carbonate 
will totally neutralize the stomach acid? 


16.129 Atmospheric CO, levels have risen by nearly 20% over the 
past 40 years from 320 ppm to 400 ppm. (a) Given that 
the average pH of clean, unpolluted rain today is 5.4, deter- 
mine the pH of unpolluted rain 40 years ago. Assume that 
carbonic acid (H2CO3) formed by the reaction of CO, and 
water is the only factor influencing pH. 

CO2(g) + H2O(1) == H2CO3(aq) 
(b) What volume of CO, at 25 °C and 101.3 kPa is dissolved 
in a 20.0 L bucket of today’s rainwater? 

16.130 At 50°C, the ion-product constant for H2O has the value 
K, = 5.48 x 10°". (a) What is the pH of pure water at 
50 °C? (b) Based on the change in K,, with temperature, pre- 
dict whether AH is positive, negative, or zero for the autoio- 
nization reaction of water: 

2H,0(1) == H30*(aq) + OH (aq) 

16.131 In many reactions, the addition of AlCl, produces the same 
effect as the addition of H*. 

(a) Draw a Lewis structure for AlCl; in which no atoms carry 
formal charges, and determine its structure using the 
VSEPR method. 

(b) What characteristic is notable about the structure in 
part (a) that helps us understand the acidic character of 
AlCl? 

(c) Predict the result of the reaction between AlCl, and NH3 
in a solvent that does not participate as a reactant. 


(d) Which acid-base theory is most suitable for discussing 
the similarities between AlCl, and H+? 


16.132 What is the boiling point of a 0.10 M solution of NaHSO, if 
the solution has a density of 1.002 g/mL? 


16.133 Use average bond enthalpies from Table 8.4 to estimate the 
enthalpies of the following gas-phase reactions: 


Reaction 1: HF(g) + H,O(g) = — F (g) + H30*(g) 
Reaction 2: HCl(g) + H,O(g) = — CI(g) + H30*(g) 


Are both reactions exothermic? How do these values relate to 
the different strengths of hydrofluoric and hydrochloric acid? 


16.134 Cocaine is a weak organic base whose molecular formula 
is Cy7H2,;NO4. An aqueous solution of cocaine was found 
to have a pH of 8.53 and an osmotic pressure of 7.03 kPa at 
15 °C. Calculate K, for cocaine. 


16.135 The iodate ion is reduced by sulfite according to the follow- 
ing reaction: 


103 (aq) + 3SO? (aq) — T (aq) + 3 S07- (aq) 


The rate of this reaction is found to be first order in IO3 , 
first order in SOf, and first order in H+. 


(a) Write the rate law for the reaction. 


(b) By what factor will the rate of the reaction change if the 
PH is lowered from 5.00 to 3.50? Does the reaction pro- 
ceed more quickly or more slowly at the lower pH? 


(c) By using the concepts discussed in Section 14.6, explain 
how the reaction can be pH-dependent even though Ht 
does not appear in the overall reaction. 


16.136 (a) Using dissociation constants from Appendix D, deter- 
mine the value for the equilibrium constant for each of 
the following reactions. 


(i) HCO; (aq) + OH (aq) == CO- (aq) + H20(1) 
(ii) NH; (aq) + CO? (aq) == NH3(aq) + HCO; (aq) 


(b) We usually use single arrows for reactions when the 
forward reaction is appreciable (K much greater than 1) 
or when products escape from the system, so that 
equilibrium is never established. If we follow this con- 
vention, which of these equilibria might be written 
with a single arrow? 


Design an Experiment 


Your professor gives you a bottle that contains a clear liquid. You 
are told that the liquid is a pure substance that is volatile, soluble in 
water, and might be an acid or a base. Design experiments to elu- 
cidate the following about this unknown sample. (a) Determine 
whether the substance in the sample is an acid or a base. (b) Sup- 
pose the substance is an acid. How would you determine whether 
it is a strong acid or a weak acid? (c) If the substance is a weak 


acid, how would you determine the value of K, for the substance? 
(d) Suppose the substance were a weak acid and that you are also given 
a solution of NaOH(aq) of known molarity. What procedure would 
you use to isolate a pure sample of the sodium salt of the substance? 
(e) Now suppose that the substance were a base rather than an acid. 
How would you adjust the procedures in parts (b) and (c) to determine if 
the substance were a strong or weak base, and, if weak, the value of K,? 


17.1 
17.2 
17.3 


17.4 
17.5 


17.6 


ADDITIONAL 
ASPECTS OF 
AQUEOUS 
EQUILIBRIA 


17.1 | The Common-Ion Effect 


Water, the most common and most important solvent on Earth, occupies its posi- 
tion of importance because of its abundance and its exceptional ability to dissolve 
a wide variety of substances. In this chapter, we take a step toward understanding 
such complex solutions by looking first at further applications of acid-base equilib- 
ria. The idea is to consider not only solutions in which there is a single solute but 
also those containing a mixture of solutes. We then broaden our discussion to include 
two additional types of aqueous equilibria: those involving slightly soluble salts and 
those involving the formation of metal complexes in solution. The discussions and 
calculations in this chapter are extensions of those in Chapters 15 and 16. We start our 
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examination with what we call the common-ion effect. By the end of this section, you 
should be able to 


e Describe the common-ion effect. 


In Chapter 16, we examined the equilibrium concentrations of ions in solutions 
containing a weak acid or a weak base. We now consider solutions that contain a weak 
acid, such as acetic acid (CH3COOH), and a soluble salt of that acid, such as sodium ace- 
tate (CH3COONa). Notice that these solutions contain two substances that share a com- 
mon ion, CH3COO . It is instructive to view these solutions from the perspective of Le 
Chatelier’s principle. 

Sodium acetate is a soluble ionic compound and therefore a strong electrolyte. 
Consequently, it dissociates completely in aqueous solution to form Na* and CH;COO- 
ions: 


CH3COONa(aq) —> Na*(aq) + CH3COO (aq) 
In contrast, CHCOOH is a weak electrolyte that ionizes only partially, represented by the 
dynamic equilibrium 

CH3COOH(aq) === H*(aq) + CH3COO (aq) [17.1] 


The equilibrium constant for Equation 17.1 is K, = 1.8 x 10~° at 25 °C (Table 16.2). If we 
add sodium acetate to a solution of acetic acid in water, the CH;COO™ from CH3COONa 
causes the equilibrium concentrations of the substances in Equation 17.1 to shift to the 
left as expected from Le Chatelier’s principle, thereby decreasing the equilibrium concen- 
tration of H” (aq): 


CH3;COOH(aq) == H*(aq) + CH3COO (aq) 


s equilibrium 


ng [H*] 


In other words, the presence of the added acetate ion causes the acetic acid to ionize less 
than it normally would. We call this observation the common-ion effect. 


Whenever a weak electrolyte and a strong electrolyte containing a common 
ion are together in solution, the weak electrolyte ionizes less than it would if 
it were alone in solution. 


Note that the equilibrium constant itself does not change; it is the relative concentrations 
of products and reactants in the equilibrium expression that change. 


\ Sample Exercise 17.1 
PT Calculating the pH When a Common lon Is Involved 


What is the pH of a solution made by adding 0.30 mol of acetic acid and 0.30 mol of sodium acetate to enough water 
to make 1.0 L of solution? 


SOLUTION 


Analyze We are asked to determine the pH of a solution of a weak 
electrolyte (CH;COOH) and a strong electrolyte (CH;COONa) 
that share a common ion, CH3;COO-. 


Plan In any problem in which we must determine the pH of a solu- 


tion containing a mixture of solutes, it is helpful to proceed by a 
series of logical steps: 


(1) Consider which solutes are strong electrolytes and which are 
weak electrolytes, and identify the major species in solution. 


Solve 


First, because CH3COOH is a weak electrolyte and CH;COONa 
is a strong electrolyte, the major species in the solution are 
CH3COOH (a weak acid), Na* (which is neither acidic nor ba- 
sic and is therefore a spectator in the acid-base chemistry), and 
CH3;COO™ (which is the conjugate base of CH;COOH). 


Second, [H+] and, therefore, the pH are controlled by the disso- 
ciation equilibrium of CH;COOH: 


(We have written the equilibrium using H*(aq) rather than 
H30*(aq), but both representations of the hydrated hydrogen 
ion are equally valid.) 
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(2) Identify the important equilibrium reaction that is the source 
of H* and therefore determines pH. 


(3) Tabulate the concentrations of ions involved in the 
equilibrium. 


(4) Use the equilibrium-constant expression to calculate [H*] and 
then pH. 


CH3COOH(aq) == H*(aq) + CH3COO (aq) 


Third, we tabulate the initial and equilibrium concentrations 
as we did in solving other equilibrium problems in Chapters 15 
and 16: 

The equilibrium concentration of CH;COO™ (the common 
ion) is the initial concentration that is due to CH3COONa 
(0.30 M) plus the change in concentration (x) that is due to the 
ionization of CH;COOH. 


CH3COOH(aq) == H*(aq) + CH3COO (aq) 


Now we can use the equilibrium expression: 


ee [H*][CH3COO ] 
Ga és oe aa 


[CH3;COOH | 
The dissociation constant for CH;COOH at 25 °C is from 
Table 16.2, or Appendix D; addition of CH;COONa does not 
change the value of this constant. Substituting the equilibrium 
concentrations from our table into the equilibrium expression K.=1.8x10~ = x(0.30 + x) 
ives: s i 0.30 — x 
8 
Because K; is small, we assume that x is small compared to the 
original concentrations of CH;COOH and CH}COO7 (0.30 M 
each). Thus, we can ignore the very small x relative to 0.30 M, _s _ X(0.30) 
=i K, = 1.8 X 10° = 
giving: 0.30 


The resulting value of x is indeed small relative to 0.30, justify- 
ing the approximation made in simplifying the problem. 


x = 1.8 x 10°M = [H*] 


Finally, we calculate the pH from the equilibrium concentra- 
tion of H” (aq): 


Comment In Section 16.5, we calculated that a 0.30 M solu- 
tion of CHCOOH has a pH of 2.64, corresponding to 

[H*] = 2.3 x 10° M. Thus, the addition of CH;COONa has 
substantially decreased [H*], as we expect from Le ChAtelier’s 
principle. 


pH = —log(1.8 x 10°75) = 4.74 


> Practice Exercise 

For the generic equilibrium HA(aq) == H* (aq) + A (aq), 

which of these statements is true? 

(a) The equilibrium constant for this reaction changes as the 
pH changes. 

(b) If you add the soluble salt KA to a solution of HA that is at 
equilibrium, the concentration of HA would decrease. 

(c) If you add the soluble salt KA to a solution of HA that is at 
equilibrium, the concentration of A would decrease. 

(d) If you add the soluble salt KA to a solution of HA that is at 
equilibrium, the pH would increase. 
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= Sample Exercise 17.2 


| Calculating lon Concentrations When a Common lon Is Involved 


Calculate the fluoride ion concentration and pH of a solution that is 0.20 M in HF and 0.10 M in HCI. 


SOLUTION 


Analyze We are asked to determine the concentration of F` and the Plan We can again use the four steps outlined in Sample Exercise 17.1. 
pH in a solution containing the weak acid HF and the strong acid 
HCL. In this case the common ion is H+. 


Solve 


Because HF is a weak acid and HCl is a strong acid, the major 
species in solution are HF, H*, and CI. The CI, which is the 
conjugate base of a strong acid, is merely a spectator ion in any 
acid-base chemistry. The problem asks for [F], which is formed 


by ionization of HE Thus, this is the important equilibrium: HF(aq) == H"*(aq) + F (aq) 

The common ion in this problem is the hydrogen (or hydro- HF(aq) == H*(aq) +  F (aq) 

nium) ion. Now we can tabulate the initial and equilibrium ae 

concentrations of each species involved in this equilibrium: ey) a2) 010 2 

Change (M) =¥ +x +x 
Equilibrium (M) | (0.20 — x) (0.10 + x) X 
The equilibrium constant for the ionization of HF, from Appen- 
dix D, is 6.8 xX 10. Substituting the equilibrium-constant con- [H*][F-] (0.10 + x)(x) 
: A Prt ai : > f = 68x —4 

centrations into the equilibrium expression gives K, = 6.8 X 10 [HF] 0.20 — x 

If we assume that x is small relative to 0.10 or 0.20 M, this ex- (0.10) (x) =i 

pression simplifies to: 0.20 6.8 x 10 

0.20 
= ——(6.8 x 1074) = 1.4 x 10° M = [F 
* = 570° ) [F] 

This F` concentration is substantially smaller than it would be 

in a 0.20 M solution of HF with no added HCl. The common 

ion, H+, suppresses the ionization of HE The concentration of 

H*(aq) is: [H*] = (0.10 + x) M = 0.10M 

Thus, pH = 1.00 
Comment Notice that for all practical purposes, the hydrogen ion > Practice Exercise 
concentration is due entirely to the HCI; the HF makes a negligible Calculate the concentration of the lactate ion in a solu- 
contribution by comparison. tion that is 0.100 M in lactic acid (CH3CH(OH)COOH, 

pK, = 3.86) and 0.080 M in HCI. 
(a) 4.83 M (b) 0.0800 M 


(c) 7.3 x 103M (d)3.65 x 103M 
(e) 1.73 x 104M 


Sample Exercises 17.1 and 17.2 both involve weak acids. The ionization of a weak 
base is also decreased by the addition of a common ion. For example, the addition of 
NH,’ (as from the strong electrolyte NH,4Cl) causes the equilibrium concentrations of 
the reagents in Equation 17.2 to shift to the left, decreasing the equilibrium concentra- 
tion of OH” and lowering the pH: 


NH3(aq) + H,O(1) == NH; (aq) + OH (aq) [17.2] 
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Self-Assessment Exercise 


17.1 


In a solution made from the weak base ammonia, NH,, and 
the soluble salt Ca(OH),, which is the common ion? 


(a) NH, 
(b) NH," 
(c) Ca?” 
(d) OH- 


Exercises 


17.2 


17.3 


Consider the equilibrium 
B(aq) + H:O() == HB*(aq) + OH (aq). 


Suppose that a salt of HB*(aq) is added to a solution of 
B(aq) at equilibrium. (a) Will the equilibrium constant for 
the reaction increase, decrease, or stay the same? (b) Will the 
concentration of B(aq) increase, decrease, or stay the same? 
(c) Will the pH of the solution increase, decrease, or stay 
the same? 


Use information from Appendix D to calculate the pH 
of (a) a solution that is 0.250 M in sodium methanoate 


17.2 | Buffers 


17.4 


(HCOONa) and 0.150 M in methanoic acid (HCOOH), 
(b) a solution that is 0.490 M in pyridine (C;H;N) and 
0.450 M in pyridinium chloride (C;H;NHC1), (c) a solu- 
tion that is made by combining 80 mL of 0.050 M hydroflu- 
oric acid with 100 mL of 0.10 M sodium fluoride. 


(a) Calculate the percent ionization of 0.250 M lactic acid 
(Ka = 1.4 x 107%). (b) Calculate the percent ionization 
of 0.250 M lactic acid in a solution containing 0.050 M 
sodium lactate. 


$9S19J9Xq }UIUSSƏSSY-JJƏŞ 0} SIƏMSUY W 


Buffers are used in many areas of industry. For example, to control the pH of a dying 
process, in fermentation to counter the acidity resulting from CO, release, in the cul- 
ture medium used in microbiology labs, and in the manufacture of pharmaceuticals. 
Buffers are used in processed food to maintain color and flavor and delay spoilage. 
For example, sodium citrate (assigned the number E331 on food packaging) is added 
to fruit products such as jams and jellies to act with the naturally present citric acid as 
a buffer, maintaining color and helping preserve the fruit. 
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A Figure 17.1 Standard buffers. For 
laboratory work, prepackaged buffers at 
specific pH values can be purchased. 


By the end of this section, you should be able to 


e Explain how a buffer functions and calculate the pH of a buffered solution. 

e Calculate the pH of a buffer after the addition of small amounts of a strong acid or a 
strong base. 

e Calculate the appropriate quantities of compounds to make a buffer at a given pH. 


Solutions that contain high concentrations (10°? M or more) of a weak conjugate 
acid-base pair and that resist drastic changes in pH when small amounts of strong acid 
or strong base are added to them are called buffered solutions (or merely buffers). 
Human blood, for example, is a complex buffered solution that maintains the blood 
pH at about 7.4 (The Chemistry and Life box, “Blood as a Buffered Solution” later in this 
section). Much of the chemical behavior of seawater is determined by its pH, buffered 
at about 8.1 to 8.3 near the surface due to the HCO; /CO;" acid-base pair. Buffers find 
many important applications in the laboratory and in medicine (Figure 17.1). Many bio- 
logical reactions occur at the optimal rates only when properly buffered. If you ever work 
in a biochemistry lab, you will very likely have to prepare specific buffers in which to run 
your biochemical reactions. 


Composition and Action of Buffers 


A buffer resists changes in pH because it contains both an acid to neutralize added 
OH ions and a base to neutralize added H* ions. The acid and base that make up the 
buffer, however, must not consume each other through a neutralization reaction. 
These requirements are fulfilled by a weak acid-base conjugate pair, such as 
CH3COOH/CH3COO- or NH,'/NHs3. The key is to have roughly equal concentrations of 
both the weak acid and its conjugate base. There are two ways to make a buffer. 


e Mix a weak acid or a weak base with a salt of that acid or base. For example, the 
CH3;COOH/CH3COO buffer can be prepared by adding CH;COONa to a solution 
of CH3;COOH. Similarly, the NH,'/NH3 buffer can be prepared by adding NH,Cl toa 
solution of NH3. 


e Make the conjugate acid or base from a solution of weak base or acid by the addi- 
tion of a strong acid or base. For example, to make the CH;COOH/CH3COO buffer, 
you could start with a solution of CH;COOH and add some NaOH to the solution— 
enough to neutralize about half of CH;COOH according to the reaction 


CH3;COOH(aq) + OH (aq) —> CH3COO (aq) + H20(1) 


Neutralization reactions have very large equilibrium constants, and so the amount of 
acetate formed will only be limited by the relative amounts of the acid and strong base 
that are mixed. The resulting solution is the same as if you added sodium acetate to the 
acetic acid solution: You will have comparable quantities of both acetic acid and its con- 
jugate base in solution. 

By choosing appropriate components and adjusting their relative concentrations, 
we can buffer a solution at virtually any pH. 

To understand how a buffer works, let’s consider one composed of a weak acid HA 
and one of its salts MA, where M* could be Na’, K*, or any other cation that does not 
react with water. The acid-dissociation equilibrium in this buffered solution involves 
both the acid and its conjugate base: 


HA(aq) == H*(aq) + A (aq) [17.3] 


The corresponding acid-dissociation-constant expression is 


_ [HA] 
Kı = [HA] [17.4] 
Solving this expression for [H*], we have 
[HA] 
[H+] = K-~—— [17.5] 


[A] 


We see from this expression that [H"] and, thus, the pH are determined by two factors: 


e the value of K, for the weak-acid component of the buffer; 
e the ratio of the concentrations of the conjugate acid-base pair, [HA]/[A ]. 


If OH’ ions are added to this buffered solution, they react with the buffer acid com- 
ponent to produce water and A’: 
OH (aq) + HA(aq) —> H20(1) + A (aq) [17.6] 
added base 
This neutralization reaction causes [HA] to decrease and [A ] to increase. As long as the 
amounts of HA and A in the buffer are large relative to the amount of OH added, the 
ratio [HA]/[A ] does not change much and, thus, the change in pH is small. 
If H* ions are added, they react with the base component of the buffer: 
H*(aq) + A (aq) —> HA(aq) [17.7] 
added acid 
This reaction can also be represented using H30*: 


H30*(aq) + A (aq) —> HA(aq) + H20(1) 


Using either equation, we see that this reaction causes [A ] to decrease and [HA] to in- 
crease. As long as the change in the ratio [HA]/[A ] is small, the change in pH will be small. 

An example of an HA/A buffer is the HF/F” buffered solution shown in Figure 17.2. 
The buffer consists of equal concentrations of hydrofluoric acid, HF, and fluoride ion, 
F (center). The addition of OH” reduces [HF] and slightly increases [F], whereas the 
addition of H* reduces [F ] and slightly increases [HF]. 

It is possible to overwhelm a buffer by adding too much strong acid or strong base. 
We will examine this in more detail a little later in this chapter. 


Calculating the pH of a Buffer 


Because conjugate acid-base pairs share a common ion, we can use the same procedures 
to calculate the pH of a buffer that we used to treat the common-ion effect in Sample 
Exercise 17.1. Alternatively, we can take an approach based on an equation derived from 
Equation 17.5. Taking the negative logarithm of both sides of Equation 17.5, we have 


HA HA 
—log[H*] = los( Ky N logK, — log ; i 


Presence of F counteracts 
addition of acid; pH 


Presence of HF counteracts 
addition of base; pH 


increase is small. decrease is small. 


After addition Initial buffered solution After addition 
of OH7 [HF] = [F ] of H* 


—M—.—~Y —M—~+ 
H20(1) + F (aq) <—— HF(aq) + OH (aq) F (aq) + H* (aq) —> HF(aq) 


A Figure 17.2 Buffer action. The pH of an HF/F~ buffered solution changes by only a small amount 
in response to addition of an acid or base. 
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Because —log[H*] = pH and —logK, = pKa, we have 


H = pK, — lo ae K, + lo a [17.8] 
(Remember the logarithm rules in Appendix A.2, if you are not sure how this calculation 
works.) 
In general, 


[17.9] 


where [acid] and [base] refer to the equilibrium concentrations of the conjugate acid-base 
pair. Note that when [base] = [acid], we have pH = pK,. 

Equation 17.9 is known as the Henderson-Hasselbalch equation. Biologists, 
biochemists, and others who work frequently with buffers often use this equation to 
calculate the pH of buffers. In doing equilibrium calculations, we have seen that we can 
normally neglect the amounts of the acid and base of the buffer that ionize. Therefore, 
we can usually use the initial concentrations of the acid and base components of the buf- 
fer directly in Equation 17.9, as seen in Sample Exercise 17.3. However, the assumption 
that the initial concentrations of the acid and base components in the buffer are equal 
to the equilibrium concentrations is just that: an assumption. There may be times when 
you will need to be more careful, as seen in Sample Exercise 17.4. 


NSA Sample Exercise 17.3 
D Calculating the pH of a Buffer 


What is the pH of a buffer that is 0.12 M in lactic acid [CH3CH(OH)COOH, or HC3H503] and 0.10 M in sodium lactate 
[CH3CH(OH)COONa or NaC3H503]? For lactic acid, Ka = 1.4 x 10%. 


SOLUTION 

Analyze We are asked to calculate the pH of a buffer containing NaC3H;0s is a strong electrolyte, the major species in solution 
lactic acid (HC3H503) and its conjugate base, the lactate ion are HC3H;O3, Na*, and C3H;O3 . The Na* ion is a spectator ion. 
(C3H503 ). The HC3H;03/C3HsO3 conjugate acid-base pair determines [H™] 


and, thus, pH; [H*] can be determined using the acid-dissociation 


Plan We will first determine the pH using the method described equilibrium of lactic acid. 


in Section 17.1. Because HC3H;O; is a weak electrolyte and 


id CH;CH(OH)COOH(aq) == H*(aq) + CHyCH(OH)COO~(agq) 


The initial and equilibrium concentrations ee 
of the species involved in this equilibrium hates) Se a oe ao 
Equilibrium (M) (0.12 — x) (0.10 + x) 


The equilibrium concentrations are gov- 


e 7 10 + 
erned by the equilibrium expression: K, = 1.4 x 10+ [H"I[CsHs03 | x(0.10 + x) 


[HC3Hs503 | 0.12 — x 
Because K, is small and a common ion is 
present, we expect x to be small relative to 0.10 
either 0.12 or 0.10 M. Thus, our equation K,=14x 1074 = x(0.10) 
can be simplified to give: 0.12 
Solving for x gives a value that justifies our 0.12 
approximation: (H*) == (232), 1.4 x 10%) = 1.7 x 10*M 
Then, we can solve for pH: pH = -log(1.7 x 10-*) = 3.77 


Alternatively, we can use the Henderson- 
Hasselbalch equation with the initial con- 
centrations of acid and base to calculate pH 
directly: 


[base] (29) 
pH = pKa + log acid] 3.85 + log 0.12 
3.85 + (—0.08) = 3.77 
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> Practice Exercise (a) The acid concentration must be zero. (b) The base concen- 
If the pH of a buffer solution is equal to the pK, of the acid tration must be zero. (c) The acid and base concentrations must 
in the buffer, what does this tell you about the relative con- be equal. (d) The acid and base concentrations must be equal to 
centrations of the acid and conjugate base forms of the buffer the K,. (e) The base concentration must be 2.3 times as large as 
components? the acid concentration. 


\a Sample Exercise 17.4 


D Calculating pH When the Henderson-Hasselbalch Equation May Not Be Accurate 


Calculate the pH of a buffer that initially contains 1.00 x 10°? M CH3COOH and 1.00 x 1074 M CH3COONa in the 
following two ways: (i) using the Henderson—Hasselbalch equation and (ii) making no assumptions about quantities (which means 
you will need to use the quadratic equation). The K, of CH3;COOH is 1.80 x 10°. 


SOLUTION 

Analyze We are asked to calculate the pH of a buffer two different no assumptions about any quantities, which means we will need 
ways. We know the initial concentrations of the weak acid and its to write out the initial/change/equilibrium concentrations, as we 
conjugate base, and the K, of the weak acid. have done before. In addition, we will need to solve for quantities 


using the quadratic equation (since we cannot make assumptions 


Plan We will first use the Henderson-Hasselbalch equation, which about unknowns being small). 


relates pK, and ratio of acid-base concentrations to the pH. This 
will be straightforward. Then, we will redo the calculation making 


Solve 


base 
(i) The Henderson-Hasselbalch equation is: pH = pK, + foe! l 


[acid] 


We know the K, of the acid (1.8 x 10°), 
so we know pK, (pK, = —log K, = 4.74). 
We know the initial concentrations of 
the base, sodium acetate, and the acid, 
acetic acid, which we will assume are the 
same as the equilibrium concentrations. 


(1.00 x 1074) 
og = 

(1.00 x 10-3) 
= 4.74 — 1.00 = 3.74 


Therefore, we have: pH = 4.74 + | 


(ii) Now we will redo the calculation, with- CH3COOH (aq) == CH;COO (aq) + H*(aq) 
out making any assumptions at all. We m 3 a 
will solve for x, which represents the H* ae 1.00 x 10° 1.00 x 107% g 
concentration at equilibrium, in order to Change (M) —x +x +x 
calculate pH. S 
i Equilibrium (M) | (1.00 x 10° — x) | (1.00 x 10 + x) x 
[CH;COO7][H*] K 
[| CHCOOH] “ 
1.00 x 1074 + x)(x 
| 10) 8x10 


1.00 x 10° — x 
( ) 


1.00 x 1074x + x? = 1.8 x 1075(1.00 x 1073 — x) 
x2 + 1.00 x 10-4x = 1.8 x 108 — 1.8 x 10°5x 


x? + 1.18 x 10°4x — 1.8 x 108 = 0 
-1.18x 10-4 + V(1.18 x 10-4)? — 4(1)(-1.8 x 10°) 
ü 2(1) 
—1.18 x 1074 + V8.5924 x 1078 
2 
= 8.76 x 10% = [H] 
pH = 4.06 


Continued 
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Comment In Sample Exercise 17.3, the calculated pH is the same 
whether we solve exactly using the quadratic equation or make 
the simplifying assumption that the equilibrium concentrations 
of acid and base are equal to their initial concentrations. The 
simplifying assumption works because the concentrations of 
the acid-base conjugate pair are both a thousand times larger 
than Ka. In this Sample Exercise, the acid-base conjugate pair 
concentrations are only 10-100 as large as K,. Therefore, we 
cannot assume that x is small compared to the initial concen- 
trations (that is, that the initial concentrations are essentially 
equal to the equilibrium concentrations). The best answer to 
this Sample Exercise is pH = 4.06, obtained without assuming 
x is small. Therefore, we see that the assumptions behind the 


Henderson-Hasselbalch equation are not valid when the initial 
concentration of the weak acid (or base) is small compared to its 
K, (or Kp). 


» Practice Exercise 


A buffer is made with sodium acetate (CH;COONa) and 

acetic acid (CHCOOH); the K, for acetic acid is 1.80 x 107°. 
The pH of the buffer is 3.98. What is the ratio of the equilib- 
rium concentration of sodium acetate to that of acetic acid? 

(a) —0.760 (b) 0.174 (c) 0.840 (d) 5.75 (e) Not enough informa- 
tion is given to answer this question. 


In Sample Exercise 17.3 we calculated the pH of a buffered solution. Often we will 
need to work in the opposite direction by calculating the amounts of the acid and its 
conjugate base needed to achieve a specific pH. This calculation is illustrated in Sample 


Exercise 17.5. 


> Sample Exercise 17.5 
PF Preparing a Buffer 


How many moles of NH4CI must be added to 2.0 L of 0.10 M NH3 to form a buffer whose pH is 9.00? (Assume that the addition 


of NH,CI does not change the volume of the solution.) 


SOLUTION 


Analyze We are asked to determine the amount of NH,’ ion re- 
quired to prepare a buffer of a specific pH. 


Plan The major species in the solution will be NH4*, Cl, and 
NHs. Of these, the Cl ion is a spectator (it is the conjugate base 
of a strong acid). Thus, the NH,"/NH3 conjugate acid-base pair 
will determine the pH of the buffer. The equilibrium relationship 


Solve 
We obtain [OH | from the given pH: 


and so: 
Because K; is small and the common ion [NH,'] is present, the 
equilibrium concentration of NH; essentially equals its initial 


between NH,’ and NH; is given by the base-dissociation reaction 
for NH3: 


NH3(aq) + H2O(1) == NH¿ (aq) + OH (aq) 
[NH,"][OH | 

i [NH3] 
The key to this exercise is to use this K, expression to calculate [ NH,"]. 


1.8 x 10% 


pOH = 14.00 — pH = 14.00 — 9.00 = 5.00 


OH7] = 1.0 x 105M 


concentration: NH3] = 0.10M 
We now use the expression for K, to calculate [NH,*]: NH,*] =K [NF] = (1.8 x 10-8) (010) __ = 0.18M 
i = i Tom] > (10x10) ` 


Thus, for the solution to have pH = 9.00, [NH;] must equal 
0.18 M. The number of moles of NH,Cl needed to produce this 
concentration is given by the product of the volume of the solu- 
tion and its molarity: 


Comment Because NH,’ and NH; are a conjugate acid-base pair, we 
could use the Henderson-Hasselbalch equation (Equation 17.9) to 
solve this problem. To do so requires first using Equation 16.41 to 
calculate pK, for NH,’ from the value of pK, for NH3. We suggest 
you try this approach to convince yourself that you can use the 
Henderson-Hasselbalch equation for buffers for which you are given 
K, for the conjugate base rather than K, for the conjugate acid. 


(2.0 ¥)(0.18 mol NH,Cl/L) = 0.36 mol NH,Cl 


> Practice Exercise 
Calculate the number of grams of ammonium chloride that 
must be added to 2.00 L of a 0.500 M ammonia solution to 
obtain a buffer of pH = 9.20. Assume the volume of the 
solution does not change as the solid is added. K, for ammo- 
nia is 1.80 x 10°. 
(a) 60.7g (b)30.4g (c)1.52g (d)0.568¢ 
(e) 1.59 x 10° ¢ 


Buffer Capacity and pH Range 


Two important characteristics of a buffer are its capacity and its effective pH range. Buffer 
capacity is the amount of acid or base the buffer can neutralize before the pH begins to 
change to an appreciable degree. The buffer capacity depends on the amount of acid and 
base used to prepare the buffer. According to Equation 17.5, for example, the pH of a1 L 
solution that is 1 Min CHCOOH and 1 Min CH3COONa is the same as the pH ofa 1 L 
solution that is 0.1 Min CH3;COOH and 0.1 M in CH3COONa. The first solution has a 
greater buffering capacity, however, because it contains more CH;COOH and CH3COO. 

The pH range of any buffer is the pH range over which the buffer acts effectively. Buf- 
fers most effectively resist a change in pH in either direction when the concentrations of 
weak acid and conjugate base are about the same. From Equation 17.9 we see that when 
the concentrations of weak acid and conjugate base are equal, pH = pK,. This relation- 
ship gives the optimal pH of any buffer. Thus, we usually try to select a buffer whose acid 
form has a pK, close to the desired pH. In practice, we find that if the concentration of 
one component of the buffer is more than 10 times the concentration of the other com- 
ponent, the buffering action is poor. Because log 10 = 1, buffers usually have a usable 
range within +1 pH unit of pK, (that is, a range of pH = pK, +1). 


Addition of Strong Acids or Bases to Buffers 


Let’s now consider in a more quantitative way how a buffered solution responds to addi- 
tion of a strong acid or base. In this discussion, it is important to understand that neutral- 
ization reactions between strong acids and weak bases proceed essentially to completion, as do 
those between strong bases and weak acids. This is because water is a product of the reaction, 
and you have an equilibrium constant of 1/K,, = 101 in your favor when making water. 
Thus, as long as we do not exceed the buffering capacity of the buffer, we can assume that 
the strong acid or strong base is completely consumed by reaction with the buffer. 

Consider a buffer that contains a weak acid HA and its conjugate base A. When a 
strong acid is added to this buffer, the added H* is consumed by A to produce HA; thus, 
[HA] increases and [A ] decreases. (See Equation 17.7.) Upon addition of a strong base, 
the added OH is consumed by HA to produce A ; in this case [HA] decreases and [A ] 
increases. (See Equation 17.6.) These two situations are summarized in Figure 17.2. 

To calculate how the pH of the buffer responds to the addition of a strong acid or a 
strong base, we follow the strategy outlined in Figure 17.3: 


1. Consider the acid-base neutralization reaction and determine its effect on [HA] and 
[A ]. This step is a limiting reactant stoichiometry calculation. 

2. Use the calculated values of [HA] and [A ] along with K, to calculate [H*]. This 
step is an equilibrium calculation and is most easily done using the Henderson- 
Hasselbalch equation (if the concentrations of the weak acid-base pair are very 
large compared to K, for the acid). 


Strong acid reacts with 
conjugate base component of buffer 


Add strong acid A~(aq) + H* (aq) —> HA(aq) 
Buffer containing Calculate new 
weak acid HA values of — 
and conjugate base A~ [HA] and [A] 


Add strong base HA(aq) + OH (aq) A’ (aq) + H,0(1) J 


Strong base reacts with 
weak acid component of buffer 


SECTION 17.2 Buffers 


Use K,, [HA], 
and [A] to 
calculate [H*] 


(=) 


v 


v 


1) Stoichiometry PD Equilibrium 
calculation calculation 


A Figure 17.3 Calculating the pH of a buffer after addition of a strong acid or strong base. 
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> Sample Exercise 17.6 
D Calculating pH Changes in Buffers 


A buffer is made by adding 0.300 mol CHCOOH and 0.300 mol CH3COONa to enough water to make 1.000 L of solution. The pH 
of the buffer is 4.74 (Sample Exercise 17.1). (a) Calculate the pH of this solution after 5.0 mL of 4.0 M NaOH(aq) solution is added. 
(b) For comparison, calculate the pH of a solution made by adding 5.0 mL of 4.0 MNaOH(aq) solution to 1.000 L of pure water. 


SOLUTION 


Analyze We are asked to determine the pH of a buffer after addition Plan Solving this problem involves the two steps outlined in Figure 17.3. 
of a small amount of strong base and to compare the pH change First we do a stoichiometry calculation to determine how the added 
with the pH that would result if we were to add the same amount OH affects the buffer composition. Then we use the resulting buffer 
of strong base to pure water. composition and either the Henderson-Hasselbalch equation or the 
equilibrium-constant expression for the buffer to determine the pH. 


Solve 

(a) Stoichiometry Calculation: The OH” provided CH3;COOH(aq) + OH™(aq) —> H,O(1) + CH;COO™(aq 
by NaOH reacts with CH;COOH, the 
weak acid component of the buffer. Since Before reaction (mol) 0.300 0.020 — 0.300 
volumes are changing, it is prudent to figure Change (limiting —0.020 —0.020 = +0.020 
out how many moles of reactants and prod- reactant) (mol) 
ucts would be produced, then divide by the 3 
final volume ae to obtain po pe AEEA Afrerreactionkmol eee g = aed 
Prior to this neutralization reaction, there 
are 0.300 mol each of CH3COOH and 
CH3COO -. The amount of base added 
isO.0050L x 4.0 mol/L = 0.020 mol. 
Neutralizing the 0.020 mol OH requires 
0.020 mol of CH;COOH. Consequently, 
the amount of CH;COOH decreases by 
0.020 mol, and the amount of the product 
of the neutralization, CH3COO , increases 
by 0.020 mol. We can create a table to see 
how the composition of the buffer changes 
as a result of its reaction with OH: 


Equilibrium Calculation: We now turn 

our attention to the equilibrium for the 

ionization of acetic acid, the relationship 

that determines the buffer pH: CH3COOH(aq) == H*(aq) + CH3COO (aq) 


Using the quantities of CH; COOH 

and CH3;COO™ remaining in the 

buffer after the reaction with strong 

base, we determine the pH using the 

Henderson-Hasselbalch equation. 

The volume of the solution is now 

1.000 L + 0.0050 L = 1.005 L due to 0.320 mol/1.005 K 
addition of the NaOH solution: pH = 4.74 + log 0.280 mol/1.005L 


4.80 


(b) To determine the pH of a solution made 

by adding 0.020 mol of NaOH to 1.000 L 

of pure water, we first determine the con- 

centration of OH” ions in solution: [OH] = 0.020 mol/1.005 L = 0.020 M 

We use this value in Equation 16.18 to _ = _ 

calculate pOH and then use our calcu- pOH =-log[OH] ==108(0.020) =e 

lated pOH value to obtain pH: pH = 14 — (+1.70) = 12.30 

i te a Add 5.0 mL of 
1.000 L buffer f ' nw ` 4.0MNaOH(aq) ş 
0.300 M CHCOOH | pH = pH | i 
= 1.000LH,O | PH > pH 
0.300 M CH3COO™ | 4.74 goo 7.00 -12.30 
pH increases by pH increases by 
0.06 pH units 5.30 pH units 

(a) (b) 


A Figure 17.4 Effect of adding a strong base to (a) a buffered solution and to (b) water. 


Comment Note that the small amount of added NaOH changes the 
pH of water significantly. In contrast, the pH of the buffer changes 
very little when the NaOH is added, as summarized in Figure 17.4. 


> Practice Exercise 
Which of these statements is true? (a) If you add strong acid 
or base to a buffer, the pH will never change. (b) In order 


SECTION 17.2 Buffers 


to do calculations in which strong acid or base is added to 

a buffer, you only need to use the Henderson-Hasselbalch 
equation. (c) Strong bases react with strong acids, but not 
weak acids. (d) If you add a strong acid or base to a buffer, the 
buffer’s pK, or pK, will change. (e) In order to do calculations 
in which a strong acid or base is added to a buffer, you need to 
calculate the amounts of substances from the neutralization 
reaction and then equilibrate. 


CHEMISTRY AND LIFE (RIGS iG R 


Chemical reactions that occur in living systems are often extremely 
sensitive to pH. Many of the enzymes that catalyze important bio- 
chemical reactions are effective only within a narrow pH range. For 
this reason, the human body maintains a remarkably intricate sys- 
tem of buffers, both within cells and in the fluids that transport cells. 
Blood, the fluid that transports oxygen to all parts of the body, is one 
of the most prominent examples of the importance of buffers in liv- 
ing beings. 

Human blood has a normal pH of 7.35 to 7.45. Any deviation 
from this range can have extremely disruptive effects on the stabil- 
ity of cell membranes, the structures of proteins, and the activities 
of enzymes. Death may result if the blood pH falls below 6.8 or rises 
above 7.8. When the pH falls below 7.35, the condition is called acido- 
sis; when it rises above 7.45, the condition is called alkalosis. Acidosis 
is the more common tendency because metabolism generates several 
acids in the body. 

The major buffer system used to control blood pH is the carbonic 
acid-bicarbonate buffer system. Carbonic acid (HzCO3) and bicarbon- 
ate ion (HCO; ) are a conjugate acid-base pair. In addition, carbonic 
acid decomposes into carbon dioxide gas and water. The important 
equilibria in this buffer system are 


H*(aq) + HCO; (aq) == HzCO3(aq) 


= H,O(1) + CO(g) [17.10] 


Several aspects of these equilibria are notable. First, although 
carbonic acid is diprotic, the carbonate ion (CO;7~ ) is unimportant 
in this system. Second, one component of this equilibrium, COg, isa 
gas, which provides a mechanism for the body to adjust the equilib- 
ria. Removal of CO, via exhalation shifts the equilibria to the right, 
consuming H” ions. Third, the buffer system in blood operates at 
pH 7.4, which is fairly far removed from the pK,, value of H,CO3 
(6.1 at physiological temperatures). For the buffer to have a pH of 
7.4, the ratio [base]/[acid] must be about 20. In normal blood plasma, 
the concentrations of HCO; and HCO; are about 0.024M and 
0.0012 M, respectively. Consequently, the buffer has a high capacity 
to neutralize additional acid but only a low capacity to neutralize 
additional base. 

The principal organs that regulate the pH of the carbonic 
acid-bicarbonate buffer system are the lungs and kidneys. When 
the concentration of CO, rises, the equilibrium concentrations in 
Equation 17.10 shift to the left, which leads to the formation of more 
H* and a drop in pH. This change is detected by receptors in the brain 
that trigger a reflex to breathe faster and deeper, increasing the rate 
at which CO, is expelled from the lungs and thereby shifting the 
equilibrium concentrations back to the right. When the blood pH 
becomes too high, the kidneys remove HCO; from the blood. This 
shifts the equilibrium concentrations to the left, increasing the con- 
centration of H*. As a result, the pH decreases. 

Regulation of blood pH relates directly to the effective transport 
of O, throughout the body. The protein hemoglobin, found in red 
blood cells (Figure 17.5), carries oxygen. Hemoglobin (Hb) reversibly 


binds both O, and H*. These two substances compete for the Hb, 
which can be represented approximately by the equilibrium 


HbH*(aq) + O2(aq) == HbO,(aq) + H*(aq) [17.11] 


Oxygen enters the blood through the lungs, where it passes into 
the red blood cells and binds to Hb. When the blood reaches tissue in 
which the concentration of O; is low, the equilibrium concentrations 
in Equation 17.11 shift to the left and O; is released. 

During periods of strenuous exertion, three factors work together 
to ensure delivery of O, to active tissues. The role of each factor can 
be understood by applying Le Chatelier’s principle to Equation 17.11: 


1. O, is consumed, causing the equilibrium concentrations to 
shift to the left, releasing more O3. 

2. Large amounts of CO, are produced by metabolism, which in- 
creases [H*] and causes the equilibrium concentrations to shift 
to the left, releasing O3. 

3. Body temperature rises. Because Equation 17.11 is exothermic, 
the increase in temperature shifts the equilibrium concentra- 
tions to the left, releasing Op. 


In addition to the factors causing release of O; to tissues, the decrease 
in pH stimulates an increase in breathing rate, which furnishes more 
O; and eliminates CO2. Without this elaborate series of equilibrium 
shifts and pH changes, the O; in tissues would be rapidly depleted, 
making further activity impossible. Under such conditions, the buff- 
ering capacity of the blood and the exhalation of CO, through the 
lungs are essential to keep the pH from dropping too low, thereby 
triggering acidosis. 
Related Exercise: 17.66 


A Figure 17.5 Red blood cells. A scanning electron micrograph of red 
blood cells traveling through a small branch of an artery. The red blood 
cells are approximately 0.010 mm in diameter. 
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Self-Assessment Exercises 


17.5 


Which of the following pairs of substances will function as 
a buffer? 


(a) HBr and Br 

(b) H,PO, and PO, 

(c) CH,COOH and NO,— 
(d) CH,NH, and CH,NH,* 


17.6 The K, values for methanoic acid (HCOOH) and carbonic 


acid (H,CO,) are 1.77 X 10-4 and 4.3 X 107, respectively. 
Which one would be more suitable for use in a solution buff- 
ered at pH = 7.00? 


(a) HCOOH 
(b) H,CO, 


17.7 


Starting with the same buffer as that used in sample exer- 
cise 17.6 (1.000 L that is 0.300 M in both CH,COOH and 
CH,COONa. pK, = 4.74), calculate the pH after the addition 
of 0.020 mol of HCl (g). Assume there is no change in vol- 
ume of the buffer as the HCl dissolves. 


(a) 1.70 
(b) 4.68 
(c) 4.80 
(d) 5.62 


ee 
Exercises 


17.8 


17.9 


17.10 


17.11 


Which of the following solutions is a buffer? (a) A solution 
made by mixing 50 mL of 0.200 M formic acid (HCOOH) 
and 250 mL of 0.200 M KOH, (b) A solution made by mix- 
ing 50 mL of 0.200 M formic acid (HCOOH) and 25 mL of 
0.200 M nitric acid (HNO3), (c) A solution made by mixing 
50 mL of 0.200 M potassium formate (HCOOK) and 25 mL 
of 0.200 M KNOs, (d) A solution made by mixing 50 mL of 
0.200 M formic acid (HCOOH), and 25 mL of 0.200 M KOH. 


(a) Calculate the pH of a buffer that is 0.125 M in NaHCO3 
and 0.095 M in NaCO}. (b) Calculate the pH of a solution 
formed by mixing 25 mL of 0.25 M NaHCO; with 75 mL of 
0.15 M Na2CO3. 


A buffer is prepared by adding 3.5 g of ammonium chloride 
(NH,Cl) to 100 mL of 1.00 M NH; solution. (a) What is the 
PH of this buffer? (b) Write the complete ionic equation for 
the reaction that occurs when a few drops of hydrochloric 
acid are added to the buffer. (c) Write the complete ionic 
equation for the reaction that occurs when a few drops of 
sodium hydroxide solution are added to the buffer. 


You are asked to prepare a pH = 3.00 buffer start- 
ing from 2.00 L of 0.025 M solution of benzoic acid 


17.12 


17.13 


17.14 


(CgHsCOOH) and any amount you need of sodium benzo- 
ate (CsHs;COONa). (a) What is the pH of the benzoic acid 
solution prior to adding sodium benzoate? (b) How many 
grams of sodium benzoate should be added to prepare the 
buffer? Neglect the small volume change that occurs when 
the sodium benzoate is added. 


A buffer contains 0.30 mol of propanoic acid (C,H;COOH) 
and 0.25 mol of potassium propanoate (C,H;COOK) in 
1.80 L. (a) What is the pH of this buffer? (b) What is the pH of 
the buffer after the addition of 0.10 mol of NaOH? (c) What is 
the pH of the buffer after the addition of 0.10 mol of HCl? 


A buffer, consisting of H,PO, and HPO,’’, helps control 
the pH of physiological fluids. Many carbonated soft drinks 
also use this buffer system. What is the pH of a soft drink 
in which the major buffer ingredients are 10.0 g of KH,PO4 
and 10.0 g of K2HPO; per 0.500 L of solution? 


You have to prepare a pH = 4.00 buffer, and you have 
the following 0.20 M solutions available: HCOOH, 
CH3COOH, HCN, KCH3;COO, KHCOO, and KCN. Which 
solutions would you use? How many milliliters of each solu- 
tion would you use to make approximately 2 L of the buffer? 


(a) zz (a) 9 2b (P) SZE 
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17.3 | Acid-Base Titrations 


The word titration originated in mid-sixteenth century France, where it referred to the pro- 
portion of gold or silver in coins. While the technique may seem old fashioned in these 
days of instrumental analysis, it can be an accurate and quick way to determine the con- 
centration of a solution. In addition, plotting a titration curve can give the K, of the ana- 
lyte, and the shape of the curve tells us if we have a weak or strong acid/base present. 

By the end of this section, you should be able to 


e Calculate the pH at any point for an acid-base titration curve. 
e Estimate the pK, for monoprotic or polyprotic acids from their titration curves. 


Titrations are procedures in which one reactant is slowly added into a solution of 
another reactant, while equilibrium concentrations along the way are monitored. There 
are two main reasons to do titrations: 


e to determine the concentration of one of the reactants 
e to determine the equilibrium constant for the reaction 


In an acid-base titration, a solution containing a known concentration of base is 
slowly added to an acid (or the acid is added to the base). Acid-base indicators can be used 
to signal the equivalence point of a titration (the point at which stoichiometrically equiv- 
alent quantities of acid and base have been brought together). Alternatively, a pH meter 
can be used to monitor the progress of the reaction (Figure 17.6), producing a pH titra- 
tion curve, a graph of the pH as a function of the volume of titrant added. The shape of 
the titration curve makes it possible to determine the equivalence point. The curve can 
also be used to select suitable indicators and to determine the K, of the weak acid or the K, 
of the weak base being titrated. 

To understand why titration curves have certain characteristic shapes, we will exam- 
ine the curves for three kinds of titrations: (1) strong acid-strong base, (2) weak acid- 
strong base, and (3) polyprotic acid-strong base. We will also briefly consider how these 
curves relate to those involving weak bases. 


Strong Acid-Strong Base Titrations 


The titration curve produced when a strong base is added to a strong acid has the gen- 
eral shape shown in Figure 17.7, which depicts the pH change that occurs as 0.100 M 
NaOH is added to 50.0 mL of 0.100 M HCl. The pH can be calculated at various stages of 
the titration. To help understand these calculations, we can divide the curve into four 
regions: 


1. Initial pH: The pH of the solution before the addition of any base is deter- 
mined by the initial concentration of the strong acid. For a solution of 
0.100 M HCl, [H*] = 0.100 M and pH = —log(0.100) = 1.000. Thus, the initial pH 
is low. 


2. Between initial pH and equivalence point: As NaOH is added, the pH 
increases slowly at first and then rapidly in the vicinity of the equivalence point. 
The pH before the equivalence point is determined by the concentration of acid not 
yet neutralized. This calculation is illustrated in Sample Exercise 17.7(a). 


3. Equivalence point: At the equivalence point an equal number of moles of NaOH 
and HCl have reacted, leaving only a solution of their salt, NaCl. The pH of the solu- 
tion is 7.00 because the cation of a strong base (in this case Na”) and the anion of 
a strong acid (in this case Cl") are neither acids nor bases and, therefore, have no 
appreciable effect on pH. 


4. After equivalence point: The pH of the solution after the equivalence point is 
determined by the concentration of excess NaOH in the solution. This calculation is 
illustrated in Sample Exercise 17.7(b). 


Titration of a solution of a strong base with a solution of a strong acid yields an anal- 
ogous curve of pH versus added acid. In this case, however, the pH is high at the outset 
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W Go Figure 


In which direction do you expect the 
pH to change as NaOH is added to 
the HCI solution? 


Burette containing 
NaOH(aq) of known 
| concentration 


| 


Scene at anne a Me A 


pH meter 


Beaker containing 
| HCl(aq) of unknown 
concentration 


A Figure 17.6 Measuring pH during a titration. 
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W. CTT What volume of NaOH(aq) would be needed to reach the equivalence 
point if the concentration of the added base were 0.200 M? 


14 


12 


pH = 7.0 at 
10 equivalence point, 
NaCl(aq) salt solution 


pH 


Equivalence point “ia 


4 Equivalence point 
occurs when moles 
2 base = moles acid 


0.10 20 30 40 50 60 70 80 
mL NaOH 


Nat -@ 


~~ No H* left to 
react with excess 
OH™ (pH > 7.0) 


Only HCl(aq) 
present before 
titration 


Sy H* consumed as 
OH™ added, forming 
H20 (pH < 7.0) 


* completely 
ene by 
OH™ (pH = 7.0) 


© A Figure 17.7 Titration of a strong acid with a strong base. The pH curve for titration of 
50.0 mL of a 0.100 M solution of hydrochloric acid with a 0.100 M solution of NaOH( aq). 
For clarity, water molecules have been omitted from the molecular art. 


be Sample Exercise 17.7 
D Calculations for a Strong Acid-Strong Base Titration 


Calculate the pH when (a) 49.0 mL and (b) 51.0 mL of 0.100 M NaOH solution have been added to 50.0 mL of 0.100 M HCI solution. 


SOLUTION 

Analyze We are asked to calculate the pH at two points in the titra- of H* were originally present and how many moles of OH” were 
tion of a strong acid with a strong base. The first point is just before added. We can then calculate how many moles of each ion remain 
the equivalence point, so we expect the pH to be determined by the after the neutralization reaction. To calculate [H*], and hence pH, 
small amount of strong acid that has not yet been neutralized. The we must also remember that the volume of the solution increases 
second point is just after the equivalence point, so we expect this as we add titrant, thus diluting the concentration of all solutes 

pH to be determined by the small amount of excess strong base. present. Therefore, it is best to deal with moles first, and then 


convert to molarities using total solution volumes (volume of acid 
plus volume of base). (b) We proceed in the same way as in part (a) 
except we are now past the equivalence point and have more OH 
in the solution than H+. 


Plan (a) As the NaOH solution is added to the HCI solution, 
H*(aq) reacts with OH (aq) to form HO. Both Na* and CI” are 
spectator ions, having negligible effect on the pH. To determine 
the pH of the solution, we must first determine how many moles 


Solve 
(a) The number of moles of H* in the original 


HCI solution is given by the product of the 0.100 mol H* 

volume of the solution and its molarity: (0.0500 L-soin) ( 00m1") = 5.00 x 10-3 mol H* 
Likewise, the number of moles of OH” in a 

49.0 mL of 0.100 M NaOH is: (0.0490 L-soin) (°100mel OH = 4.90 x 10 mol OH- 
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Because we have not reached the equiva- 


: + 
lence point, there are more moles of H* pres- Before reaction (mol) 


H*(aq) + OH (aq) —> H,0(/) 
5.00 O 4.90 x 10°3 = 


ent than OH. Therefore, OH” is the limiting 


reactant. Each mole of OH” reacts with 1 Change (limiting reactant) (mol) |—4.90 x 10-3} —4.90 x 107-3 = 
mol of H”. Using the convention introduced After reaction (mol) 0.10 x 1073 0 = 
in Sample Exercise 17.6, we have: 
The volume of the reaction mixture increases 
as the NaOH solution is added to the HCl 
solution. Thus, at this point in the titration, 
the volume in the titration flask is: 50.0 mL + 49.0mL = 99.0mL = 0.0990 L 
Thus, the concentration of H*(aq) in the 7 moles H*(aq) 0.10 X 10™° mol Loxia 
a 0x 
flask is: DE iterssoln 0.09900 L 
The corresponding pH is: —log(1.0 x 107%) = 3.00 


= j 


(b) As before, the initial number of moles of H*(aq) + OH (aq) —" H,O(1) 
each reactant is determined from their vol- Bee icacn on non 5.00 X 10-3 5.10 x 10°3 = 
umes and concentrations. The reactant pres- 
ent in smaller stoichiometric amount (the Change (limiting reactant) |—5.00 x 1073 —5.00 x 1073 = 
limiting reactant) is consumed completely, (mol) 
leaving an excess of hydroxide ion. After reaction (mol) 0 0.10 x 1073 2 
In this case, the volume in the titration flask is: 50.0mL + 51.0mL = 101.0 mL = 0.1010 L 
Ae the concentration of OH (aq) in the — moles OH~(aq) 0.10 x 10-2 mol N 

i liters soln 0.1010 L : 
and we have: pOH = —log(1.0 x 1073) = 3.00 


pH = 14.00 — pOH 


14.00 — 3.00 = 11.00 


Comment Note that the pH increased by only two pH units, from point with 36.7 mL of a 0.1000 M aqueous solution of 

1.00 (Figure 17.7) to 3.00, after the first 49.0 mL of NaOH solution NaOH. Which of the following statements is not true of this 

was added, but jumped by eight pH units, from 3.00 to 11.00, as titration? 

2.0 mL of base solution was added near the equivalence point. (a) The HCI solution is less concentrated than the NaOH solu- 

Such a rapid rise in pH near the equivalence point is a characteris- tion. (b) The pH is less than 7 after adding 25 mL of NaOH 

tic of titrations involving strong acids and strong bases. solution. (c) The pH at the equivalence point is 7.00. (d) If an 
additional 1.00 mL of NaOH solution is added beyond the 

> Practice Exercise equivalence point, the pH of the solution is more than 7.00. 


An acid-base titration is performed: 250.0 mL of an unknown 
concentration of HCl (aq) is titrated to the equivalence 


(e) At the equivalence point, the OH concentration in the 
solution is 3.67 X 10° M. 


of the titration and low at its completion (Figure 17.8). The pH at the 
equivalence point is still 7.0 (at 25 °C), just like the strong acid-strong 
base titration. 


Weak Acid-Strong Base Titrations 


The curve for titration of a weak acid by a strong base is similar to the 
curve in Figure 17.7. Consider, for example, the curve for titration of 
50.0 mL of 0.100 M acetic acid with 0.100 M NaOH shown in Figure 17.9. 
We can calculate the pH at points along this curve, using principles 
we discussed earlier, which means again dividing the curve into four 
regions: 

1. Initial pH: We use K, to calculate this pH, as shown in Section 

16.5. The calculated pH of 0.100 MCH3COOH is 2.89. 


2. Between initial pH and equivalence point: Prior to reaching 
the equivalence point, the acid is being neutralized, and its conju- 
gate base is being formed: 


CH3COOH(aq) + OH (aq) —> CH3COO (aq) + H20(1) [17.12] 


Equivalence point 


0 10 20 30 40 50 60 70 80 
mL acid 
A Figure 17.8 Titration of a strong base with a strong acid. The 


pH curve for titration of 50.0 mL of a 0.100 M solution of a 
strong base with a 0.100 M solution of a strong acid. 
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If the acetic acid being titrated here were replaced by hydrochloric acid, 
would the amount of base needed to reach the equivalence point change? 


Would the pH at the equivalence point change? 


CHCOOH 


CH3COOH(aq) 
solution before 
titration 


Sy Added OH’ converts 
CH3COOH(aq) into 


CH3COO (aq), 
forming buffer solution. 


pH change near the 
equivalence point is 
smaller than in strong 

acid-strong base titration. 


pH > 7.0 at equivalence 
point because CH3COO — 
is a weak base that reacts 


Equivalence point 
with water to make OH . 


Equivalence point 
occurs when moles 
base = moles acid. 


ey Acid completely 
neutralized by added 
base, CH3zCOONa(aq) 
salt solution results 


mm No acid left to react 
with excess OH 


A Figure 17.9 Titration of a weak acid with a strong base. The pH curve for titration of 
50.0 mL of a 0.100 M solution of acetic acid with a 0.100 M solution of NaOH(aq). 
For clarity, water molecules have been omitted from the molecular art. 


Thus, the solution contains a mixture of CH3;COOH and CH3COO -. Calculating the pH 
in this region involves two steps. First, we consider the neutralization reaction between 
CH3COOH and OH to determine [CH3COOH] and [CH3COO ]. Next, we calculate 
the pH of this buffer pair using procedures developed in Sections 17.1 and 17.2. The gen- 
eral procedure is diagrammed in Figure 17.10 and illustrated in Sample Exercise 17.8. 


. Equivalence point: The equivalence point is reached when 50.0 mL of 


0.100 MNaOH has been added to the 50.0 mL of 0.100 MCH3COOH. At this 
point, the 5.00 x 107° mol of NaOH completely reacts with the 5.00 x 107% mol of 
CH3COOH to form 5.00 x 10-3 mol of CH;COONa. The Na’ ion of this salt has no 
significant effect on the pH. The CH;COO ion, however, is a weak base whose reac- 
tion with water cannot be neglected, and the pH at the equivalence point is there- 
fore greater than 7. In general, the pH at the equivalence point is always above 7 ina 
weak acid-strong base titration because the anion of the salt formed is a weak base. 
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Neutralization reaction: 
[HA] decreases 
[A] increases 


Solution ai = Calculate new Use K,, [HA], 
containing ——— Hay) OH a? _ valuesof ——~> and[A ]to 
weak acid Add A (aq) + HOD [HA] and [A7] calculate [H*] 
strong 
base 
L ye IN J 


D Stoichiometry 6 Equilibrium 
calculation calculation 


A Figure 17.10 Procedure for calculating pH when a weak acid is partially neutralized by a strong base. 


Ns. Sample Exercise 17.8 
VM Calculations for a Weak Acid-Strong Base Titration 


Calculate the pH of the solution formed when 45.0 mL of 0.100 M NaOH is added to 50.0 mL of 0.100 MCH3COOH 
(K, = 1.8 x 10°). 


SOLUTION 
Analyze We are asked to calculate the pH before the equivalence reaction (the stoichiometry calculation). We then calculate 
point of the titration of a weak acid with a strong base. pH using Ka [CH;COOH], and [CH3;COO ] (the equilibrium 
Plan We first must determine the number of moles of calculation). 
CHCOOH and CH3;COO™ present after the neutralization 
Solve 0.100 mol CH; COOH 3 
ache : (0.0500 Lsoein) 5.00 x 10™ mol CH;COOH 
Stoichiometry Calculation: The product of the 1Lsoin 
volume and concentration of each solution 
0.100 mol NaOH 
gives the number of moles of each reactant (0.0450 Lsoin)( 1 ) 4.50 x 10°? mol NaOH 
present before the neutralization: 
The 4.50 x 1073 mol of NaOH consumes CH3COOH(aq) + OH-(aq) —> CH3COO(aq) + H20(1) 
4.50 X 10-3 mol of CH;COOH: 
Before reaction E E 
(ma 5.00 x 10 4.50 x 10 0 — 
Change (limiting 


= =3 | e 3 
reactant) (mol) 4.50 x 10°” |-4.50 x 10 +4.50 x 10 


After reaction 


-3 -3 7 

(mol) 0.50 x 10 0 4.50 x 10 

The total volume of the solution is: 45.0mL + 50.0mL = 95.0mL = 0.0950 L 

The resulting molarities of CHCOOH and 0.50 X 10-3 mol 

CH3;COO- after the reaction are therefore: [CH3;COOH | - 0.0950L 0.0053 M 

4.50 x 10° mol 

[CH3COO] a ee 0.0474 M 

Equilibrium Calculation: The equilibrium 

between CH3COOH and CH3COO must 

obey the equilibrium expression for [H*][CH3COO7] 

HCOOH: K 1.8 x 10° 

CHaCOO a [CHCOOH] o 

Solving for [H*] gives: E [CH;COOH] = (20055) 2 2 
[EE] Ka X TGH,COO™] (1.8 x 10) x 0.0474 = 2.0 xX 10°M 


pH = —log(2.0 x 10%) = 5.70 


Continued 
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Comment We could have solved for pH equally well using the 
Henderson-Hasselbalch equation in the last step. 


> Practice Exercise 
If you think carefully about what happens during the course of a 
weak acid-strong base titration, you can learn some very interest- 
ing things. For example, let’s look back at Figure 17.9 and pretend 


you did not know that acetic acid was the acid being titrated. You 
can figure out the pK, of a weak acid just by thinking about the 
definition of K, and looking at the right place on the titration 
curve! Which of the following choices is the best way to do this? 
(a) At the equivalence point, pH = pK,. (b) Halfway to the 
equivalence point, pH = pK,. (c) Before any base is added, 
pH = pKa. (d) At the top of the graph with excess base added, 
pH = pKa- 


The procedure for calculating the pH of the solution of a weak base is described in 
Section 16.6 and is shown in Sample Exercise 17.9. 


4. After equivalence point (excess base): In this region, [OH] from the reac- 
tion of CH;COO™ with water is negligible relative to [OH ] from the excess NaOH. 
Thus, the pH is determined by the concentration of OH” from the excess NaOH. 
The method for calculating pH in this region is therefore like that illustrated in Sam- 
ple Exercise 17.7(b). Thus, the addition of 51.0 mL of 0.100 M NaOH to 50.0 mL of 


a Sample Exercise 17.9 
D Calculating the pH at the Equivalence Point 


SOLUTION 


of the titration of a weak acid with a strong base. Because the neu- 
tralization of a weak acid produces its anion, a conjugate base that 
can react with water, we expect the pH at the equivalence point to 
be greater than 7. 


Solve 


The number of moles of acetic acid in the initial solution is 
obtained from the volume and molarity of the solution: 


Analyze We are asked to determine the pH at the equivalence point 


Calculate the pH at the equivalence point in the titration of 50.0 mL of 0.100 M CHCOOH with 0.100 M NaOH. 


Plan The initial number of moles of acetic acid equals the number 
of moles of acetate ion at the equivalence point. We use the vol- 
ume of the solution at the equivalence point to calculate the con- 
centration of acetate ion. Because the acetate ion is a weak base, 
we can calculate the pH using K, and [CH3;COO ]. 


Moles = M x V = (0.100 mol/L)(0.0500 F) 
= 5.00 x 10-3 mol CH;COOH 


Hence, 5.00 x 107% mol of CH3;COO7 is formed. It will 

take 50.0 mL of NaOH to reach the equivalence point (Fig- 
ure 17.9). The volume of this salt solution at the equiva- 
lence point is the sum of the volumes of the acid and base, 
50.0mL + 50.0 mL = 100.0 mL = 0.1000 L. Thus, the con- 
centration of CH3;COO’ is: 


The CH3;COO7 ion is a weak base: 


5.00 x 1073 mol 
0.1000 L 


[CH;CO07] 0.0500 M 


CH;COO (aq) + H20(1) == CH3;COOH(aq) + OH (aq) 


The K, for CH3COO™ can be calculated from the K, value 
of its conjugate acid, K, = K,,/K, = (1.0 x 1071$)/ 

(1.8 x 1075) = 5.6 x 107!°. Using the K, expression, 
we have: 


Making the approximation that 0.0500 — x = 0.0500, and 
then solving for x, we have: 


Check The pH is above 7, as expected for the salt of a weak acid and 
strong base. 


> Practice Exercise 
Why is pH at the equivalence point larger than 7 when you 
titrate a weak acid with a strong base? (a) There is excess 


[CH;COOH][OH7] 


(x) 
Ky [CH;CO07] 


—10 
goso- °° 


x = [OH] = 5.3 x 10°°M, 
which gives pOH = 5.28 and pH = 8.72 


strong base at the equivalence point. (b) There is excess weak 
acid at the equivalence point. (c) The conjugate base that is 
formed at the equivalence point is a strong base. 

(d) The conjugate base that is formed at the equivalence 
point reacts with water. (e) This statement is false: the pH is 
always 7 at an equivalence point in a pH titration. 


either 0.100 M HCI or 0.100 MCH3COOH yields the same 
pH, 11.00. Notice by comparing Figures 17.7 and 17.9 that the 
titration curves for a strong acid and a weak acid are the same 
after the equivalence point. 


In order to further monitor the evolution of pH as a function 
of added base, we can calculate the pH at the equivalence point. 

The titration curve for a weak acid-strong base titration (Fig- 
ure 17.9) differs from the curve for a strong acid-strong base titra- 
tion (Figure 17.7) in three noteworthy ways: 


14 


12 = 
Initial p 


1. The solution of the weak acid has a higher initial pH than a 
solution of a strong acid of the same concentration. 


2. The pH change in the rapid-rise portion of the curve near the 
equivalence point is smaller for the weak acid than for the 
strong acid. 


3. The pH at the equivalence point is above 7.00 for the weak 
acid titration. 


The weaker the acid, the more pronounced these differ- 
ences become. To illustrate this consider the family of titration 
curves shown in Figure 17.11. Notice that as the acid becomes 
weaker (that is, as K, becomes smaller), the initial pH increases 
and the pH change near the equivalence point becomes less 
marked. Furthermore, the pH at the equivalence point steadily 
increases as K, decreases, because the strength of the conju- 
gate base of the weak acid increases. It is virtually impossible 
to determine the equivalence point when pK, is 10 or higher 
because the pH change is too small and gradual. 

pH titration experiments are an excellent way to mea- 
sure the pK, of a weak acid. Look at Figure 17.11. Notice that 
for each acid solution, 50 mL of strong base is required to 
reach the equivalence point. This means, of course, that 50 mL of base is required to 
convert the HA molecules into A conjugate base anions. Also notice that halfway 
to each equivalence point (at 25 mL base added), the pH of the solution is nearly equal to 
the pK, of the acid. Is this a coincidence? No! Recall that K, = [H*][A ]/[HA], where all 
concentrations are those at equilibrium. Halfway to the equivalence point, half of [HA] 
has been converted to [A ]. In other words, [HA] = [A ]. Therefore, [HA]/[A™] = 1. In 
which case, K, = [H"], and therefore pK, = pH. 

It becomes possible, then, to determine the pK, of a weak acid from its pH titration 
curve. Once you identify the amount of base needed to reach the equivalence point, find 
the pH on the curve at halfway to the equivalence point. The pH you read off the graph 
at that point corresponds to the pK, of the weak acid. If the acid’s concentration is too 
low, however, the autoionization of water becomes significant, and this graphical way of 
measuring pK, is not as accurate. 


Titrating with an Acid-Base Indicator 


Often in an acid-base titration, an indicator is used rather than a pH meter. An indica- 
tor is a compound that changes color in solution over a specific pH range. Optimally, 
an indicator should change color at the equivalence point in a titration. In practice, 
however, an indicator need not precisely mark the equivalence point. The pH changes 
very rapidly near the equivalence point, and in this region one drop of titrant can 
change the pH by several units. Thus, an indicator beginning and ending its color 
change anywhere on the rapid-rise portion of the titration curve gives a sufficiently 
accurate measure of the titrant volume needed to reach the equivalence point. The 
point in a titration where the indicator changes color is called the end point to distin- 
guish it from the equivalence point that it closely approximates. 

Figure 17.12 shows the curve for titration of a strong base (NaOH) with a strong 
acid (HCl). We see from the vertical part of the curve that the pH changes rapidly 
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W Go Figure 


H 


increases as 
Ka decreases. 


20 


Equivalence point = 


Strong acid 


30 40 
mL NaOH 


50 


How does the pH at the equivalence point change as the 
acid being titrated becomes weaker? How does the volume 
of NaOH(aq) needed to reach the equivalence point change? 


pH at equivalence 
point (marked with 
circles) increases 
as Ka decreases. 


60 


A Figure 17.11 A set of curves showing the effect of acid strength 
on the characteristics of the titration curve when a weak acid is 
titrated by a strong base. Each curve represents titration of 50.0 mL 
of 0.10 M acid with 0.10 M NaOH. 
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V Go Figure 


Is methyl red a suitable indicator when you are titrating a strong acid 
with a strong base? Explain your answer. 


14 

13 

12 

11} 

10 Phenolphthalein 
9 color-change 
8 interval 

pH 7 
6 
5 
4 Methyl red 
color-change 
3 interval 
2 
1 


0 10 20 30 40 50 60 70 80 
mL HCl 
A Figure 17.12 Using color indicators for titration of a strong base with a strong 


acid. Both phenolphthalein and methyl red change color in the rapid-change 
portion of the titration curve. 


from roughly 11 to 3 near the equivalence point. 
Consequently, an indicator for this titration 
can change color anywhere in this range. Most 
strong acid-strong base titrations are carried out 
using phenolphthalein as an indicator because 
it changes color in this range (see Figure 16.7, 
p. 771). Several other indicators would also be satis- 
factory, including methyl red, which, as the lower 
color band in Figure 17.12 shows, changes color in 
the pH range from about 4.2 to 6.0. 

As noted in our discussion of Figure 17.11, 
because the pH change near the equivalence point 
becomes smaller as K, decreases, the choice of indi- 
cator for a weak acid-strong base titration is more 
critical than it is for titrations where both acid 
and base are strong. When 0.100 M CHCOOH 
(Ka = 1.8 X 1075) is titrated with 0.100 M NaOH, 
for example, the pH increases rapidly only over the 
pH range from about 7 to 11 (Figure 17.13). Phenol- 
phthalein is therefore an ideal indicator because it 
changes color from pH 8.3 to 10.0, close to the pH at 
the equivalence point. Methyl red is a poor choice, 
however, because its color change, from 4.2 to 6.0, 
begins well before the equivalence point is reached. 

Titration of a weak base (such as 0.100 M NH3) 
with a strong acid solution (such as 0.100 M HCl) 


leads to the titration curve shown in Figure 17.14. In this example, the equivalence point 
occurs at pH 5.28. Thus, methyl red is an ideal indicator, but phenolphthalein would be 


a poor choice. 


Phenolphthalein indicator 
Color-change interval 8.3 < pH < 10.0 


Equivalence point 


Good choice. Suitable indicator for titration of a 
weak acid with a strong base because equivalence 
point falls within the color-change interval 


A Figure 17.13 Good and poor indicators for titration of a weak acid with a strong base. 


Methyl red indicator 
Color-change interval 4.2 < pH < 6.0 


Poor choice. Unsatisfactory indicator for titration of a 
weak acid with a strong base because color 
changes before reaching equivalence point 
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Phenolphthalein indicator Methyl red indicator 
Color-change interval 8.3 < pH < 10.0 Color-change interval 4.2 < pH < 6.0 


Poor choice. Unsatisfactory indicator for titration Good choice. 


Suitable indicator for titration of a 


of a weak base with a strong acid because color weak base with a strong acid because equivalence 
changes before reaching equivalence point point falls within the color-change interval 


A Figure 17.14 Good and poor indicators for titration of a weak base with a strong acid. 


Titrations of Polyprotic Acids 


When weak acids contain more than one ionizable H atom, the reaction with OH occurs 
in a series of steps. Neutralization of phosphorous acid, H3PO3, for example, proceeds in 
two steps (the third H is bonded to the P and does not ionize): 


H3PO3(aq) + OH (aq) —> HPO; (aq) + H20(1) [17.13] 
HPO; (aq) + OH (aq) —> HPO# (aq) + H2O(I) [17.14] 


When the neutralization steps of a polyprotic acid or polybasic base are sufficiently 
separated, the titration has multiple equivalence points. Figure 17.15 shows the two 
equivalence points corresponding to Equations 17.13 and 17.14. 

You can use titration data such as that shown in Figure 17.15 to figure out the pK,s of 
the weak polyprotic acid. For example, let’s write the K,; and Kaz reactions for phospho- 
rous acid: 

[H2PO3 ][H*] 


H3PO3(aq) == HPO; (aq) + H*(aq) Ka = [H;PO;] 


[HPO;”"][H*] 


HPO (ag) = HPO$ (aq) + H"(aq) Kaa = PO] 


If we rearrange these equilibrium expressions, you see that we obtain Henderson- 
Hasselbalch equations: 

[H2PO3 ] 

[H3PO3] 


pH = pKa + log 


7 ae [HPO;7 | 
p PKaz + log [H>PO5] 


Therefore, if the concentrations of each acid and base conjugate pair are identical for 
each equilibrium, log (1) = 0 and so pH = pK,. When does this happen during the 
titration? At the beginning of the titration, the acid is H3PO3 initially; at the first equiv- 
alence point, it is all converted to H,PO3;.. Therefore, halfway to the first equivalence 
point, half of the H3PO3 is converted to HPO; . Thus, halfway to the equivalence point, 
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Ní G what is/are the dominant species in solution at pH = 4: H3POs, 
H,PO3 , HPO”, and/or PO;* ? At pH = 11? 


Starting point First equivalence point Second equivalence point 


0 
0 10 20 30 40 50 60 70 80 90 100 110 
mL NaOH 


A Figure 17.15 Titration curve for a diprotic acid. The curve shows the pH change when 50.0 mL 
of 0.10 MH3P0sz is titrated with 0.10 M NaOH. 


the concentration of HPO; is equal to that of H,PO3 , and at that point, pH = pKa. 
Similar logic is true for the second equilibrium reaction: halfway toward its equivalence 
point, pH = pK». 

We can then just look at titration data and estimate the pK;,s for the polyprotic acid 
directly from the titration curve. This procedure is especially useful if you are trying to iden- 
tify an unknown polyprotic acid. In Figure 17.15, for instance, the first equivalence point 
occurs for 50 mL NaOH added. Halfway to the equivalence point corresponds to 25 mL 
NaOH. Because the pH at 25 mL NaOH is about 1.5 we may estimate pK,; = 1.5 for phos- 
phorous acid. The second equivalence point occurs at 100 mL NaOH added; halfway there 
(from the first equivalence point) is at 75 mL NaOH added. The graph indicates the pH 
at 75 mL NaOH added is about 6.5, and we therefore estimate that pK,2 for phosphorous 
acid is 6.5. The actual values for the two pKąs are pK,,; = 1.3 and pK, = 6.7 (close to our 
estimates). 


Self-Assessment Exercises 


17.15 Atitration involves the addition of a strong acid (0.100 M) to 17.16 Estimate the pK, of the weak base illustrated in figure 17.14. 
50.0 mL of a strong base (0.100 M). What is the pH after the (a) 11.0 
addition of 40.0 mL of acid? 
(b) 9.4 
(a) 13.00 
(c) 5.2 
(b) 12.05 


d) 2.0 
(c) 11.95 @) 


Exercises 


17.17 The accompanying graph shows the titration curves for two 


monoprotic acids. (a) Which curve is that of a strong acid? 
(b) What is the approximate pH at the equivalence point 
of each titration? (c) 40.0 mL of each acid was titrated with 
a 0.100 M base. Which acid is more concentrated? (d) Esti- 
mate the pK, of the weak acid. 


17.19 
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(c) Methyl red would be a suitable indicator for both 
titrations. 


Predict whether the equivalence point of each of the fol- 
lowing titrations is below, above, or at pH 7: (a) benzoic 
acid titrated with KOH, (b) ammonia titrated with iodic 
acid, (c) hydroxylamine with hydrochloric acid. 


14 17.20 Assume that 30.0 mL of a 0.10 M solution of a weak base B 
that accepts one proton is titrated with a 0.10 M solution 
12 of the monoprotic strong acid HA. (a) How many moles of 
HA have been added at the equivalence point? (b) What 
10 is the predominant form of B at the equivalence point? 
(a) Is the pH 7, less than 7, or more than 7 at the equivalence 
8 point? (d) Which indicator, phenolphthalein or methyl 
pH red, is likely to be the better choice for this titration? 
17.21 How many milliliters of 0.105 M HCl are needed to titrate each 
4 of the following solutions to the equivalence point: (a) 45.0 
mL of 0.0950 M NaOH, (b) 22.5 mL of 0.118 MNHs, (c) 125.0 
2 mL ofa solution that contains 1.35 g of NaOH per liter? 
17.22 A 20.0 mL sample of 0.150 M KOH is titrated with 0.125 M 
0 HClO; solution. Calculate the pH after the following vol- 
0 10 oe 50 60 umes of acid have been added: (a) 20.0 mL, (b) 23.0 mL, 
(c) 24.0 mL, (d) 25.0 mL, (e) 30.0 mL. 

17.18 Determine whether each of the following statements 17.23 Consider the titration of 30.0 mL of 0.050 M NH; with 
concerning titration of 25.0 mL 1.0 M HNO; (aq) and 0.025 M HCl. Calculate the pH after the following volumes 
25.0 mL 1.0 M CHCOOH (aq) against 0.100 M solution of of titrant have been added: (a) 0 mL, (b) 20.0 mL, (c) 59.0 
NaOH (aq) is true or false. mL, (d) 60.0 mL, (e) 61.0 mL, (£) 65.0 mL. 

(a) The pH at the beginning of the two titrations will be 17.24 Calculate the pH at the equivalence point in titrating 0.100 


the same. 


(b) The titration curves will both be essentially the same 
after passing the equivalence point. 


M solutions of each of the following with 0.080 M NaOH: 
(a) hydrobromic acid (HBr), (b) chlorous acid (HC1Oz), 
(c) benzoic acid (CsH;COOH). 


(a) SELL 


y 


(a) OFZ 
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For over one hundred years, X-rays have been used in medical diagnosis and provide a 
non-invasive way to see inside a patient. While they are useful for highlighting broken 
bones and displaced joints, they are not so good at imaging soft tissue. A way around this, 
at least for imaging the gastrointestinal tract, is to use a contrast agent or ‘radio opaque’ 
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compound such as barium sulfate. A slurry of barium sulfate in water is swallowed and 

coats the inside of the upper digestive tract. The barium ions scatter the X-rays and prevent 

them from passing through the body to the detector on the other side. In this way, the 

images of the throat, stomach, and small intestine are obtained. Barium ions are toxic to 

humans; however, the solubility of barium sulfate is so low that it is considered safe to use. 
By the end of this section, you should be able to 


e Calculate K, A from molar solubility and molar solubility from K,,. 


The equilibria we have considered thus far in this chapter have involved acids and 
bases. Furthermore, they have been homogeneous; that is, all the species have been in the 
same phase. Through the rest of the chapter, we will consider the equilibria involved in 
the dissolution or precipitation of ionic compounds. These reactions are heterogeneous. 

Dissolution and precipitation occur both within us and around us. Tooth enamel dis- 
solves in acidic solutions, for example, causing tooth decay, and the precipitation of cer- 
tain salts in our kidneys produces kidney stones. The waters of Earth contain salts dissolved 
as water passes over and through the ground. Precipitation of CaCO; from groundwater is 
responsible for the formation of stalactites and stalagmites within limestone caves. 

In our earlier discussion of precipitation reactions, we considered general rules for pre- 
dicting the solubility of common salts in water. These rules give us a qualitative sense of 
whether a compound has a low or high solubility in water. By considering solubility equi- 
libria, however, we can make quantitative predictions about solubility. 


The Solubility-Product Constant, Ksp 


Recall that a saturated solution is one in which the solution is in contact with undissolved sol- 
ute. Consider, for example, a saturated aqueous solution of BaSO, in contact with solid BaSO,. 
Because the solid is an ionic compound, it is a strong electrolyte and yields Ba?*(aq) and 
SO,” (aq) ions when dissolved in water, readily establishing the equilibrium 


BaSO,(s) === Ba’*(aq) + SO (aq) [17.15] 


As with any other equilibrium, the extent to which this dissolution reaction occurs is ex- 
pressed by the magnitude of the equilibrium constant. Because this equilibrium equation 
describes the dissolution of a solid, the equilibrium constant indicates how soluble the 
solid is in water and is referred to as the solubility-product constant (or simply the 
solubility product). It is denoted K,,, where sp stands for solubility product. 

The equilibrium expression for the equilibrium between a solid and an aqueous solu- 
tion of its component ions (K,,) is written according to the rules that apply to any other 
equilibrium expression. Remember, however, that solids do not appear in the equilibrium 
expressions for heterogeneous equilibrium. 

Thus, the solubility-product expression for BaSO,, which is based on Equation 17.15, is 


Ksp = [Ba?*][SO,?" ] [17.16] 


‘= Sample Exercise 17.10 
D Writing Solubility-Product (Ksp) Expressions j 


Write the expression for the solubility-product constant for CaF2, and look up the corresponding Ksp value in Appendix D. 


SOLUTION Solve The expression for K,, is 

Analyze We are asked to write an equilibrium expression for the Ksp = [Ca?* ][F7]? 

process by which CaF, dissolves in water. Appendix D gives 3.9 x 1071! for this Ke 

Plan We apply the general rules for writing an equilibrium- 

constant expression, excluding the solid reactant from the expres- z p 

sion. We assume that the compound dissociates completely into > Practice Exercise 

its component ions: Which of these expressions correctly expresses the solubility- 
Cak)(s) === Ca2+ (aq) + 2F-(aq) product constant for Ag3PO, in water? 


(a) [Ag][PO4] (b) [Ag*][PO"]_ (©) [Ag+] [PO,"-] 
(®@ [Ag*][PO.~]? (e) [Ag [P02 ]? 
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The coefficient for each ion in the equilibrium equation also equals its subscript in the 
compound’s chemical formula. 


In general, the solubility product Ks, of a compound equals the product of the 
concentration of the ions involved in the equilibrium, each raised to the power 
of its coefficient in the equilibrium equation. 


The values of K, at 25 °C for many ionic solids are tabulated in Appendix D. The 
value of K,, for BaSO, is 1.1 x 1071, a very small number indicating that only a very 
small amount of the solid dissolves in 25 °C water. 


Solubility and K,, 


It is important to distinguish carefully between solubility and the solubility-product 
constant. The solubility of a substance is the quantity that dissolves to form a saturated 
solution. Solubility is often expressed as grams of solute per liter of solution (g/L). Molar 
solubility is the number of moles of solute that dissolve in forming 1 L of saturated solu- 
tion of the solute (mol/L). The solubility-product constant (K,,) is the equilibrium 
constant for the equilibrium between an ionic solid and its saturated solution and is a 
unitless number. Thus, the magnitude of K,, is a measure of how much of the solid dis- 
solves to form a saturated solution. 

The solubility of a substance can change considerably in response to a number of fac- 
tors. For example, the solubilities of hydroxide salts, like Mg(OH)2, are dependent upon 
the pH of the solution. The solubility is also affected by con- 
centrations of other ions in solution, especially common ions. 


: aa . Mass solubility 
In other words, the numeric value Of mle solubility of a given of compound Ka 
solute does change as the other species in solution change. In (g/L) 
contrast, the solubility-product constant, Ksp, has only one 
value for a given solute at any specific temperature.* Figure 17.16 Formula Solubility 
summarizes the relationships among various expressions of weight . equilibrium 
solubility and Ksp. = ee 
In principle, it is possible to use the K,, value of a salt to cal- Molar solubility Molar . 
Ea F ae : of compound concentration 
culate solubility under a variety of conditions. In practice, great <I 5 
(mol/L) of ions 


care must be taken in doing so for the reasons indicated in “A 
Closer Look: Limitations of Solubility Products” at the end of 
this section. Agreement between the measured solubility and 


A Figure 17.16 Procedure for converting between solubility and K,,. 
Starting from the mass solubility, follow the green arrows to determine 


that calculated from Ksp is usually best for salts whose ions have K.. Starting from Ksp, follow the red arrows to determine either molar 


low charges (1+ and 1-) and do not react with water. solubility or mass solubility. 


P Sample Exercise 17.11 
D Calculating K,, from Solubility 


oz 


Solid silver chromate is added to pure water at 25°C, and some of the solid remains undissolved. The mixture is stirred for 
several days to ensure that equilibrium is achieved between the undissolved AgsCrO,4(s) and the solution. Analysis of the 
equilibrated solution shows that its silver ion concentration is 1.3 x 1074 M. Assuming that the Ag»CrO, solution is saturated 
and that there are no other important equilibria involving Ag* or CrO,°~ ions in the solution, calculate Ksp for this compound. 


o calculate we need the equilibrium concentrations o: an 
SOLUTION To calculate Ksp, d the equilibri ions of Agt and 


Analyze We are given the equilibrium concentration of Ag* in a 
saturated solution of Agy»CrO, and asked to determine the value of 
Ksp for AgyCrO4. 


Plan The equilibrium equation and the expression for K,, are 


CrO,?~. We know that at equilibrium [Ag*] = 1.3 x 1077 M. All 
the Ag* and CrO,7~ ions in the solution come from the Ag,CrO, 
that dissolves. Thus, we can use [Ag*] to calculate [CrO27 ]. 


Solve From the chemical formula of silver chromate, we know 
that there must be two Ag* ions in solution for each CrO,2~ ion in 


Ag,CrO,4(s) == 2 Ag*(aq) + CrO?~ (aq) solution. Consequently, the concentration of CrO?7 is half the 


Ko= 1 Ag PICO] concentration of Ag*: 


*This is strictly true only for very dilute solutions, for K,, values change somewhat when the con- 
centration of ionic substances in water is increased. However, we will ignore these effects, which 
are taken into consideration only for work that requires exceptional accuracy. 


Continued 
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1.3 x —_ (* mol CrO, 


6.5X10°M 
L 2 mol Ag ) 


[Cro | ( 


and Ky is 
Ky = [Ag [CrO] = (1.3 x 10°4)7(6.5 x 10%) = 1.1 x 10° 
Check We obtain a small value, as expected for a slightly soluble 


salt. Furthermore, the calculated value agrees well with the one 
given in Appendix D, 1.2 x 10”. 


a Sample Exercise 17.12 
I Calculating Solubility from Ksp 


SOLUTION 


Analyze We are given K,, for CaF, and asked to determine solubil- 
ity. Recall that the solubility of a substance is the quantity that 
can dissolve in solvent, whereas the solubility-product constant, 


Ksp, is an equilibrium constant. 
Plan To go from K,, to solubility, we follow the steps indicated by 


the red arrows in Figure 17.16. We first write the chemical equation 


Solve 


> Practice Exercise 


You add 10.0 grams of solid copper(II) phosphate, 
Cu3(PO,4)2, to a beaker and then add 100.0 mL of water 

to the beaker at T = 298 K. The solid does not appear to 
dissolve. You wait a long time, with occasional stirring 

and eventually measure the equilibrium concentration of 
Cu?* (aq) in the water to be 5.01 x 10-8 M. What is the Ksp 
of copper(II) phosphate? 


(a) 5.01 x 10° (b)2.50 x 10715 
(d) 3.16 x 10°” (e) 1.40 x 10°77 


(c) 4.20 x 10° 


The Kp for CaFp is 3.9 x 107! at 25°C. Assuming equilibrium is established between solid and dissolved CaF», and that 
there are no other important equilibria affecting its solubility, calculate the solubility of CaF> in grams per liter. 


for the dissolution and set up a table of initial and equilibrium 
concentrations. We then use the equilibrium expression. In this 
case we know K,,, and so we solve for the concentrations of the 
ions in solution. Once we know these concentrations, we use the 
formula weight to determine solubility in g/L. 


Check We expect a small number for the solubility of a slightly soluble 
salt. If we reverse the calculation, we should be able to recalculate the 
solubility product: Ky, = (2.1 x 107*)(4.2 x 1074)? = 3.7 x 107", 
close to the value given in the problem statement, 3.9 x 10711, 


Comment Because F is the anion of a weak acid, you might expect 
hydrolysis of the ion to affect the solubility of CaF,. The basicity 
of F` is so small (K, = 1.5 X 107!!), however, that the hydrolysis 
occurs to only a slight extent and does not significantly influence 
the solubility. The reported solubility is 0.017 g/L at 25 °C, in good 
agreement with our calculation. 


CaF,(s) === Ca?*(aq) + 2F (aq) 
Assume that initially no salt has dissolved, = y 
and then allow x mol/L of CaF, to dissociate Initial concentration (M) = 0 0 
completely when equilibrium is achieved: Change (M) = +x +2x 
Equilibrium concentration (M) — X 2X 
The stoichiometry of the equilibrium dictates 
that 2x mol/L of F` are produced for each 
x mol/L of CaF, that dissolve. We now use the 
expression for Ksp and substitute the equilib- 
rium concentrations to solve for the value of x: Ksp = [Ca?*][F-? = (x)(2x)? = 4x3 = 3.9 x 10°77 
(Remember that Wy = y"/3.) Thus, the molar o V3.9 x 1071 2.1 x 10 
solubility of CaF, is 2.1 x 10-4 mol/L. E oS 
The mass of CaF, that dissolves in water to 2.1 X 104 mol €aF; \ / 78.1 g CaF, = ; 
form 1 L of solution is: ( 1Lsoln N 1 ee) 1.6 x 10°" g CaFz/L solution 


> Practice Exercise 
Of the five salts listed here, which has the highest concentra- 
tion of its cation in water? Assume that all salt solutions are 
saturated and that the ions do not undergo any additional 
reactions in water. 
(a) lead(II) chromate, K,, = 2.8 x 1078 


(b) cobalt(II) hydroxide, K,, = 1.3 x 10° 

(c) cobalt(II) sulfide, K = 5 x 10°” 

(d) chromium(III) hydroxide, Kp = 1.6 x 10° 
(e) silver sulfide, K,, = 6 x 1075! 
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A CLOSER LOOK Qe ST aoe E Í f 


Ion concentrations calculated from K,, values sometimes deviate appre- 
ciably from those found experimentally. In part, these deviations are 
due to electrostatic interactions between ions in solution, which can 
lead to ion pairs. (“The van’t Hoff Factor”) These interactions increase 
in magnitude both as the concentrations of the ions increase and as 
their charges increase. The solubility calculated from Ksp tends to be low 
unless corrected to account for these interactions. 

As an example of the effect of these interactions, consider CaCO; 
(calcite), whose solubility product, 4.5 x 10°, gives a calculated sol- 
ubility of 6.7 x 10°° mol/L; correcting for ionic interactions in the 
solution yields 7.3 x 10° mol/L. The reported solubility, however, 
is 1.4 x 10°* mol/L, indicating that there must be additional factors 
involved. 

Another common source of error in calculating ion concentra- 
tions from Ks is ignoring other equilibria that occur simultaneously 


in the solution. It is possible, for example, that acid-base equilibria 
take place simultaneously with solubility equilibria. In particular, 
both basic anions and cations with high charge-to-size ratios undergo 
hydrolysis reactions that can measurably increase the solubilities of 
their salts. For example, CaCO; contains the basic carbonate ion 
(Kp = 1.8 X 1074), which reacts with water: 


CO" (aq) + H,O(1) == HCO 3 (aq) + OH (aq) 


If we consider the effect of ion-ion interactions as well as simul- 
taneous solubility and K, equilibria, we calculate a solubility of 
1.4 x 10°* mol/L, in agreement with the measured value for calcite. 

Finally, we generally assume that ionic compounds dissociate 
completely when they dissolve, but this assumption is not always 
valid. When MgF, dissolves, for example, it yields not only Mg”* and 
F` ions but also MgF* ions. 


Self-Assessment Exercise 


17.25 Without doing a calculation, predict which of the following 
compounds has the greatest molar solubility in water. 


(a)BaCO, K,,=5.1x 10° 


(b) BasO, K,,=1.1x 10-10 
(c) PbSO, K,,=6.3 x 107 


Exercises 


17.26 The solubility of two slightly soluble salts of M?*, MA 
and MZ,, is the same, 4 X 1074 mol/L. (a) Which has the 
larger numerical value for the solubility product constant? 
(b) In a saturated solution of each salt in water, which has 
the higher concentration of M?*? (c) If you added an equal 
volume of a solution saturated in MA to one saturated in 
MZ), what would be the equilibrium concentration of the 
cation, M2*? 


17.27 (a) True or false: “solubility” and “solubility-product con- 
stant” are the same number for a given compound. (b) Write 


the expression for the solubility-product constant for each 
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of the following ionic compounds: MnCO3, Hg(OH)2, and 
Cu3(PO4)>. 


(a) The molar solubility of PbBr, at 25°C is 
1.0 x 10°? mol/L. Calculate Ksp. (b) If 0.0490 g of AgIO; dis- 
solves per liter of solution, calculate the solubility-product 
constant. (c) Using the appropriate K,, value from Appen- 
dix D, calculate the pH of a saturated solution of Ca(OH). 


17.28 


17.29 A 1.00 L solution saturated at 25°C with lead(II) iodide 
contains 0.54 g of Pbl,. Calculate the solubility-product 
constant for this salt at 25 °C. 
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Coral reefs are a striking example of aqueous chemistry at work in nature. Coral reefs are 
built by tiny animals called stony corals, which secrete a hard calcium carbonate exo- 
skeleton. Over time, the stony corals build up large networks of calcium carbonate upon 
which a reef is built. The size of such structures can be immense, as illustrated by the 
Great Barrier Reef. 

Stony corals make their exoskeletons from dissolved Ca?* and CO,” ions. This pro- 
cess is aided by the fact that the CO, concentration is supersaturated in most parts of the 
ocean. However, well documented increases in the amount of CO, in the atmosphere 
threaten to upset the aqueous chemistry that stony corals depend on. As atmospheric 
CO, levels increase, the amount of CO, dissolved in the ocean also increases. This lowers 
the pH of the ocean and leads to a decrease in the CO,” concentration. As a result, it 
becomes more difficult for stony corals and other important ocean creatures to maintain 
their exoskeletons. We will take a closer look at the consequences of ocean acidification 
later in Chapter 18. 

By the end of this section, you should be able to 


e Calculate the solubility of a substance in the presence of a common ion or at different 
pH values. 


Solubility is affected by temperature and by the presence of other solutes. The pres- 
ence of an acid, for example, can have a major influence on the solubility of a substance. 
In Section 17.4, we considered the dissolving of ionic compounds in pure water. In this 
section, we examine three factors that affect the solubility of ionic compounds: (1) pres- 


Solubility of CaF, decreases ence of common ions, (2) solution pH, and (3) presence of complexing agents. We will 
sharply as a common ion also examine the phenomenon of amphoterism, which is related to the effects of both pH 
(F`) is added to the solution. and complexing agents. 

Pure water 


The Common-Ion Effect 


The presence of either Ca?* (aq) or F~ (aq) in a solution reduces the solubility of CaF,, 
shifting the equilibrium concentrations to the left: 


CaF,(s) == Ca?*(aq) + 2 F (aq) 


ts equilibrium 


Molar solubility of CaF, (mol/L) 


0 0.05 0.10 0.15 0.20 
Concentration of 


NaF (mol/L) 
A Figure 17.17 Common-ion effect. Notice This reduction in solubility is another manifestation of the common-ion effect we looked 
that the CaF» solubility is on a logarithmic at in Section 17.1. In general, the solubility of a slightly soluble salt is decreased by the presence 
scale. of a second solute that furnishes a common ion, as Figure 17.17 shows for CaF. 


= Sample Exercise 17.13 
D Calculating the Effect of a Common lon on Solubility 


Calculate the molar solubility of CaF, at 25°C in a solution that is (a) 0.010 M in Ca(NO3)> and (b) 0.010 M in NaF. 


SOLUTION 

Analyze We are asked to determine the solubility of CaF, in the additional solutes. Because of the common-ion effect, however, 
presence of two strong electrolytes, each containing an ion com- the solubility of the salt decreases in the presence of common 
mon to CaF). In (a) the common ion is Ca?*, and NO; isa specta- ions. We use our standard equilibrium techniques of starting 
tor ion. In (b) the common ion is F7, and Na’ is a spectator ion. with the equation for CaF, dissolution, setting up a table of 


initial and equilibrium concentrations, and using the K,, expres- 
sion to determine the concentration of the ion that comes only 
from CaF. 


Plan Because the slightly soluble compound is CaF, we need 
to use K,, for this compound, which Appendix D gives as 
3.9 x 10°11. The value of K,, is unchanged by the presence of 
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Solve 


(a) The initial concentration of Ca?* is 0.010 M 
because of the dissolved Ca(NO3)o: 


Initial Concentration (M) — 


Substituting into the solubility-product 
expression gives: 


Change (M) 


Equilibrium Concentration (M) — 


Ky = 3.9 X 10™ = [Ca?*][F7]? = (0.010 + x)(2x)? 


If we assume that x is small compared to 
0.010, we have: 


This very small value for x validates the 
simplifying assumption we made. Our calcu- 
lation indicates that 3.1 x 107° mol of solid 
CaF, dissolves per liter of 0.010 M Ca(NO3). 
solution. 


3.9x10N = 


(0.010) (2x)? 
3.9 x 10-1 


2 -10 
aaoi = 28% 10 


V9.8 x 10°19 = 3.1 X 105M 


(b) The common ion is F`, and at equilibrium 


we have: [Ca?*] =x 


Assuming that 2x is much smaller than 0.010 M 


and [F] = 0.010 + 2x 


(that is, 0.010 + 2x = 0.010), we have: 3.9 x 1071! = (x)(0.010 + 2x)? = x(0.010)? 

Thus, 3.9 x 1077 mol of solid CaF, should 3.9 x 10-1 

dissolve per liter of 0.010 M NaF solution. x= are ere as = 3.9 x 107M 
(0.010) 


Comment The molar solubility of CaF, in water is 2.1 x 104M 
(Sample Exercise 17.12). By comparison, our calculations here 
give a CaF, solubility of 3.1 x 10° M in the presence of 0.010 M 
Ca?* and 3.9 x 10°’ M in the presence of 0.010 M F` ion. Thus, 
the addition of either Ca?* or F to a solution of CaF, decreases 
the solubility. However, the effect of F` on the solubility is more 
pronounced than that of Ca?* because [F] appears to the second 
power in the K,, expression for CaF,, whereas [Ca?*] appears to 
the first power. 


> Practice Exercise 


Consider a saturated solution of the salt MA3, in which M is 

a metal cation with a 3+ charge and A is an anion with a 1— 
charge, in water at 298 K. Which of the following will affect 
the Ksp of MA; in water? 

(a) The addition of more M?* to the solution. (b) The addition 
of more A to the solution. (c) Diluting the solution. (d) Raising 
the temperature of the solution. (e) More than one of the above 
factors. 


Solubility and pH 


The solubility of almost any ionic compound is affected if the solution is made suffi- 
ciently acidic or basic. The effects are noticeable, however, only when one (or both) 
ions in the compound is at least moderately acidic or basic. The metal hydroxides, such 
as Mg(OH)z, are examples of compounds containing a strongly basic ion, the hydroxide 


ion. Let’s look at Mg(OH)», for which the solubility equilibrium is 


Mg(OH).(s) = Mg?*(aq) + 2OH (aq) Ky = 1.8 x 107" [17.17] 


A saturated solution of Mg(OH); has a calculated pH of 10.52, and its Mg”* concentration 
is 1.7 x 1074 M. Now suppose that solid Mg(OH); is equilibrated with a solution buff- 
ered at pH 9.0. The pOH, therefore, is 5.0, so [OH] = 1.0 x 10°. Inserting this value for 


[OH] into the solubility-product expression, we have 


Ksp = [Mg?* ][OH]? = 1.8 x 1071! 
[Mg?*](1.0 x 10°)? = 1.8 x 1071 


1.8 x 1071! 


By = 
[M8] = Gox 10°)? 


= 0.18M 
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Thus, the Mg(OH); dissolves until [Mg?*] = 0.18 M. It is apparent that Mg(OH); is 
much more soluble in this solution. 

If [OH] were reduced further by making the solution even more acidic, the Mg?* 
concentration would have to increase to maintain the equilibrium condition. Thus, 
a sample of Mg(OH)2(s) dissolves completely if sufficient acid is added, as we saw in 
Figure 4.7 (page 190). 

As we have seen, the solubility of Mg(OH); greatly increases as the acidity 
of the solution increases. Based on this observation we can make the following 
generalization: 


In general, the solubility of a compound containing a basic anion (that is, the 
anion of a weak acid) increases as the solution becomes more acidic. 


The solubility of PbF, increases as the solution becomes more acidic, too, because F~ is 
a base (it is the conjugate base of the weak acid HF). As a result, the solubility equilib- 
rium of Pbf, is shifted to the right as the concentration of F~ is reduced by protonation 
to form HE Thus, the solution process can be understood in terms of two consecutive 
reactions: 


PbE,(s) === Pb?*(aq) + 2F (aq) [17.18] 
F (aq) + H*(aq) = — HF(aq) [17.19] 


The equation for the overall process is 


PbE,(s) + 2H*(aq) == Pb?* (aq) + 2 HF(aq) [17.20] 


The processes responsible for the increase in solubility of PbF, in acidic solution are 
illustrated in Figure 17.18(a). 

Other salts that contain basic anions, such as CO, PO~, CN’, or S*~, behave 
similarly. These examples illustrate a general rule: The solubility of slightly soluble salts con- 
taining basic anions increases as [H*] increases (as pH is lowered). The more basic the anion, 
the more the solubility is influenced by pH. The solubility of salts with anions of negli- 
gible basicity (the anions of strong acids), such as Cl’, Br’, I, and NO; , is unaffected by 
pH changes, as shown in Figure 17.18(b). 


Salt whose anion is conjugate 
base of weak acid: 


Solubility increases as pH decreases 


H” (aq) + F (aq) 
—HF(aq) 
[F] decreases 


e eA [Pb~*] increases 


E E E Gee | 
PÞF, 


] 


(a) 


Salt whose anion is conjugate 
base of strong acid: 


Solubility unaffected by changes in pH 


Add H* 


=> 


No reaction 


(b) 


A Figure 17.18 Response of two ionic compounds to addition of a strong acid. (a) The solubility of 
PbF> increases upon addition of acid. (b) The solubility of Pbl is not affected by the addition of 
acid. The water molecules and the anion of the strong acid have been omitted for clarity. 


a Sample Exercise 17.14 
IP Predicting the Effect of Acid on Solubility 


(a) Ni(OH)»(s), (b) CaCO3(s), (c) BaF>(s), (d) AgCl(s)? 


SOLUTION 


Analyze The problem lists four sparingly soluble salts, and we are 
asked to determine which are more soluble at low pH than at 
high pH. 


(a) Ni(OH)2(s) is more soluble in acidic solution 
because of the basicity of OH ; the H* reacts 
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Which of these substances are more soluble in acidic solution than in basic solution: 


Plan We will identify ionic compounds that dissociate to produce 
a basic anion, as these are especially soluble in acid solution. 


Solve 


Ni(OH),(s) == Ni?*(aq) + 2 OH~(aq) 
2 OH (aq) + 2H*(aq) —> 2H,0(I) 


with the OH ion, forming water: Overall: 


—. 
= 


Ni(OH),(s) + 2 H*(aq) Ni?” (aq) + 2 H20(1) 


(b) Similarly, CaCO3(s) dissolves in acid solu- 
tions because CO;"~ is a basic anion: 


The reaction between CO?~ and H* occurs 


CaCO;3(s) == Ca?*(aq) + COF- (aq) 
CO? (aq) + 2H*(aq) == H2CO3(aq) 
H,CO3(aq) == CO,(g) + H20(1) 


in steps, with HCO; forming first and 
H2CO; forming in appreciable amounts only 
when [H*] is sufficiently high. 


Overall: 


CaCO,(s) + 2H" (aq) Ca? (aq) + COz(g) + HOC) 


(c) The solubility of BaF, is enhanced by lower- 
ing the pH because F is a basic anion: 


Overall: 


— 
—_ 


BaF,(s) 
2F (aq) + 2H*(aq) 
BaF(s) + 2 H*(aq) 


Ba” (aq) + 2F (aq) 
= 2HF(aq) 
Ba** (aq) + 2 HF(aq) 


p 


(d) The solubility of AgCl is unaffected by changes 
in pH because CI” is the anion of a strong 
acid and therefore has negligible basicity. 


> Practice Exercise 


Which of the following actions will increase the solubility of 
AgBr in water? 


(a) increasing the pH 
(c) adding NaBr 
(e) none of the above 


(b) decreasing the pH 
(d) adding NaNO; 


CHEMISTRY AND LIFE GUIDE A E LO 


Tooth enamel consists mainly of the mineral hydroxyapatite, 
Ca10(PO4)6(OH)z, the hardest substance in the body. Tooth cavities 
form when acids dissolve tooth enamel: 


Cayo(POx)6(OH)2(s) + 8 H*(aq) —> 
10 Ca?* (aq) + 6 HPO? (aq) + 2 H20(1) 


The Ca?* and HPO?” ions diffuse out of the enamel and are washed 
away by saliva. The acids that attack the hydroxyapatite are formed 
by the action of bacteria on sugars and other carbohydrates present 
in the plaque adhering to the teeth. 

Fluoride ion, which is added to municipal water systems and 
toothpastes, can react with hydroxyapatite to form fluoroapatite, 
Cajo(PO4)¢F. This mineral, in which F~ has replaced OH’, is much 


Formation of Complex Ions 


more resistant to attack by acids because the fluoride ion is a much 
weaker Bronsted-Lowry base than the hydroxide ion. 

The usual concentration of F` in municipal water systems is 
1mg/L(1 ppm). The compound added may be NaF or Na2SiF,. The 
silicon-fluorine anion reacts with water to release fluoride ions: 


SiF2~ (aq) + 2H,O(1) — 6 F (aq) + 4H*(aq) + SiO,(s) 


Many toothpastes now sold in the United States contain fluo- 
ride compounds, usually at the level of 0.1% fluoride by mass. The 
most common compounds in toothpastes are sodium fluoride (NaF), 
sodium monofluorophosphate (Na,PO3F), and stannous fluoride 
(SnF). 

Related Exercises: 17.110, 17.128 
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A characteristic property of metal ions is their ability to act as Lewis acids toward water 
molecules, which act as Lewis bases. Lewis bases other than water can also interact with 
metal ions, particularly transition-metal ions. Such interactions can dramatically affect 
the solubility of a metal salt. For example, AgCI (K,, = 1.8 x 107°) dissolves in the 
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Addition of sufficient 
NH; reacts with Ag*, NH; leads to complete 
forming Ag(NH3)2* dissolution of AgCl 


= 


Reaction with NH3 
reduces concentration 
of free Ag* and 
increases solubility of 
AgCI 


AgCl(s) + 2 NH;(aq) 


Ag(NH;), (aq) + Cl (aq) 


A Figure 17.19 Concentrated NH3(aq) dissolves AgCI(s), which otherwise has very low solubility in water. 


presence of aqueous ammonia because Ag* interacts with the Lewis base NH3, as shown 
in Figure 17.19. This process can be viewed as the sum of two reactions: 


AgCl(s) = = Ag*(aq) + Cl (aq) [17.21] 
Ag*(aq) + 2NH3(aq) == Ag(NH3)2'(aq) [17.22] 
Overall: AgCl(s) + 2NH3(aq) == Ag(NH3)2‘(aq) + Cl (aq) [17.23] 


The presence of NH; drives the reaction, the dissolution of AgCl, to the right as Ag” (aq) is 
consumed to form Ag(NH3).*, which is a very soluble species. 

For a Lewis base such as NH; to increase the solubility of a metal salt, the base must 
be able to interact more strongly with the metal ion than water does. In other words, the 
NH; must displace solvating HzO molecules in order to form [Ag(NH3)2]*: 


Ag*(aq) + 2NH3(aq) == Ag(NH3)2"(aq) [17.24] 


An assembly of a metal ion and the Lewis bases bonded to it, such as Ag(NH3),", is 
called a complex ion. Complex ions are very soluble in water. The stability of a com- 
plex ion in aqueous solution can be judged by the size of the equilibrium constant for 
its formation from the hydrated metal ion. For example, the equilibrium constant for 
Equation 17.24 is 

[Ag(NH3)2"] 


K= ———**~ = 1.7 x 10’ 17.25 
l TAg*][NH3]? fs 


Note that the equilibrium constant for this kind of reaction is called a formation con- 
stant, K; The formation constants for several complex ions are listed in Table 17.1. 

The general rule is that the solubility of metal salts increases in the presence of suit- 
able Lewis bases, such as NH3, CN’, or OH , provided the metal forms a complex with 
the base. The ability of metal ions to form complexes is an extremely important aspect of 
their chemistry. 
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TABLE 17.1 Formation Constants for Some Metal Complex Ions 
in Water at 25 °C 


Complex lon K; Chemical Equation 

Ag(NH3) 2" 1.7 x 107 Ag*(aq) + 2NH3(aq) == Ag(NH3)z (aq) 
Ag(CN) 7 1 x 10? Ag*(aq) + 2CN (aq) == Ag(CN)z (aq) 
Ag(S203) 27 29 pr Ag*(aq) + 25,03’ (aq) == Ag(S203)2*~ (aq) 
Al(OH) 4~ 1.1 x 10% Al**(aq) + 4OH~(aq) == AI(OH)y (aq) 
CdBr 727 5 xX 108 Cd?*(aq) + 4Br (ag) == CdBr2~ (aq) 
Cr(OH); 8 x 107° Cr3*(aq) + 40H (aq) == Cr(OH); (aq) 
Co(SCN) 27 1 x 10° Co**(aq) + 4SCN~(aq) == Co(SCN) 427 (aq) 
Cu(NH3) 7* 5 x 10! Cu?*(aq) + 4NH; (aq) == Cu(NH;) (aq) 
Cin(ON)).e- il $< 10 Cu?*(aq) + 4CN7(aq) == Cu(CN),?" (aq) 
Ni(NH3) 67* 1.2 x 10° Ni?*(aq) + 6 NH; (aq) === Ni(NHs3)¢2* (aq) 
Fe(CN) ¢4~ il 10% Fe?*(aq) + 6CN (aq) == Fe(CN)6* (aq) 
Fe(CN) 67 1 x 10% Fe?*(aq) + 6CN7 (aq) == Fe(CN),°~ (aq) 
Zn(OH) 2° 4.6 x 10” Zn?*(aq) + 4OH™(aq) == Zn(OH),7" (aq) 


P Sample Exercise 17.15 


D Evaluating an Equilibrium Involving a Complex lon 


Calculate the concentration of Ag* present in solution at equilibrium when concentrated ammonia is added to a 0.010 M solution 
of AgNO; to give an equilibrium concentration of [NH3] = 0.20 M. Neglect the small volume change that occurs when NH3 is 
added. 


SOLUTION Because [Ag*] is very small, we can assume x is small compared to 
0.010. Substituting these values into the equilibrium expression 


iti + + 
Analyze Addition of NH3(aq) to Ag’ (aq) forms Ag(NH3)z' (aq), as for the dissociation of Ag(NH;)z*, we obtain 


shown in Equation 17.22. We are asked to determine what 


concentration of Ag*(aq) remains uncombined when the NH; [Ag*][NH3}*  (x)(0.20)? og 
concentration is brought to 0.20 M in a solution originally [Ag(NH3) 2] 0.010 5.9 x 10 
0.010 M in AgNO3. 

= E e + 
Plan We assume that the AgNO; is completely dissociated, giv- x= 1.5 x 10°M = [Ag] 
ing 0.010 M Ag”. Because K; for the formation of Ag(NH3) 2" is Formation of the Ag(NH3)2° complex drastically reduces the con- 
quite large, we assume that essentially all the Ag* is converted to centration of free Ag* ion in solution. 


Ag(NH3).° and approach the problem as though we are concerned 

with the dissociation of Ag(NH3)." rather than its formation. To 

facilitate this approach, we need to reverse Equation 17.22 and 

make the corresponding change to the equilibrium constant: 

Ag(NH3);* (aq) =— Ag*(aq) + 2NH3(aq) > Practice Exercise 
You have an aqueous solution of chromium(III) nitrate that 


je ee 5.9 x 1078 you titrate with an aqueous solution of sodium hydroxide. 
Kp 1.7 x 107 After a certain amount of titrant has been added, you observe a 
as a ee precipitate forming. You add more sodium hydroxide solution 
Solve If [Ag"] is 0.010 M initially, [Ag(NH3) 2] will be 0.010 M and the precipitate dissolves, leaving a solution again. What 
following addition of the NH3. We construct a table to solve this has happened? (a) The precipitate was sodium hydroxide, 
equilibrium problem. Note that the NH; concentration given in which redissolved in the larger volume. (b) The precipitate was 
the problem is an equilibrium concentration rather than an initial chromium hydroxide, which dissolved once more solution was 
concentration. added, forming Cr?* (aq). (c) The precipitate was chromium 


hydroxide, which then reacted with more hydroxide to pro- 
duce a soluble complex ion, Cr(OH) 4 (aq). (d) The precipitate 
Initial (M) 0.010 0) — was sodium nitrate, which reacted with more nitrate to pro- 
Change (M) —x Ly a duce the soluble complex ion Na(NO;)2 (aq). 


Equilibrium (M) (0.010 — x) X 0.20 


Ag(NH3)3 (aq) == Ag (aq) + 2 NH3(aq) 
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Al(OH)3(s) + OH (aq) === Al(OH) 4 (aq) 


Al(OH)3 dissolves in [L B 
strongly acidic solutions 
due to an acid-base 
reaction. 
Add OH | 
Add Ht 
Al(OH)g3 dissolves in 
strongly basic solutions 
due to complex ion 
formation. 
L J 


v 


Alt (aq) + 3 H2O(1) === 3 H* (aq) + AI(OH);(s) 


A Figure 17.20 Amphoterism. Some metal oxides and hydroxides, such as Al(OH)3, are 
amphoteric, which means they dissolve in both strongly acidic and strongly basic solutions. 


Amphoterism 


Some metal oxides and hydroxides that are relatively insoluble in water dissolve 
in strongly acidic and strongly basic solutions. These substances, called ampho- 
teric oxides and amphoteric hydroxides,* are soluble in strong acids and bases 
because they themselves are capable of behaving as either an acid or base. Examples 
of parents substances include the oxides and hydroxides of Art Cr3*, Zn?*, 
and Sn**. 


Like other metal oxides and hydroxides, amphoteric species dissolve in acidic solu- 
tions because their anions, 0%- or OH , react with acids. What makes amphoteric oxides 
and hydroxides special, though, is that they also dissolve in strongly basic solutions. This 
behavior results from the formation of complex anions containing several (typically 
four) hydroxides bound to the metal ion (Figure 17.20): 


Al(OH)3(s) + OH (aq) == Al(OH), (aq) [17.26] 


The extent to which an insoluble metal hydroxide reacts with either acid or 
base varies with the particular metal ion involved. Many metal hydroxides—such as 
Ca(OH)», Fe(OH)2, and Fe(OH)3—are capable of dissolving in acidic solution but do not 
react with excess base. These hydroxides are not amphoteric. 


The purification of aluminum ore in the manufacture of aluminum metal pro- 
vides an interesting application of amphoterism. As we have seen, Al(OH); is ampho- 
teric, whereas Fe(OH); is not. Aluminum occurs in large quantities as the ore bauxite, 
which is essentially hydrated Al,O3 contaminated with Fe,03. When bauxite is added to 
a strongly basic solution, the Al,O3 dissolves because the aluminum forms complex ions, 
such as Al(OH) 4 . The Fe,03 impurity, however, is not amphoteric and remains as a solid. 
The solution is filtered, getting rid of the iron impurity. Aluminum hydroxide is then 
precipitated by addition of acid. The purified hydroxide receives further treatment and 
eventually yields aluminum metal. 


*Notice that the term amphoteric is applied to the behavior of insoluble oxides and hydroxides 
that dissolve in acidic or basic solutions. The similar term amphiprotic (Section 16.1) relates more 
generally to any molecule or ion that can either gain or lose a proton. 


(a) 
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A CLOSER LOOK EKA AKCE Tae Che 


Access to clean drinking water is something most people in the 
industrialized world take for granted. Unfortunately, there are rare 
instances in which tap water is not safe to drink, as illustrated by the 
discovery in 2015 of elevated levels of lead in the municipal water 
supply of Flint, a city in Michigan State, USA. 

Lead is detrimental to many organs in the human body, but the 
brain and central nervous system are particularly sensitive to its pres- 
ence. In the brain, Pb?* ions interfere with cell communication and 
growth by mimicking Ca” ions. One of the most serious side effects 
of lead poisoning occurs in young children, where it leads to cognitive 
impairment. Although lead compounds were once used in a variety of 
applications—as a gasoline additive, in pigments, shotgun pellets, glass, 
and water pipes—our daily exposure to lead dropped dramatically once 
governmental agencies started regulating its use in the 1970s. According 
to the National Health and Nutrition Examination Survey, the mean 
concentration of lead in the blood for an average U.S. resident dropped 
from 150 ppb in 1976 to 16 ppb by 2002, nearly an order-of-magnitude 
decrease. 

The regulatory limit set by the U.S. Environmental Protection 
Agency (EPA) for lead in drinking water is 15 parts per billion (ppb). 
According to EPA regulations, utilities serving more than 50,000 
people must monitor the level of lead in their water and take cor- 
rective action if more than 10% of the homes sampled exceed the 15 
ppb limit. Tests performed on samples collected in September 2015 
by researchers from Virginia Tech found that in 10% of the 252 Flint 
homes tested the lead concentration exceeded 25 ppb, and in several 
homes the concentration exceeded 100 ppb. At the same time, a local 
pediatrician analyzed the results of infant blood tests and found that 
the percentage of children with elevated concentrations of lead in 
their bloodstream (>50 ppb) had doubled from 2.4% in the 2013 to 
4.9% in 2015. 

The troubles began in April 2014 when the city began using the 
nearby Flint River as the natural source of its municipal water. Prior 
to that, Flint obtained water from Detroit, where water taken from 
Lake Huron was treated before piping it to Flint. The source of the 
lead was not the Flint River itself, but corrosion from lead pipes that 
are present in the underground water distribution network. Why did 
the change in water supply dramatically increase the leaching of lead 
from the old pipes? Many factors were at play, but basically they all 
came down to solubility considerations. 

When water is properly treated, a passivation layer of insoluble 
lead salts builds up on the inner surface of the lead pipes (Figure 17.21). 


Metallic Pb(s) 


Mineral passivation layer 
(b) 


ocl- 
Ocl ae 


Protected 


OCI Pipe 


Phosphate ion 


Phospate corrosion inhibitor helps 
maintain a mineral passivation layer on the 
inner surface of the pipe. 


This layer prevents corrosion that would otherwise allow lead to be 
oxidized and dissolve into the water as Pb** ions. The water treatment 
facility in Detroit was adding phosphate ions, PO,° , to their water to 
inhibit corrosion, whereas the people managing water treatment in 
Flint elected not to do so. The presence of PO,?~ ions promotes the 
formation of highly insoluble phosphate salts on the inner surface of 
the pipes that helps prevent corrosion. 

Another factor that appears to have contributed to the problem 
is a drop in the pH of the water, from 8.0 in December 2014 to 7.3 in 
August 2015. Because the insoluble lead salts that form the passivat- 
ing layer, like Pb3(PO4)2, PbDHSO,, and PbCO3, contain anions that 
can act as weak bases, anything that makes the water more acidic 
increases their solubility. 

Another contributing factor was the presence of high levels 
of chloride ions. The treated water from Detroit had chloride lev- 
els of about 11 ppm, whereas the treated Flint water had chloride 
levels of 85 ppm in August 2015. While PbCl, is fairly insoluble 
(Ksp = 1.7 X 1075), high concentrations of chloride ions can lead to 
the formation of soluble complex ions such as PbCl; and PbCl;~. 
The increased chloride levels were due in part to the addition of FeCl;, 
which was used to help coagulate and filter out unwanted organic 
matter that was leading to problems with E. coli contamination. 
Chloride ions are also produced when unwanted organic matter is 
oxidized by hypochlorite ions, which are added to kill bacteria. Run- 
off containing chloride salts used to treat icy roads in the winter may 
have also contributed. 

In the face of mounting evidence that the lead in Flint’s drink- 
ing water was at unsafe levels, in October of 2015 the city switched 
back to water piped in from Detroit. Over a period of many months, 
the circulation of properly treated water should restore the passivat- 
ing layers inside the pipes. However, cleanup costs are expected to 
be in excess of $120 million and possibly much more, a large sum 
compared to the estimated $50,000 per year that it would have cost 
to treat the water with phosphates. More importantly, the damage 
done to people who drank the contaminated water, especially chil- 
dren, cannot be undone. 

Although the use of lead in plumbing has been banned in the 
United States since 1986, it is estimated that millions of kilometers of 
buried lead pipe are still in use in America’s cities. Vigilance by water 
treatment facilities and environmental protection agencies is needed 
to avoid a repeat of the tragedy in Flint. 

Related Exercises: 17.107, 17.111 


OCIl- 


OCI- 


OC1- OCI- 
Unprotected 


Pipe 


A Figure 17.21 Protected and unprotected lead pipes. (a) A lead pipe that has a protective 
passivation layer, and (b) a lead pipe where the lack of a phosphate corrosion inhibitor 
causes the passivation layer to dissolve and fall off, exposing the lead to oxidizing 


agents such as Oo and OCI”. 
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Self-Assessment Exercises 


17.30 


Which of the following actions will increase the solubility 
of Mg(OH), at 25 °C? 


(a) Adding dilute HCl(aq) 
(b) Adding dilute MgCl, (aq) 
(c) Adding dilute NaOH(aq) 


17.31 


What is the molar solubility of AgCl in in 0.10 M HCI at 
25 °C given K,, = 1. 80 x 10-” at this temperature. 


(a) 1.80 x 10-9 M 
(b) 1.80 x 109° M 
(c) 1.34 x 105M 


Exercises 


17.32 


17.33 


17.34 


17.35 


Calculate the solubility of LaF; in grams per liter in (a) pure 
water, (b) 0.010 M KF solution, (c) 0.050 M LaCl; solution. 


Consider a beaker containing a saturated solution of Pbl, 
in equilibrium with undissolved Pblp(s). Now solid KI is 
added to this solution. (a) Will the amount of solid PbI, at 
the bottom of the beaker increase, decrease, or remain the 
same? (b) Will the concentration of Pb** ions in solution 
increase or decrease? (c) Will the concentration of I” ions 
in solution increase or decrease? 


Calculate the molar solubility of Ni(OH), when buffered at 
pH (a) 8.0, (b) 10.0, (c) 12.0. 
Which of the following salts will be substantially more sol- 


uble in an HNO; solution than in pure water: (a) BaSOu,, 
(b) CuS, (c) Cd(OH)>, (d) PbF,, (e) Cu(NO3) 2? 


17.36 


17.37 


From the value of Kç listed in Table 17.1, calculate the con- 
centration of NH; required to just dissolve 0.020 mol of 
NiC,0, (Ksp = 4 X 107°) in 1.00 L of solution? (Hint: You 
can neglect the hydrolysis of C,0,?~ because the solution 
will be quite basic.) 

Using the value of K,, for AgS, Ka; and K,z for H3S, and 


Kp = 1.1 x 10° for AgCl, , calculate the equilibrium con- 
stant for the following reaction: 


AgoS(s) + 4Cl(aq) + 2H*(aq) == 2 AgCl; (aq) + H2S(aq) 


(e) OLE 


y 


(q) LE'L 
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Separation of Ions 
X, 


One of the first steps in many commercial water treatment plants is to add either aluminum 
sulfate or iron(II) chloride. This results in the precipitation of hydroxide salts of Al** or Fe** 
and flocculation of other ions present in the water. The water is then filtered and disinfected 
and in some countries a source of fluoride ion added as part of public health policy. 
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In this section, we examine the precipitation and separation of ions, by the end of 
which, you should be able to 


e Understand how to separate cations based on their solubility. 


Equilibrium can be achieved starting with the substances on either side of a chemi- 
cal equation. For example, the equilibrium that exists between BaSO,(s), Ba?* (aq), and 
SO,’ (aq) (Equation 17.15), can be achieved by starting either with BaSO,(s) or with 
solutions containing Ba”* and SO,?~. If we mix, say, a BaCl, aqueous solution with a 
Na2SO, aqueous solution, BaSO, might precipitate out. How can we predict whether a 
precipitate will form under various conditions? 

Recall that we used the reaction quotient Q in Section 15.4 to determine the direc- 
tion in which a reaction must proceed to reach equilibrium. The form of Q is the same 
as the equilibrium expression for a reaction, but instead of only equilibrium concen- 
trations, you can use whatever concentrations are being considered. The direction in 
which a reaction proceeds to reach equilibrium depends on the relationship between 
Q and K for the reaction. If Q < K, the product concentrations are too low and reac- 
tant concentrations are too high relative to the equilibrium concentrations, and so the 
reaction will proceed to the right (toward products) to achieve equilibrium. If Q > K, 
product concentrations are too high and reactant concentrations are too low, and so 
the reaction will proceed to the left to achieve equilibrium. If Q = K, the reaction is at 
equilibrium. 

For solubility-product equilibria, the relationship between Q and Ksp is exactly like 
that for other equilibria. For K,, reactions, products are always the soluble ions, and the 
reactant is always the solid. 

Therefore, for solubility equilibria, 


° IfQ = Ksp the system is at equilibrium, which means the solution is saturated; 
this is the highest concentration the solution can have without precipitating. 

° IfQ< Ksp the reaction will proceed to the right, toward the soluble ions; no 
precipitate will form. 


e IfQ > Ksp the reaction will proceed to the left, toward the solid; precipitate will 
form. 


For the case of the barium sulfate solution, then we would calculate Q = [Ba?* ][SO,?7], 
and compare this quantity to the Ksp for barium sulfate. 


\“a Sample Exercise 17.16 
D Predicting Whether a Precipitate Forms 


Does a precipitate form when 0.10 L of 8.0 x 107? M Pb(NO3)z is added to 0.40 L of 5.0 x 107° M Na2S04? 


SOLUTION 
Analyze The problem asks us to determine whether a precipitate products are PbSO, and NaNO;. Like all sodium salts NaNO; is 
forms when two salt solutions are combined. soluble, but PbSO, has a Ksp of 6.3 X 107 (Appendix D) and will 


Plan We should determine the concentrations of all ions just af- 
ter the solutions are mixed and compare the value of Q with Ksp 
for any potentially insoluble product. The possible metathesis 


for Q to exceed Ksp- 


Solve 


When the two solutions are mixed, the 
volume is 0.10 L + 0.40 L = 0.50 L. The 
number of moles of Pb?* in 0.10 L of 


0 x 10° 
8.0 x 10°3 MPb(NO3), is: (0.10 n(m) = 8.0 x 10 mol 
The concentration of Pb?* in the 0.50 L mix- ar 

0 x 
ture is therefore: [Pb?*] 20 r a L mol 1.6 x 10° M 


precipitate if the Pb?* and SO,2~ concentrations are high enough 


Continued 
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The number of moles of $O,4?~ in 0.40 L of 


.0 x 107 
5.0 X 10° MNa,SO,j is: oop 52% 10 mo) = 2.0 x 103 mol 
M 2.0 x 10% mol E 
Therefore: [S0427] OOT 4.0 x 10° M 
and: Q = [Pb?*][SO77] = (1.6 x 10™)(4.0 x 10%) = 6.4 x 10% 


Because Q > K,,, PbSO, precipitates. 


> Practice Exercise 
An insoluble salt MA has a Ksp of 1.0 x 10716, Two solutions, 
MNO; and NaA are mixed, to yield a final solution that is 


1.0 x 1078 M in M*(aq) and 1.00 x 1077 M in Av (aq). Will 
a precipitate form? 
(a) Yes. (b) No 


Selective Precipitation of Ions 


Ions can be separated from each other based on the solubilities of their salts. Con- 
sider a solution containing both Ag and Cu". If HCl is added to the solution, AgCl 
(Kp = 1.8 x 10°!°) precipitates, while Cu?* remains in solution because CuCl, is solu- 
ble. Separation of ions in an aqueous solution by using a reagent that forms a precipitate 
with one or more (but not all) of the ions is called selective precipitation. 

Sulfide ion is often used to separate metal ions because the solubilities of sul- 
fide salts span a wide range and depend greatly on solution pH. For example, Cu? + 
and Zn?* can be separated by bubbling HS gas through an acidified solution con- 
taining these two cations. Because CuS (Ky, = 6 x 10%”) is less soluble than ZnS 
(Ksp = 2 X 107°), Cus precipitates from an acidified solution (pH ~ 1) while ZnS 
does not (Figure 17.22): 


Cu?*(aq) + H2S(aq) == CuS(s) + 2H*(aq) [17.27] 


The CuS can be separated from the Zn?” solution by filtration. The separated CuS can 
then be dissolved by raising the concentration of H* even further, shifting the equilib- 
rium concentrations of the compounds in Equation 17.27 to the left. 


Qualitative Analysis for Metallic Elements 


We turn our attention to how solubility equilibria and complex-ion formation can be 
used to detect the presence of particular metal ions in solution. Before the develop- 
ment of modern analytical instrumentation, it was necessary to analyze mixtures of 


am Sample Exercise 17.17 


Lt Selective Precipitation 


A solution contains 1.0 x 107? MAg*(aq) and 2.0 x 107? MPb**(aq). When Cl(aq) is added, both AgCI 
(Ksp = 1.8 X 1071) and PbCl, (Ksp = 1.7 X 107) can precipitate. What concentration of Cl-(aq) is necessary to begin the 
precipitation of each salt? Which salt precipitates first? 


SOLUTION 


Analyze We are asked to determine the concentration of Cl (aq) 
necessary to begin the precipitation from a solution containing 
Ag*(aq) and Pb?*(aq) ions, and to predict which metal chloride 
will begin to precipitate first. 


Plan We are given K,, values for the two precipitates. Using these 
and the metal ion concentrations, we can calculate what Cl (aq) 
concentration is necessary to precipitate each salt. The salt requir- 
ing the lower Cl (aq) ion concentration precipitates first. 


Solve For AgCI we have K,, = [Ag*][CI"] = 1.8 x 10°”. 


Because [Ag*] = 1.0 X 10°? M, the greatest concentration of 
Cl (aq) that can be present without causing precipitation of AgCl 
can be calculated from the K,, expression: 


Ksp = (1.0 x 10°)[Cl-] = 1.8 x 1071 


_ 18 x 107° 


[cr] = = = 1.8 x 108M 
1.0 x 10 
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Any Cl (aq) in excess of this very small concentration will cause AgCl Thus, Ag*(aq) can be separated from Pb**(aq) by slowly adding 


to precipitate from solution. Proceeding similarly for PbCly, we have CI (aq) so that the chloride ion concentration remains between 
-8 -2 
Ky = [P b?* ][Cl- J? =17*x 105 1.8 x 10° M and 2.9 x 104M. 
(2.0 x 103 [CI]? = 1.7 x 10% Comment Precipitation of AgCI will keep the CI (aq) concentra- 
tion low until the number of moles of CI (aq) added exceeds the 
(cr? = 1.7 x 10% = 8.5 x 1074 number of moles of Ag*(aq) in the solution. Once past this point, 
2.0 x 10-7 f [CI] rises sharply and PbCl; will soon begin to precipitate. 


[CI] = V8.5 x 104 = 2.9 x 102M 


Thus, a concentration of Cl (aq) in excess of 2.9 x 107? M causes > Practice Exercise 


PDCI to pice piate: Under what conditions does an ionic compound precipitate 
Comparing the Cl (aq) concentration required to precipitate from a solution of the constituent ions? 

each salt, we see that as Cl (aq) is added, AgCl precipitates (a) always (b) when Q = K,, (c) when Q exceeds Ks (d) when Q 
first because it requires a much smaller concentration of CI. is less than Ksp (€) never, if it is very soluble 


YW ONT why is the sulfide reagent HS7 in the third test tube and not H2S? 


Remove CuS 
and 
Add H,S increase sacar 


pH=1 


Solution containing Zn? * (aq) When H;S is added to a After CuS is removed, the pH 
and Cu? * (aq) solution whose pH exceeds 0.6, is increased, allowing ZnS to 
CuS precipitates precipitate 


2+ 


A Figure 17.22 Selective precipitation. In this example, Cu?* ions are separated from Zn?™ ions. 


metals in a sample by what were called wet chemical methods. For example, an ore sample 
that might contain several metallic elements was dissolved in a concentrated acid solution 
that was then tested in a systematic way for the presence of various metal ions. 
Qualitative analysis determines only the presence or absence of a particular metal 
ion relative to some threshold, whereas quantitative analysis determines how much of 
a given substance is present. Even though wet methods of qualitative analysis have become 
less important in the chemical industry, they are frequently used in general chemistry lab- 
oratory programs to illustrate equilibria, to teach the properties of common metal ions in 
solution, and to develop laboratory skills. Typically, such analyses proceed in three stages: (1) 
The ions are separated into broad groups on the basis of solubility properties. (2) The ions in 


854 CHAPTER 17 Additional Aspects of Aqueous Equilibria 


each group are separated by selectively dissolving members in the group. (3) The ions are 
identified by means of specific tests. 

A scheme in general use divides the common cations into five groups (Figure 17.23). 
The order in which reagents are added is important in this scheme. The most selective 
separations—those that involve the smallest number of ions—are carried out first. The 
reactions used must proceed so far toward completion that any concentration of cations 
remaining in the solution is too small to interfere with subsequent tests. 

Let’s look at each of these five groups of cations, briefly examining the logic used in 
this qualitative analysis scheme. 


Group 1. Insoluble chlorides: Of the common metal ions, only Ag* (aq), Hg? (aq), 
and Pb?*(aq) form insoluble chlorides. When HCl is added to a mixture of cations, 
therefore, only AgCl, Hg,Cl,, and PbCl, precipitate, leaving the other cations in 
solution. The absence of a precipitate indicates that the starting solution contains 
no Ag*(aq), Hg: (aq), or Pb** (aq). 

Group 2. Acid-insoluble sulfides: After any insoluble chlorides have been removed, 
the remaining solution, now acidic from HCl treatment, is treated with HS. Since 


AA AIEE ifa solution contained a mixture of Cu?+(ag) and Zn?*(aq) ions, 
would this separation scheme work? After which step would the 
first precipitate be observed? 


Solution containing 
unknown metal cations 


Add 6 M HCl 


Precipitate Decantate 
cube . Remaining 
Insoluble chlorides: ee 
AgCl, PbCh, HgpCly 


Add H;S and 0.2 M HCI 


Precipitate  Decantate 


Remaining 
cations 


Add (NHy)2S at pH = 8 


Precipitate Decantate 


Remaining 
cations 


Add (NH,),HPO, and NH; 


Precipitate Decantate 


A Figure 17.23 Qualitative analysis. A flowchart showing a common scheme for identifying cations. 
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HS is a weak acid compared to HCl, its role here is to act as a source for small 
amounts of sulfide. Only the most insoluble metal sulfides—CuS, Bi2S3, CdS, PbS, 
HgS, As2S3, Sb2S3, and SnS,—precipitate. (Note the very small values of K,, for some 
of these sulfides in Appendix D.) Those metal ions whose sulfides are somewhat more 
soluble—for example, ZnS or Nis—remain in solution. 
Group 3. Base-insoluble sulfides and hydroxides: After the solution is filtered to 
remove any acid-insoluble sulfides, it is made slightly basic, and (NH4)2S is added. In 
basic solutions the concentration of $° (aq) is higher than in acidic solutions. Under 
these conditions, the ion products for many of the more soluble sulfides exceed their 
Ksp values and thus precipitation occurs. The metal ions precipitated at this stage 
are Al?*(aq), Cr? (aq), Fe**(aq), Zn?* (aq), Ni?*(aq), Co?*(aq), and Mn**(aq). (The 
Al? +(aq), Fe?*(aq), and Cr3*(aq) ions do not form insoluble sulfides; instead they 
precipitate as insoluble hydroxides, as Figure 17.23 shows.) 
Group 4. Insoluble phosphates: At this point, the solution contains only metal ions 
from Groups 1 and 2 of the periodic table. Adding (NH4) HPO, to a basic solution 
precipitates the Group 2 elements Mg?*(aq), Ca?* (aq), St?" (aq), and Ba**(aq) 
because these metals form insoluble phosphates. 
Group 5. The alkali metal ions and NH," (aq): The ions that remain after removing 
the insoluble phosphates are tested for individually. A flame test can be used to deter- 
mine the presence of K*(aq), for example, because the flame turns a characteristic 
violet color if K*(aq) is present (Figure 7.22). 


Self-Assessment Exercise 


17.38 


In the analysis of metal ions by the precipitation of insolu- 
ble sulfides, why is it important to perform the test at pH 2 
before pH 8? 

(a) Performing the test first at pH 8 will precipitate all metal 


sulfides that are insoluble up to this pH including those 
only precipitated at pH 2. 


(b) It is more convenient to increase pH from 2 to 8 rather 
than decrease pH from 8 to 2. 


(c) Cations from Group 2 of Figure 17.23 can react with those 
of Group 3 of Figure 17.23 and need to be removed as 
soon as possible. 


Exercises 


17.39 


17.40 


17.41 


17.42 


(a) Will Co(OH), precipitate from solution if the pH of a 
0.020 M solution of Co(NO3)> is adjusted to 8.5? (b) Will 
AgIO3 precipitate when 20 mL of 0.010 M AgIO; is mixed 
with 10 mL of 0.015 M NalO,? (K,, of AgIO; is 3.1 x 10-8.) 


Suppose that a 10 mL sample of a solution is to be tested for 
T ion by addition of 1 drop (0.2 mL) of 0.10 M Pb(NO3)>. 
What is the minimum number of grams of I that must be 
present for PbI,(s) to form? 


A solution of Na2SO, is added dropwise to a solution that 
is 0.010 M in Ba?*(aq) and 0.010 M in Sr?*(aq). (a) What 
concentration of SO/~ is necessary to begin precipitation? 
(Neglect volume changes. BaSO4: Ksp = 1.1 X 10 1° SrSO4: 
Kp = 3.2 X 107.) (b) Which cation precipitates first? 
(c) What is the concentration of S$O,7~ (aq) when the sec- 
ond cation begins to precipitate? 


A 1.0 M NaSO; solution is slowly added to 10.0 mL of a solu- 
tion that is 0.20 Min Ca** and 0.30 M in Ag’. (a) Which 
compound will precipitate first: CaSO4(K,, = 2.4 X 1075) 
or Ag2SOu (Ksp = 1.5 X 107°)? (b) How much Na2SO, solu- 
tion must be added to initiate the precipitation? 


17.43 


17.44 


17.45 


An unknown solid is entirely soluble in water. On addition 
of dilute HCl, a precipitate forms. After the precipitate is fil- 
tered off, the pH is adjusted to about 1 and H3S is bubbled 
in; a precipitate again forms. After filtering off this precip- 
itate, the pH is adjusted to 8 and H,S is again added; no 
precipitate forms. No precipitate forms upon addition of 
(NH4)2HPO,. The remaining solution shows a yellow color 
in a flame test (see Figure 7.22). Based on these observa- 
tions, which of the following compounds might be present, 
which are definitely present, and which are definitely ab- 
sent: CdS, Pb(NO3)2, HgO, ZnSO4, Cd(NO3)2, and NazSO4? 


Suggest how the cations in each of the following solution 
mixtures can be separated: (a) Na* and Cd?*, (b) Cu?* and 
Mg?*, (c) Pb?* and AL? +, (d) Ag* and Hg’. 


(a) Precipitation of the Group 4 cations of Figure 17.23 re- 
quires a basic medium. Why is this so? (b) What is the most 
significant difference between the sulfides precipitated in 
Group 2 and those precipitated in Group 3? (c) Suggest a 
procedure that would serve to redissolve the Group 3 cat- 
ions following their precipitation. 
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fe Sample Integrative Exercise 
lt Putting Concepts Together 


A sample of 1.25 L of HCI gas at 21 °C and 96.3 kPa is bubbled through 0.500 L of 0.150 M NH3 solution. Calculate the pH of 
the resulting solution assuming that all the HCI dissolves and that the volume of the solution remains 0.500 L. 


SOLUTION 


The number of moles of HCI gas is calculated 


96.3 kPa)(1.25 E 
from the ideal gas law: n ( ui ) 


RT (8.314 L-kPa/mol-K) (294 K) 


0.0492 mol HCl 


The number of moles of NH; in the solution is 
given by the product of the volume of the solu- 


tion and its concentration: Moles NH; = (0.500 £)(0.150 mol NH3/L) = 0.0750 mol NH3 


The acid HCl and base NH; react, transferring a 
proton from HCI to NH, producing NH,” and 


CI ions: HCl(g) + NH3(aq) —~ NH,‘(aq) + CI (aq) 


To determine the pH of the solution, we first HCl(g) + NH3(aq) —> NH# (aq) + Cl (aq) 
calculate the amount of each reactant and each Bef : 
product present at the completion of the reac- i aa reaction 0.0492 0.0750 0 0 
tion. Because you can assume this neutralization (mol) 
reaction proceeds as far toward the product side Change (limiting -0.0492 -0.0492 +0.0492 +0.0492 
as possible, this is a limiting reactant problem. reactant) (mol) 
pieces 0 0.0258 0.0492 0.0492 
(mol) 
Thus, the reaction produces a solution contain- 
ing a mixture of NH3, NH,’, and Cl-. The NH; is 0.0258 mol NH3 
a weak base (K, = 1.8 X 107°), NH# is its con- [NH] 0.500 L solution 0.0516 M 
jugate acid, and CI is neither acidic nor basic. f 
Consequently, the pH depends on [NH;] and [NH] 0.0492 mol NH4 0.0984 M 
[NH]: 0.500 L solution 
We can calculate the pH using either K, for NH3 NH3(aq) + HĦ0O() == NH, (aq) + OH (aq) 
or K; for NH,*. Using the K, expression, we have: Initial (M) 0.0516 = 0.0984 0 
Change (M) = — +x +x 
Equilibrium (M) |(0.0516 — x) = (0.0984 + x) x 
NH," ][OH7 0.0984 + x)(x 0.0984)x 
K, [NH [OH] _ ( x) _ X rekis 
[NH;] (0.0516 — x) 0.0516 
oE (0.0516)(1.8 x 107) ere 
Ax 
x= JOH] 0.0984 
Hence, pOH = —log(9.4 x 10°°) = 5.03 
and pH = 14.00 — pOH = 14.00 — 5.03 = 8.97. 


_ eee 
Chapter Summary and Key Terms 


THE COMMON ION EFFECT (SECTION 17.1) In this chapter, we 
have considered several types of important equilibria that occur in 
aqueous solution. Our primary emphasis has been on acid-base equi- 
libria in solutions containing two or more solutes and on solubility 
equilibria. The dissociation of a weak acid or weak base is repressed 
by the presence of a strong electrolyte that provides an ion common 
to the equilibrium (the common-ion effect). 


BUFFERS (SECTION 17.2) A particularly important type of 
acid-base mixture is that of a weak conjugate acid-base pair that 
functions as a buffered solution (buffer). Addition of small amounts 
of a strong acid or a strong base to a buffered solution causes 
only small changes in pH because the buffer reacts with the 
added acid or base. (Strong acid-strong base, strong acid-weak 
base, and weak acid-strong base reactions proceed essentially 


to completion.) Buffered solutions are usually prepared from a 
weak acid and a salt of that acid or from a weak base and a salt 
of that base. Two important characteristics of a buffered solution 
are its buffer capacity and its pH range. The optimal pH of a buf- 
fer is equal to pK, (or pK;) of the acid (or base) used to prepare 
the buffer. The relationship between pH, pK,, and the concentra- 
tions of an acid and its conjugate base can be expressed by the 
Henderson-Hasselbalch equation. It is important to realize that the 
Henderson-Hasselbalch equation is an approximation, and more 
detailed calculations may need to be performed to obtain equilib- 
rium concentrations. 


ACID-BASE TITRATIONS (SECTION 17.3) The plot of the pH of 
an acid (or base) as a function of the volume of added base (or acid) 
is called a pH titration curve. The titration curve of a strong acid- 
strong base titration exhibits a large change in pH in the imme- 
diate vicinity of the equivalence point; at the equivalence point 
for such a titration pH = 7. For strong acid-weak base or weak 
acid-strong base titrations, the pH change in the vicinity of the 
equivalence point is not as large as for a strong acid-strong base 
titration, nor will the pH equal 7 at the equivalence point in these 
cases. Instead, what determines the pH at the equivalence point is 
the conjugate base or acid salt solution that results from the neu- 
tralization reaction. For this reason, it is important to choose an 
indicator whose color change is near the pH at the equivalence 
point for titrations involving either weak acids or weak bases. It 
is possible to calculate the pH at any point of the titration curve 
by first considering the effects of the acid-base reaction on solu- 
tion concentrations and then examining equilibria involving the 
remaining solute species. 


SOLUBILITY EQUILIBRIA (SECTION 17.4) The equilibrium 
between a solid compound and its ions in solution provides an 
example of heterogeneous equilibrium. The solubility-product 
constant (or simply the solubility product), K,,, is an equilibrium 
constant that expresses quantitatively the extent to which the com- 
pound dissolves. The K, can be used to calculate the solubility of 
an ionic compound, and the solubility can be used to calculate Ksp. 


Key Equations 857 


FACTORS THAT AFFECT SOLUBILITY (SECTION 17.5) Several 
experimental factors, including temperature, affect the solubilities 
of ionic compounds in water. The solubility of a slightly soluble 
ionic compound is decreased by the presence of a second solute 
that furnishes a common ion (the common-ion effect). The sol- 
ubility of compounds containing basic anions increases as the 
solution is made more acidic (as pH decreases). Salts with anions 
of negligible basicity (the anions of strong acids) are unaffected by 
pH changes. 

The solubility of metal salts is also affected by the presence of 
certain Lewis bases that react with metal ions to form stable complex 
ions. Complex-ion formation in aqueous solution involves the dis- 
placement by Lewis bases (such as NH; and CN _) of water molecules 
attached to the metal ion. The extent to which such complex forma- 
tion occurs is expressed quantitatively by the formation constant for 
the complex ion. Amphoteric oxides and hydroxides are those that are 
only slightly soluble in water but dissolve on addition of either acid 
or base. 


PRECIPITATION AND SEPARATION OF IONS (SECTION 17.6) 
Comparison of the reaction quotient, Q, with the value of Ksp can 
be used to judge whether a precipitate will form when solutions are 
mixed or whether a slightly soluble salt will dissolve under various 
conditions. Precipitates form when Q > Ks. If two salts have suffi- 
ciently different solubilities, selective precipitation can be used to 
precipitate one ion while leaving the other in solution, effectively 
separating the two ions. 

Metallic elements vary a great deal in the solubilities of their 
salts, in their acid-base behavior, and in their tendencies to form 
complex ions. These differences can be used to separate and de- 
tect the presence of metal ions in mixtures. Qualitative analysis de- 
termines the presence or absence of species in a sample, whereas 
quantitative analysis determines how much of each species is pres- 
ent. The qualitative analysis of metal ions in solution can be 
carried out by separating the ions into groups on the basis of pre- 
cipitation reactions and then analyzing each group for individual 
metal ions. 


Learning Outcomes After studying this chapter, you should be able to: 


e Describe the common-ion effect. (Section 17.1) 
Related Exercises: 17.2, 17.58 


e Explain how a buffer functions and calculate the pH of a buffered 
solution. (Section 17.2) Related Exercises: 17.8, 17.61 


e Calculate the pH of a buffer after the addition of small amounts 
of a strong acid or a strong base. (Section 17.2) 
Related Exercises: 17.12, 17.65 


e Calculate the appropriate quantities of compounds to make a 
buffer at a given pH. (Section 17.2) Related Exercises: 17.14, 17.67 


e Calculate the pH at any point for an acid-base titration curve. 
(Section 17.3) Related Exercises: 17.23, 17.74 


e Estimate the pK, for monoprotic or polyprotic acids from their 
titration curves. (Section 17.3) Related Exercises: 17.17, 17.68 


e Given either Ksp, molar solubility, or mass solubility for a 
substance, calculate the other two quantities. (Section 17.4) 
Related Exercises: 17.26, 17.28, 17.76, 17.78 


e Qualitatively predict, and quantitatively calculate, the molar 
solubility of a substance in the presence of a common ion or at 
different pH values. (Section 17.5) 

Related Exercises: 17.29, 17.35, 17.37, 17.79, 17.83, 17.85 


e Qualitatively predict whether a precipitate will form when solu- 
tions are mixed, and quantitatively calculate the ion concentra- 
tions required to initiate precipitation. (Section 17.6) 

Related Exercises: 17.39, 17.41, 17.86, 17.88 


e Explain the effect of complex-ion formation on solubility. 
(Section 17.6) Related Exercises: 17.36, 17.84 


e Predict how to separate and identify cations based on their 
solubility characteristics. (Section 17.6) 
Related Exercises: 17.44, 17.91 


Key Equations 


[base] 
[acid] 


e pH = pK, + log [17.9] 


The Henderson-Hasselbalch equation, used to estimate the pH of 
a buffer from the concentrations of a conjugate acid-base pair 


858 


CHAPTER 17 Additional Aspects of Aqueous Equilibria 


Exercises 


Visualizing Concepts 


17.46 


17.47 


17.48 


17.49 


The following boxes represent aqueous solutions contain- 
ing a weak acid, HA, and its conjugate base, A. Water mol- 
ecules, hydronium ions, and cations are not shown. Which 
solution has the highest pH? Explain. [Section 17.1] 


= HA =A 


The beaker on the right contains 0.1 M acetic acid solution 
with methyl orange as an indicator. The beaker on the left 
contains a mixture of 0.1 M acetic acid and 0.1 M sodium 
acetate with methyl orange. (a) Using Figures 16.8 and 
16.9, which solution has a higher pH? (b) Which solution 
is better able to maintain its pH when small amounts of 
NaOH are added? Explain. [Sections 17.1 and 17.2] 


A buffer contains a weak acid, HA, and its conjugate 
base. The weak acid has a pK, of 4.5, and the buffer has 
a pH of 4.7. Without doing a calculation, state which of 
these possibilities are correct at pH 4.7. (a) [HA] > [A], 
(b) [HA] = [A7], or (e) [HA] < [A]. 

The following diagram represents a buffer composed of 
equal concentrations of a weak acid, HA, and its conju- 
gate base, A`. The heights of the columns are proportional 
to the concentrations of the components of the buffer. 
(a) Which of the three drawings, (1), (2), or (3), represents 
the buffer after the addition of a strong acid? (b) Which of 
the three represents the buffer after the addition of a strong 
base? (c) Which of the three represents a situation that 
cannot arise from the addition of either an acid or a base? 
[Section 17.2] 


HA A7 
(1) (2) (3) 
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The following figure represents solutions at various stages 
of the titration of a weak acid, HA, with NaOH. (The Na* 
ions and water molecules have been omitted for clarity.) To 
which of the following regions of the titration curve does 
each drawing correspond: (a) before addition of NaOH, 
(b) after addition of NaOH but before the equivalence 
point, (c) at the equivalence point, (d) after the equiva- 
lence point? [Section 17.3] 


G) Gi) 


Match the following descriptions of titration curves 
with the diagrams: (a) strong acid added to strong base, 
(b) strong base added to weak acid, (c) strong base added to 
strong acid, (d) strong base added to polyprotic acid. [Sec- 
tion 17.3] 


|S N H = 


mL titrant mL titrant mL titrant mL titrant 
(i) (ii) (iti) (iv) 
17.52 Equal volumes of two acids are titrated with 0.10 M NaOH 


resulting in the two titration curves shown in the follow- 
ing figure. (a) Which curve corresponds to the more con- 
centrated acid solution? (b) Which corresponds to the acid 
with the larger K,? [Section 17.3] 


12 
10 


pH 


O N FD © 


0 10 20 30 40 50 
mL NaOH 


17.53 A saturated solution of Cd(OH), is shown in the middle 


beaker. If hydrochloric acid solution is added, the solubil- 
ity of Cd(OH), will increase, causing additional solid to 


Saturated solution 


Cd?* (aq) OH (aq) 
Add Add 
HCl(aq) HCl(aq) 
Beaker A ae Beaker B 
Cd(OH),(s) 
o° a2 
e , 


17.54 


Solubility 


17.55 


“Sca(OHx(s) Cd(OH)2(s) 


dissolve. Which of the two choices, Beaker A or Beaker B, 
accurately represents the solution after equilibrium is rees- 
tablished? (The water molecules and CI” ions are omitted 
for clarity.) [Sections 17.4 and 17.5] 


The following graphs represent the behavior of BaCO; un- 
der different circumstances. In each case, the vertical axis 
indicates the solubility of the BaCO; and the horizontal 
axis represents the concentration of some other reagent. 
(a) Which graph represents what happens to the solubility 
of BaCO; as HNO; is added? (b) Which graph represents 
what happens to the BaCO; solubility as NaCO; is added? 
(c) Which represents what happens to the BaCO; solubility 
as NaNO; is added? [Section 17.5] 


Solubility 
Solubility 


Conc Conc Conc 


Ca(OH), has a K, of 6.5 x 10°. (a) If 0.370 g of Ca(OH), 
is added to 500 mL of water and the mixture is allowed 
to come to equilibrium, will the solution be saturated? 
(b) If 50 mL of the solution from part (a) is added to each 
of the beakers shown here, in which beakers, if any, will a 
precipitate form? In those cases where a precipitate forms, 


what is its identity? [Section 17.6] 


(i) 50 mL (ii) 50 mL 
1.0 M HCl(aq) 1.0 M NaCl(aq) 
(iii) 50 mL (iv) 50 mL 
1.0 M CaCl, (aq) 0.10 M CaCl,(aq) 
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This graph shows the solubility of a salt as a function of 
pH. Which of the following choices explain the shape 
of this graph? (a) None; this behavior is not possible. 
(b) A soluble salt reacts with acid to form a precipitate, 
and additional acid reacts with this product to dissolve it. 
(c) A soluble salt forms an insoluble hydroxide, then addi- 
tional base reacts with this product to dissolve it. (d) The 
solubility of the salt increases with pH, then decreases be- 
cause of the heat generated from the neutralization reac- 
tions. [Section 17.5] 


Solubility 


> 


pH 


Three cations, Ni?*, Cu”*, and Agt, are separated using 
two different precipitating agents. Based on Figure 17.23, 
what two precipitating agents could be used? Using these 
agents, indicate which of the cations is A, which is B, and 
which is C. [Section 17.6] 


Mixture of Cation A Cations Cation B Cation 
cations A,B,C removed B,C removed Cc 
Add 1st Add 2nd 
precipitating Decant precipitating Decant 
agent liquid agent liquid 
— — — — 


Cation A @ CationB @ Cation C @ 


The Common-lon Effect (Section 17.1) 


17.58 


17.59 


17.60 


Which of these statements about the common-ion effect is 
most correct? (a) The solubility of a salt MA is decreased in 
a solution that already contains either M* or A`. (b) Com- 
mon ions alter the equilibrium constant for the reaction of 
an ionic solid with water. (c) The common-ion effect does 
not apply to unusual ions like SO?~. (d) The solubility of a 
salt MA is affected equally by the addition of either A’ ora 
noncommon ion. 


Use information from Appendix D to calculate the pH of 
(a) a solution that is 0.070 M in potassium propanoate 
(C2H;COOK or KC3H;O2) and 0.085 M in propanonic acid 
(C2H;COOH or HC3H;0O,); (b) a solution that is 0.085 Min 
trimethylamine, (CH3)3N, and 0.10 M in trimethylammo- 
nium chloride, (CH3)3NCI; (c) a solution that is made by 
mixing 25.0 mL of 0.20 M acetic acid and 25.0 mL of 0.25 M 
sodium acetate. 


(a) Calculate the percent ionization of 0.0085 M butanoic 
acid (Ka = 1.5 X 107°). (b) Calculate the percent ioniza- 
tion of 0.0085 M butanoic acid in a solution containing 
0.075 M sodium butanoate. 
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Buffers (Section 17.2) 


17.61 


17.62 


17.63 


17.64 


17.65 


17.66 


17.67 


Which of the following solutions is a buffer? (a) 0.20 M for- 
mic acid (HCOOH), (b) 0.20 M formic acid (HCOOH) and 
0.20 M sodium formate (HCOONa), (c) 0.20 M nitric acid 
(HNO3) and 0.20 M sodium nitrate (NaNO3), (d) both b 
and c, (e) all of a, b, and c. 


(a) Calculate the pH of a buffer that is 0.150 M in lactic acid 
and 0.120 M in sodium lactate. (b) Calculate the pH of a 
buffer formed by mixing 75 mL of 0.150 M lactic acid with 
25 mL of 0.120 M sodium lactate. 


A buffer is prepared by adding 15.0 g of sodium ace- 
tate (CH;COONa) to 500 mL of a 0.100 M acetic acid 
(CHCOOH) solution. (a) Determine the pH of the buffer. 
(b) Write the complete ionic equation for the reaction that 
occurs when a few drops of nitric acid are added to the buf- 
fer. (c) Write the complete ionic equation for the reaction 
that occurs when a few drops of potassium hydroxide solu- 
tion are added to the buffer. 


You are asked to prepare a pH = 2.50 buffer solution starting 
from 1.50 L of a 0.75 M solution of hydrofluoric acid (HF) and 
any amount you need of sodium fluoride (NaF). (a) What is the 
pH of the hydrofluoric acid solution prior to adding sodium 
fluoride? (b) How many grams of sodium fluoride should be 
added to prepare the buffer solution? Neglect the small vol- 
ume change that occurs when the sodium fluoride is added. 


A buffer contains 0.20 mol of acetic acid and 0.25 mol of 
sodium acetate in 2.50 L. (a) What is the pH of this buffer? 
(b) What is the pH of the buffer after the addition of 0.05 
mol of NaOH? (c) What is the pH of the buffer after the ad- 
dition of 0.05 mol of HCl? 


(a) What is the ratio of HCO; to HCO; in blood of pH 7.4? 
(b) What is the ratio of HCO; to HCO; in an exhausted 
marathon runner whose blood pH is 7.1? 


You have to prepare a pH = 2.50 buffer, and you have the 
following 0.20 M solutions available: HCOOH, CH3;COOH, 
H3PO4, KCH3COO, KHCOO, and KH,PO,4. Which solu- 
tions would you use? How many liters of each solution 
would you use to make approximately 2 L of the buffer? 


Acid-Base Titrations (Section 17.3) 


17.68 


17.69 


Compare the titration of a strong, monoprotic acid with a 
strong base to the titration of a weak, monoprotic acid with 
a strong base. Assume the strong and weak acid solutions 
initially have the same concentrations. Indicate whether 
the following statements are true or false. (a) More base is 
required to reach the equivalence point for the strong acid 
than the weak acid. (b) The pH at the beginning of the ti- 
tration is lower for the weak acid than the strong acid. (c) 
The pH at the equivalence point is 7 no matter which acid 
is titrated. 


The samples of nitric and acetic acids shown here are both 
titrated with a 0.100 M solution of NaOH (aq). 


a — 


25.0 mL of 1.0 M HNO;(ag) 25.0 mL of 1.0 M CH3;COOH(aq) 
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17.71 


17.72 


17.73 


17.74 


17.75 


Determine whether each of the following statements con- 
cerning these titrations is true or false. 


(a) A larger volume of NaOH(aq) is needed to reach the 
equivalence point in the titration of HNO3. 


(b) The pH at the equivalence point in the HNO; titration 
will be lower than the pH at the equivalence point in 
the CHCOOH titration. 


(c) Phenolphthalein would be a suitable indicator for both 
titrations. 


Predict whether the equivalence point of each of the following 
titrations is below, above, or at pH 7: (a) NaHCOs titrated with 
NaOH, (b) NH; titrated with HCl, (c) KOH titrated with HBr. 


As shown in Figure 16.7, the indicator thymol blue has two 
color changes. Which color change will generally be more 
suitable for the titration of a weak acid with a strong base? 


How many milliliters of 0.0750 M KOH are required to ti- 
trate each of the following solutions to the equivalence 
point: (a) 30.0 mL of 0.0900 M HCOOH, (b) 45.0 mL of 
0.0750 M HNOs, (c) 50.0 mL of a solution that contains 
3.00 g of HBr per liter? 


A 10.0 mL sample of 0.250 M HNO; solution is titrated with 
0.100 M KOH solution. Calculate the pH of the solution after 
the following volumes of base have been added: (a) 20.0 mL, 
(b) 24.9 mL, (c) 25.0 mL, (d) 25.1 mL, (e) 30.0 mL. 


A 10.0 mL sample of 0.250 M acetic acid (CH;COOH) is 
titrated with 0.100 M KOH solution. Calculate the pH after 
the following volumes of base have been added: (a) 0 mL, 
(b) 12.5 mL, (c) 24.5 mL, (d) 25.0 mL, (e) 25.5 mL, (£) 30.0 mL. 


Calculate the pH at the equivalence point for titrating 0.200 M 
solutions of each of the following bases with 0.200 M 
HBr: (a) sodium hydroxide (NaOH), (b) hydroxylamine 
(NH2OH), (c) aniline (CgH;NHz2). 


Solubility Equilibria and Factors Affecting 
Solubility (Sections 17.4 and 17.5) 


17.76 


17.77 


17.78 


17.79 


17.80 


17.81 


For each statement, indicate whether it is true or false. 


(a) The solubility of a slightly soluble salt can be expressed 
in units of moles per liter. 


(b) The solubility product of a slightly soluble salt is simply 
the square of the solubility. 


(c) The solubility of a slightly soluble salt is independent of 
the presence of acommon ion. 


(d) The solubility product of a slightly soluble salt is inde- 
pendent of the presence of acommon ion. 


Write the expression for the solubility-product con- 
stant for each of the following ionic compounds: 
BaCrO,, CuS, PbCl, and LaF3. 


(a) If the molar solubility of CaF, at 35°C is 
1.24 x 107° mol/L, what is Ksp at this temperature? (b) It is 
found that 1.1 x 107? g SrF, dissolves per 100 mL of aque- 
ous solution at 25 °C. Calculate the solubility product for 
StF). (c) The Ksp of Ba(IO3)2 at 25 °C is 6.0 X 101°, What is 
the molar solubility of Ba(103)2? 


A 1.50 L solution saturated at 25 °C with cobalt carbon- 
ate (CoCO3) contains 2.71 mg of CoCO3. Calculate the 
solubility-product constant for this salt at 25 °C. 


Using Appendix D, calculate the molar solubility of AgI 
in (a) pure water, (b) 0.15 M KI solution, (c) 5.0 x 10? M 
AgNO; solution. 


Consider a beaker containing a saturated solution of CaF, 
in equilibrium with undissolved CaF,(s). Solid CaCl, is 
then added to the solution. (a) Will the amount of solid 
CaF, at the bottom of the beaker increase, decrease, or 
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17.83 


17.84 


17.85 


remain the same? (b) Will the concentration of Ca?* ions 
in solution increase or decrease? (c) Will the concentration 
of F ions in solution increase or decrease? 


Calculate the solubility of Mn(OH), in grams per liter 
when buffered at pH (a) 7.0, (b) 9.5, (c) 11.8. 


For each of the following slightly soluble salts, write the 
net ionic equation, if any, for reaction with a strong acid: 
(a) Mns, (b) PbF;, (c) AuCl;, (d) HgzC20,, (e) CuBr. 

From the value of K; listed in Table 17.1, calculate the con- 
centration of Cu” (aq) and Cu(NH3) ¿+ that are present at 
equilibrium after dissolving 5.00 g CuCl, in 1.00 L of 0.10 M 
NH,(aq). 

Use values of K for AgI and K; for Ag(CN)z to (a) cal- 
culate the molar solubility of AgI in pure water, (b) 
calculate the equilibrium constant for the reaction 
Agl(s) + 2CN (aq) == Ag(CN)2 (aq) + I (aq), (c) 
determine the molar solubility of AgI in a 0.100 M NaCN 
solution. 


Precipitation and Separation of Ions 
(Section 17.6) 


17.86 


17.87 


(a) Will Ca(OH), precipitate from solution if the pH of 
a 0.050 M solution of CaCl, is adjusted to 8.0? (b) Will 
Ag,SO, precipitate when 100 mL of 0.050 M AgNO; is 
mixed with 10 mL of 5.0 x 107? MNa,SO, solution? 


Calculate the minimum pH needed to precipitate Mn(OH), 
so completely that the concentration of Mn?*(aq) is less 
than 1 ug per liter [1 part per billion (ppb)]. 


17.88 


17.89 


17.90 


17.91 


17.92 
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A solution contains 1.0 x 107+ Ca**(aq) and 1.0 x 107+ 
La**(aq). If NaF is added, will CaF (Ksp = 3.9 x 107!) or 
LaF; (Ksp = 2 X 107'°) precipitate first? Specify the con- 
centration of F (aq) needed to begin precipitation. 

A solution contains three anions with the following 
concentrations: 0.20MCrO,;” ,0.10MCO;, and 
0.010 MCT. If a dilute AgNO; solution is slowly added to 
the solution, what is the first compound to precipitate: 
Ag,CrO4 (Ksp = 1.2 x 1071), AgoCO3(K,, = 8.1 x 1071”), 
or AgCI (Ksp = 1.8 x 107")? 


A solution containing several metal ions is treated with di- 
lute HCl; no precipitate forms. The pH is adjusted to about 
1, and H,S is bubbled through. Again, no precipitate forms. 
The pH of the solution is then adjusted to about 8. Again, 
H,S is bubbled through. This time a precipitate forms. The 
filtrate from this solution is treated with (NH4),HPO,. No 
precipitate forms. Which of these metal cations are either 
possibly present or definitely absent: Al?*, Na*, Ag*, Mg?*? 


In the course of various qualitative analysis procedures, the 
following mixtures are encountered: (a) Zn?* and Cd?*, 
(b) Cr(OH); and Fe(OH)3, (c) Mg’* and K+, (d) Ag* and 
Mn?~. Suggest how each mixture might be separated. 


A student who is in a great hurry to finish his laboratory 
work decides that his qualitative analysis unknown con- 
tains a metal ion from Group 4 of Figure 17.23. He there- 
fore tests his sample directly with (NH4)2HPO,, skipping 
earlier tests for the metal ions in Groups 1, 2, and 3. He 
observes a precipitate and concludes that a metal ion from 
Group 4 is indeed present. Why is this possibly an errone- 
ous conclusion? 


Additional Exercises 


17.93 


17.94 


17.95 


17.96 


17.97 


Derive an equation similar to the Henderson-Hasselbalch 
equation relating the pOH of a buffer to the pK, of its base 
component. 


Rainwater is acidic because CO,(g) dissolves in the water, 
creating carbonic acid, H,CO3. If the rainwater is too acidic, 
it will react with limestone and seashells (which are prin- 
cipally made of calcium carbonate, CaCO3). Calculate the 
concentrations of carbonic acid, bicarbonate ion (HCO; ) 
and carbonate ion (CO2) that are in a raindrop that has 
a pH of 5.60, assuming that the sum of all three species in 
the raindrop is 1.0 x 10°°M. 


Furoic acid (HC;H303) has a K, value of 6.76 x 10% at 
25 °C. Calculate the pH at 25 °C of (a) a solution formed 
by adding 30.0 g of furoic acid and 25.0 g of sodium furo- 
ate (NaC;H303) to enough water to form 0.300 L of solu- 
tion, (b) a solution formed by mixing 20.0 mL of 0.200 M 
HC;H303 and 30.0 mL of 0.250 M NaC;H30O3 and diluting 
the total volume to 125 mL, (c) a solution prepared by 
adding 25.0 mL of 1.00 M NaOH solution to 100.0 mL of 
0.100 M HC;H303. 

The acid-base indicator bromcresol green is a weak acid. 
The yellow acid and blue base forms of the indicator are 
present in equal concentrations in a solution when the pH 
is 4.68. What is the pK, for bromcresol green? 


Equal quantities of 0.010 M solutions of an acid HA anda 
base B are mixed. The pH of the resulting solution is 9.2. 
(a) Write the chemical equation and equilibrium expres- 
sion for the reaction between HA and B. (b) If K, for HA is 
8.0 x 1075, what is the value of the equilibrium constant 
for the reaction between HA and B? (c) What is the value 
of K, for B? 
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17.100 


17.101 


Two buffers are prepared by adding an equal number of 
moles of methanoic acid (HCOOH) and sodium methanoate 
(HCOONa) to enough water to make 1.00 L of solution. 
Buffer Ais prepared using 1.00 moleach ofmethanoicacidand 
sodium methanoate. Buffer B is prepared by using 0.010 mol 
of each. (a) Calculate the pH of each buffer. (b) Which buf- 
fer will have the greater buffer capacity? (c) Calculate the 
change in pH for each buffer upon the addition of 1.0 mL of 
1.00 M HCL. (d) Calculate the change in pH for each buffer 
upon the addition of 10 mL of 1.00 M HCl. 


A biochemist needs 750 mL of an acetic acid-sodium 
acetate buffer with pH 4.50. Solid sodium acetate 
(CH3COONa) and glacial acetic acid (CHCOOH) are 
available. Glacial acetic acid is 99% CH3;COOH by mass 
and has a density of 1.05 g/mL. If the buffer is to be 0.15 M 
in CH;COOH, how many grams of CH;COONa and how 
many milliliters of glacial acetic acid must be used? 


A sample of 0.2140 g of an unknown monoprotic acid was 
dissolved in 25.0 mL of water and titrated with 0.0950 M 
NaOH. The acid required 30.0 mL of base to reach the 
equivalence point. (a) What is the molar mass of the acid? 
(b) After 15.0 mL of base had been added in the titration, 
the pH was found to be 6.50. What is the K, for the un- 
known acid? 


A sample of 500 mg of an unknown monoprotic acid was 
dissolved in 50.0 mL of water and titrated with 0.200 M 
KOH. The acid required 20.60 mL of base to reach the 
equivalence point. (a) What is the molar mass of the acid? 
(b) After 10.30 mL of base had been added in the titration, 
the pH was found to be 4.20. What is the pK, for the un- 
known acid? 
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Mathematically prove that the pH at the halfway point of 
a titration of a weak acid with a strong base (where the vol- 
ume of added base is half of that needed to reach the equiv- 
alence point) is equal to pK, for the acid. 


A weak monoprotic acid is titrated with 0.100 M NaOH. It 
requires 25.0 mL of the NaOH solution to reach the equiv- 
alence point. After 12.5 mL of base is added, the pH of the 
solution is 4.16. Estimate the pK, of the weak acid. 


What is the pH of a solution made by mixing 0.40 mol 
NaOH, 0.25 mol Na,HPOg,, and 0.30 mol H3PO, with water 
and diluting to 2.00 L? 


Suppose you want to do a physiological experiment that 
calls for a pH 6.50 buffer. You find that the organism with 
which you are working is not sensitive to the weak acid 
H2A (Kg, = 2 X 107°; Kaz = 5.0 X 10°”) or its sodium 
salts. You have available a 1.0 M solution of this acid and a 
1.0 M solution of NaOH. How much of the NaOH solution 
should be added to 1.0 L of the acid to give a buffer at pH 
6.50? (Ignore any volume change.) 


How many microliters of 1.000 M NaOH solution must 
be added to 25.00 mL of a 0.1000 M solution of lactic acid 
{CH3;CH(OH)COOH or HC3H;03] to produce a buffer with 
pH = 3.75? 

Lead(II) carbonate, PbCOs, is one of the components of the 
passivating layer that forms inside lead pipes. (a) If the K,, for 
PbCO; is 7.4 X 1074 what is the molarity of Pb?* in a satu- 
rated solution of lead(II) carbonate? (b) What is the concen- 
tration in ppb of Pb** ions in a saturated solution? (c) Will the 
solubility of PbCO3 increase or decrease as the pH is lowered? 
(d) The EPA threshold for acceptable levels of lead ions in 
water is 15 ppb. Does a saturated solution of lead(II) carbonate 
produce a solution that exceeds the EPA limit? 


For each pair of compounds, use K,, values to determine 
which has the greater molar solubility: (a) CdS or CuS, 
(b) PbCO; or BaCrOq, (c) Ni(OH)2 or NiCO3, (d) AgI or 
Ag SOx. 

The solubility of CaCO; is pH dependent. (a) Calculate the 
molar solubility of CaCO; (Ksp = 4.5 X 10°) neglecting 
the acid-base character of the carbonate ion. (b) Use the K, 
expression for the CO,“ ion to determine the equilibrium 
constant for the reaction 


CaCO3(s) + H,O(1) == 
Ca?*(aq) + HCOs(aq) + OH (aq) 


(c) If we assume that the only sources of Cart, HCO, 
and OH’ ions are from the dissolution of CaCO3, what is 
the molar solubility of CaCO; using the equilibrium ex- 
pression from part (b)? (d) What is the molar solubility of 
CaCO; at the pH of the ocean (8.3)? (e) If the pH is buffered 
at 7.5, what is the molar solubility of CaCO3? 
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Tooth enamel is composed of hydroxyapatite, whose sim- 
plest formula is Cas(PO4)30H, and whose corresponding 
Ky = 6.8 X 107. As discussed in the Chemistry and Life 
box on page 845, fluoride in fluorinated water or in tooth- 
paste reacts with hydroxyapatite to form fluoroapatite, 
Cas(PO,)3F, whose Ksp = 1.0 x 10%. (a) Write the ex- 
pression for the solubility-constant for hydroxyapatite and 
for fluoroapatite. (b) Calculate the molar solubility of each 
of these compounds. 


Salts containing the phosphate ion are added to municipal 
water supplies to prevent the corrosion of lead pipes. (a) Based 
on the pK, values for phosphoric acid (pK; = 7.5 X 107°, 
pKa. = 6.2 X 1078, pK,3 = 4.2 X 107!) what is the Kp 
value for the PO,°~ ion? (b) What is the pH ofa 1 x 1073 M 
solution of Na3PO, (you can ignore the formation of H,PO4— 
and H3PQ,)? 


Calculate the solubility of Fe(OH), in 0.50 M NH,Cl. 


The solubility-product constant for barium permanganate, 
Ba(MnO,)o, is 2.5 x 107!°. Assume that solid Ba(MnO,), is 
in equilibrium with a solution of KMnO,. What concentra- 
tion of KMnO; is required to establish a concentration of 
2.0 x 10-8 M for the Ba?* ion in solution? 


Calculate the ratio of [Ca?*] to [Fe?*] in a lake in which 
the water is in equilibrium with deposits of both CaCO; 
and FeCO3. Assume that the water is slightly basic and 
that the hydrolysis of the carbonate ion can therefore be 
ignored. 


The solubility product constants of PbSO, and SrSO, are 
6.3 X 107 and 3.2 x 107, respectively. What are the val- 
ues of [S047], [Pb?*], and [Sr?*] in a solution at equilib- 
rium with both substances? 


A buffer of what pH is needed to give a Mg”* concentra- 
tion of 3.0 x 107? Min equilibrium with solid magnesium 
oxalate? 


The value of K,, for Mg3(AsO,), is 2.1 X 107”. The AsO,>~ 
ion is derived from the weak acid H3AsO4 (pKaı = 2.22; 
PKa2 = 6.98; pKa3 = 11.50). (a) Calculate the molar solu- 
bility of Mg3(AsO,)> in water. (b) Calculate the pH ofa satu- 
rated solution of Mg3(AsO,)2 in water. 


The solubility product for Zn(OH); is 3.0 x 10716. The for- 
mation constant for the hydroxo complex, Zn(OH) 42", is 
4.6 x 1017. What concentration of OH” is required to dis- 
solve 0.015 mol of Zn(OH), in a liter of solution? 


The value of K for Ca(OH); is 2.5 x 10-4. (a) What 
is the molar solubility of Cd(OH),? (b) The solubility 
of Cd(OH), can be increased through formation of the 
complex ion CdBr,’~ (Kp = 5 x 103). If solid Ca(OH); is 
added to a NaBr solution, what is the initial concentration 
of NaBr needed to increase the molar solubility of Cd(OH), 


to 1.0 x 107? mol/L 


Integrative Exercises 


17.120 


17.121 


(a) Write the net ionic equation for the reaction that occurs 
when a solution of nitric acid (HNO3) is mixed with a solu- 
tion of potassium propionate (KC,H;CO,). (b) Calculate 
the equilibrium constant for this reaction. (c) Calculate the 
equilibrium concentrations of K*, H*, NO3, CzH;COO- 
and C,H;COOH when 100.0 mL of 0.30 M HNO; is mixed 
with 100.0 mL of 0.30 M KC,H;COp. 


(a) A 0.1044 g sample of an unknown monoprotic acid re- 
quires 22.10 mL of 0.0500 M NaOH to reach the end point. 
What is the molar mass of the unknown? (b) As the acid 
is titrated, the pH of the solution after the addition of 
11.05 mL of the base is 4.89. What is the K, for the acid? 
(c) Using Appendix D, suggest the identity of the acid. 


17.122 


17.123 


A sample of 7.5 L of NH; gas at 22 °C and 98 kPa is bubbled 
into a 0.50 L solution of 0.40 M HCI. Assuming that all the 
NH; dissolves and that the volume of the solution remains 
0.50 L, calculate the pH of the resulting solution. 


Aspirin has the structural formula 


O—C—CH; 
7 
O 


At body temperature (37°C),K, for aspirin equals 
3 x 10°. If two aspirin tablets, each having a mass of 
325 mg, are dissolved in a full stomach whose volume is 
1 Land whose pH is 2, what percent of the aspirin is in the 
form of neutral molecules? 


17.124 What is the pH at 25°C of water saturated with CO, at a 
partial pressure of 111.5 kPa? The Henry’s law constant for 
CO, at 25 °C is 3.1 x 10-4 mol/L kPa. 


17.125 Excess Ca(OH), is shaken with water to produce a saturated 
solution. The solution is filtered, and a 50.00 mL sample 
titrated with HCl requires 11.23 mL of 0.0983 M HCI to 
reach the end point. Calculate K,, for Ca(OH) 2. Compare 
your result with that in Appendix D. Suggest a reason for 
any differences you find between your value and the one in 
Appendix D. 


17.126 The osmotic pressure of a saturated solution of lead(II) 
sulfate (PbSO,) at 25 °C is 3.93 kPa. What is the solubility 
product of this salt at 25 °C? 


17.127 A concentration of 10-100 parts per billion (by mass) of Agt 
is an effective disinfectant in swimming pools. However, if 
the concentration exceeds this range, the Ag* can cause 
adverse health effects. One way to maintain an appropri- 
ate concentration of Ag” is to adda slightly soluble salt to 
the pool. Using K,, values from Appendix D, calculate the 
equilibrium concentration of Ag* in parts per billion that 
would exist in equilibrium with (a) AgCl, (b) AgBr, (c) AgI. 


17.128 Fluoridation of drinking water is employed in many places 
to aid in the prevention of tooth decay. Typically. the F~ 
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ion concentration is adjusted to about 1 ppm. Some water 
supplies are also “hard”; that is, they contain certain cat- 
ions such as Ca?* that interfere with the action of soap. 
Consider a case where the concentration of Ca?* is 8 ppm. 
Could a precipitate of CaF, form under these conditions? 
(Make any necessary approximations.) 


17.129 Baking soda (sodium bicarbonate, NaHCO3) reacts with 
acids in foods to form carbonic acid (HzCO3), which in 
turn decomposes to water and carbon dioxide gas. In a 
cake batter, the CO2(g) forms bubbles and causes the cake 
to rise. (a) A rule of thumb in baking is that 1/2 teaspoon of 
baking soda is neutralized by one cup of sour milk. The acid 
component in sour milk is lactic acid, CH3CH(OH)COOH. 
Write the chemical equation for this neutralization reac- 
tion. (b) The density of baking soda is 2.16 g/cm*. Calcu- 
late the concentration of lactic acid in one cup of sour milk 
(assuming the rule of thumb applies), in units of mol/L. 
(One cup = 236.6 mL = 48 teaspoons). (c) If 1/2 teaspoon 
of baking soda is indeed completely neutralized by the lac- 
tic acid in sour milk, calculate the volume of carbon diox- 
ide gas that would be produced at a pressure of 101.3 kPa, in 
an oven set to 177 °C. 


17.130 In nonaqueous solvents, it is possible to react HF to create 
H,F*. Which of these statements follows from this obser- 
vation? (a) HF can act like a strong acid in nonaqueous 
solvents, (b) HF can act like a base in nonaqueous sol- 
vents, (c) HF is thermodynamically unstable, (d) There is 
an acid in the nonaqueous medium that is a stronger acid 
than HE 


Design an Experiment 


You are cleaning up an old chemistry lab and find a glass bottle la- 
beled “6.00 M NaOH.” The bottle looks like it holds about 5 mL of 
solution. However, it is possible that sodium hydroxide, over a long 
period of time, has reacted with glass (SiO3). It is also possible that 
the bottle was not well sealed, and some water evaporated. 


Design an experiment to determine the concentration of the NaOH, 
using a very small amount from the bottle (less than 1 mL). Consider 
that you have unlimited water available, a stock solution of 2.00 M 
HCl, and any pH indicators you need. Also consider that your equip- 
ment only allows you to measure volumes to the nearest mL. 
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The richness of life on Earth, represented in the section-opening photograph, is made 
possible by our planet’s supportive atmosphere, the energy received from the Sun, and 
an abundance of water. These are the signature environmental features believed to be 
necessary for life. 


As technology has advanced and human population has increased, humans have 
put new and greater stresses on the environment. Paradoxically, the very technology 
that enables population growth also provides the tools to help understand and manage 
the environment in a beneficial way. Chemistry is often at the heart of environmental 
issues. The economic growth of both developed and developing nations depends criti- 
cally on chemical processes that range from treatment of water supplies to the extraction 
of fossil fuels. Some of these processes produce products or by products that are harmful 
to the environment. 

We are now in a position to apply the principles we have learned in preceding chap- 
ters to an understanding of how our environment operates and how human activities 
affect it. To understand and protect the environment in which we live, we must under- 
stand how human-made and natural chemical compounds interact on land and in the 
sea and sky. Our daily actions as consumers turn on the same choices made by leading 
experts and governmental leaders: each decision should reflect the costs versus the ben- 
efits of our choices. Unfortunately, the environmental impacts of our decisions are often 
subtle and not immediately evident. 

By the end of this section, you should be able to 


e Describe the regions of Earth’s atmosphere. 
e Calculate concentrations of gases in parts per million (ppm). 
e Describe the processes of photodissociation and photoionization. 


Because most of us have never been very far from Earth’s surface, we often take for 
granted the many ways in which the atmosphere determines the environment in which 
we live. In this section we examine some of the important characteristics of our planet’s 
atmosphere. 

The temperature of the atmosphere varies with altitude (Figure 18.1), and the atmo- 
sphere is divided into four regions based on this temperature profile. Just above the sur- 
face, in the troposphere, the temperature normally decreases with increasing altitude, 
reaching a minimum of about 215 K at about 10 km. Nearly all of us live our entire lives 
in the troposphere. Howling winds and soft breezes, rain, and sunny skies—all that we 
normally think of as “weather”—occur in this region. Commercial jet aircraft typically 
fly about 10 km above Earth, an altitude that defines the upper limit of the troposphere, 
which we call the tropopause. 

Above the tropopause, air temperature increases with altitude, reaching a maximum 
of about 275 K at about 50 km. The region from 10 km to 50 km is the stratosphere, 
and above it are the mesosphere and thermosphere. Notice in Figure 18.1 that the tempera- 
ture extremes that form the boundaries between adjacent regions are denoted by the 
suffix -pause. The boundaries are important because gases mix across them relatively 
slowly. For example, pollutant gases generated in the troposphere pass through the tro- 
popause and find their way into the stratosphere only very slowly. 

Atmospheric pressure decreases with increasing elevation (Figure 18.1), declining 
much more rapidly at lower elevations than at higher ones because of the atmosphere’s 
compressibility. Thus, the pressure decreases from an average value of 101.3 kPa at sea 
level to 3.1 x 10°? kPa at 100 km, to only 1.3 x 107” kPa at 200 km. 

The troposphere and stratosphere together account for 99.9% of the mass of the 
atmosphere, 75% of which is the mass in the troposphere. Nevertheless, the thin upper 
atmosphere plays many important roles in determining the conditions of life at the 
surface. 


Composition of the Atmosphere 


Earth’s atmosphere is constantly bombarded by radiation and energetic particles from 
the Sun. This barrage of energy has profound chemical and physical effects, especially 
in the upper regions of the atmosphere, above about 80 km (Figure 18.2). In addition, 
because of Earth’s gravitational field, heavier atoms and molecules tend to sink in the 
atmosphere, leaving lighter atoms and molecules at the top of the atmosphere. (This is 
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High-energy solar particles create 
excited N and O atoms; visible light 
results as electrons in these atoms 
fall from excited states to lower 
energy states. 


V Go Figure At what altitude is the atmospheric temperature lowest? 
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3 50 3 50 
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Temperature (K) Pressure (kPa) 


A Figure 18.1 Temperature and pressure in the atmosphere vary as a function of altitude above 
sea level. 


why, as just noted, 75% of the atmosphere’s mass is in the troposphere.) Because of all 
these factors, the composition of the atmosphere is not uniform. 

Table 18.1 shows the composition of dry air near sea level. Note that although traces 
of many substances are present, Ng and O; make up about 99% of sea-level air. The noble 
gases and CO, make up most of the remainder. 

When applied to substances in aqueous solution, the concentration unit parts per 
million (ppm) refers to grams of substance per million grams of solution. When dealing 


TABLE 18.1 The Major Components of Dry Air near Sea Level 


A Figure 18.2 The aurora borealis 


(northern lights). 


Component* Content (mole fraction) Molar Mass (g/mol) 
Nitrogen 0.78084 28.013 
Oxygen 0.20948 31.998 
Argon 0.00934 39.948 
Carbon dioxide 0.000400 44.0099 
Neon 0.00001818 20.183 
Helium 0.00000524 4.003 
Methane 0.000002 16.043 
Krypton 0.00000114 83.80 
Hydrogen 0.0000005 2.0159 
Nitrous oxide 0.0000005 44.0128 
Xenon 0.000000087 131.30 


*Ozone, sulfur dioxide, nitrogen dioxide, ammonia, and carbon monoxide are present as 


trace gases in variable amounts. 
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TABLE 18.2 Sources and Typical Concentrations of Some Minor Atmospheric Constituents 


Constituent 
Carbon dioxide, CO, 


Carbon monoxide, CO 


Methane, CH, 


Nitric oxide, NO 


Ozone, O3 


Sulfur dioxide, SO 


Sources 


Decomposition of organic matter, release from oceans, 
fossil fuel combustion 


Decomposition of organic matter, industrial processes, 
fossil fuel combustion 


Decomposition of organic matter, natural-gas seepage, 
livestock emissions 


Atmospheric electrical discharges, internal 
combustion engines, combustion of organic matter 


Atmospheric electrical discharges, diffusion from the 
stratosphere, photochemical smog 


Volcanic gases, forest fires, bacterial action, fossil fuel 
combustion, industrial processes 


Typical Concentration 


400 ppm throughout troposphere 

0.05 ppm in unpolluted air; 1-50 ppm in urban areas 
1.82 ppm throughout troposphere 

0.01 ppm in unpolluted air; 0.2 ppm in smog 

0-0.01 ppm in unpolluted air; 0.5 ppm in 


photochemical smog 


0-0.01 ppm in unpolluted air; 0.1-2 ppm in polluted 
urban areas 


with gases, however, 1 ppm means one part by volume in 1 million volumes of the whole. 
Because volume is proportional to number of moles of gas via the ideal gas equation 
(PV = nRT), volume fraction and mole fraction are the same. Thus, 1 ppm of a trace con- 
stituent of the atmosphere amounts to 1 mol of that constituent in 1 million moles of air; 
that is, the concentration in parts per million is equal to the mole fraction times 10°. For 
example, Table 18.1 lists the mole fraction of CO, in the atmosphere as 0.000400, which 
means its concentration in parts per million is 0.000400 x 10° = 400 ppm. 

Other minor constituents of the troposphere, in addition to CO,, are listed in 
Table 18.2. 

Before we consider the chemical processes that occur in the atmosphere, let’s review 
some of the properties of the two major components, N, and Op. Recall that the Nz mol- 
ecule possesses a triple bond between the nitrogen atoms. This very strong bond (bond 
energy 941 kJ/mol) is largely responsible for the very low reactivity of N2. The bond 
energy in O; is only 495 kJ/mol, making O, much more reactive than N3. For example, 
oxygen reacts with many substances to form oxides. 


VA Sample Exercise 18.1 


D Calculating Concentration from Partial Pressure 


and the total pressure of the air is 98.0 kPa? 


SOLUTION 


Analyze We are given the partial pressure of water vapor and the 
total pressure of an air sample and asked to determine the water 
vapor concentration. 


Plan Recall that the partial pressure of a component in a mixture 
of gases is given by the product of its mole fraction and the total 


pressure of the mixture: > Practice Exercise 


Puyo = Xu,0F 
Solve Solving for the mole fraction of water vapor in the mixture, is 92.7 kPa? 
Xu,0) gives 
Puzo 0.11 kPa 


0.0011 


Xio P. 98.0kPa 


What is the concentration, in parts per million, of water vapor in a sample of air if the partial pressure of the water is 0.11 kPa 


The concentration in ppm is the mole fraction times 10°: 


0.0011 x 10° = 1100 ppm 


The concentration of CO in a sample of air is 4.3 ppm. 
What is the partial pressure of the CO if the total air pressure 
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Photochemical Reactions in the Atmosphere 


Although the atmosphere beyond the stratosphere contains only a small fraction of 
the atmospheric mass, it forms the outer defense against the hail of radiation and high- 
energy particles that continuously bombard Earth. As the bombarding radiation passes 
through the upper atmosphere, it causes two kinds of chemical changes: photodisso- 
ciation and photoionization. These processes protect us from high-energy radiation by 
absorbing most of the radiation before it reaches the troposphere. If it were not for these 
photochemical processes, plant and animal life as we know it could not exist on Earth. 

The Sun emits radiant energy over a wide range of wavelengths (Figure 18.3). To 
understand the connection between the wavelength of radiation and its effect on atoms 
and molecules, recall that electromagnetic radiation can be pictured as a stream of pho- 
tons. The energy of each photon is given by E = hv, where h is Planck constant and v is 
the radiation frequency. For a chemical change to occur when radiation strikes atoms 
or molecules, two conditions must be met. First, the incoming photons must have suffi- 
cient energy to break a chemical bond or remove an electron from the atom or molecule. 
Second, the atoms or molecules being bombarded must absorb these photons. When 
these requirements are met, the energy of the photons is used to do the work associated 
with some chemical change. 


Photodissociation The rupture of a chemical bond resulting from absorption of a photon 
by a molecule is called photodissociation. No ions are formed when the bond between 
two atoms is cleaved by photodissociation. Instead, half the bonding electrons stay with 
one atom and half stay with the other atom. The result is two electrically neutral particles. 

One of the most important processes occurring above an altitude of about 120 km is 
photodissociation of the oxygen molecule: 


(0=O0: + bv — :04+6: [18.1] 


The minimum energy required to cause this change is determined by the bond energy (or 
dissociation energy) of O3, 495 kJ/mol. 

Fortunately for us, O, absorbs much of the high-energy, short-wavelength radiation 
from the solar spectrum before that radiation reaches the lower atmosphere. As it does, 
atomic oxygen, O, is formed. The dissociation of O; is very extensive at higher elevations. 
At 400 km, for example, only 1% of the oxygen is in the form of O3; 99% is atomic oxy- 
gen. At 130 km, O, and atomic oxygen are just about equally abundant. Below 130 km, 
O; is more abundant than atomic oxygen because most of the solar energy has been 
absorbed in the upper atmosphere. 


YW Tee aT Why doesn’t the solar spectrum at sea level perfectly 
match the solar spectrum outside the atmosphere? 


„Solar spectrum outside atmosphere 


Solar spectrum at sea level 


Increasing flux 


l == 
1400 1800 3000 


Wavelength (nm) 
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2200 2600 


A Figure 18.3 The solar spectrum above Earth’s atmosphere compared to that at sea level. 
The more structured curve at sea level is due to gases in the atmosphere absorbing specific 
wavelengths of light. “Flux,” the unit on the vertical axis, is light energy per area per unit of time. 
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= Sample Exercise 18.2 
D Calculating the Wavelength Required to Break a Bond 


What is the maximum wavelength of light, in nanometers, that has enough energy per photon to dissociate the O, molecule? 


SOLUTION 
Analyze We are asked to determine the wavelength of a Plan We first need to calculate the energy required to break the 
photon that has just enough energy to break the O=O double O=O double bond in one molecule and then find the wave- 
bond in O3. length of a photon of this energy. 
Solve 
The dissociation energy of O2 is 495 kJ/mol. Using this value x J 1 mol 
and Avogadro’s number, we can calculate the amount of en- 495 x 10 mol /\ 6.022 x 1023 molecules 
ergy needed to break the bond in a single O2 molecule: J 
= 8.22 x 10 "— ~ 
molecule 
We next use the Planck relationship, E = hv, to calculate the fre- 
quency v of a photon that has this amount of energy: E 8.22 x 10 !°y 
v 1.24 x 10 s1 


h 6.626 x 10 24Js 


Finally, we use the relationship between frequency and wave- a 3.00 x 108 nt/s\/109 nm 
length to calculate the wavelength of the light: aad ( 1.24 x 1015/3 ( at ) 242nm 
Comment Thus, light of wavelength 242 nm, which is in the ul- > Practice Exercise 
traviolet region of the electromagnetic spectrum, has sufficient The bond dissociation energy of the Br—Br bond is 
energy per photon to photodissociate an Oz molecule. Because 193 kJ/mol. What wavelength of light has just enough 
photon energy increases as wavelength decreases, any photon of energy to cause Br—Br bond dissociation? 
wavelength shorter than 242 nm will have sufficient energy to (a)620nm (b)310nm (c)148nm (d)6200nm (e)563nm 


dissociate O3. 


The dissociation energy of N3 is very high, 941 kJ/mol. As you should have seen 
in working out Practice Exercise 2 of Sample Exercise 18.2, only photons having 
a wavelength shorter than 127 nm possess sufficient energy to dissociate N3. Fur- 
thermore, N; does not readily absorb photons, even when they possess sufficient 
energy. As a result, very little atomic nitrogen is formed in the upper atmosphere by 
photodissociation of N3. 


Photoionization Other photochemical processes besides photodissociation occur in 
the upper atmosphere, although their discovery has taken many twists and turns. In 
1901, Guglielmo Marconi received a radio signal in St. John’s, Newfoundland, that had 
been transmitted from Land’s End, England, 2900 km away. Because people at the time 
thought radio waves traveled in straight lines, they assumed that the curvature of Earth’s 
surface would make radio communication over large distances impossible. Marconi’s 
successful experiment suggested that Earth’s atmosphere in some way substantially 
affects radio-wave propagation. His discovery led to intensive study of the upper atmos- 
phere. In about 1924, the existence of electrons in the upper atmosphere was established 
by experimental studies. 

The electrons in the upper atmosphere result mainly from photoionization, 
which occurs when a molecule in the upper atmosphere absorbs solar radiation and the 
absorbed energy causes an electron to be ejected from the molecule. The molecule then 
becomes a positively charged ion. For photoionization to occur, therefore, a molecule 
must absorb a photon, and the photon must have enough energy to remove an electron. 
Notice that this is a very different process from photodissociation. 
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V Go Figure 


In what region of the electromagnetic 
spectrum does ozone most strongly 
absorb light: (a) IR, (b) visible, or (c) UV? 


Absorption cross section (cm2/molecule) ——— 


200 250 300 
Wavelength (nm) 


A Figure 18.4 The absorption spectrum of 
ozone. 


TABLE 18.3 Photoionization Reactions for Four Components of the 
Atmosphere 


Process lonization Energy (kJ/mol) Amax (NM) 
N; + hv —> Not +e 1495 80.1 
O, + hv — O° + e 1205 99.3 
© + iy —> OF e 1313 Oe 
NO + hy —> NO* +e 890 134.5 


Four important photoionization processes occurring in the atmosphere above about 
90 km are shown in Table 18.3. Photons of any wavelength shorter than the maximum 
lengths given in the table have enough energy to cause photoionization. A look back at 
Figure 18.3 shows you that virtually all of these high-energy photons are filtered out of 
the radiation reaching Earth because they are absorbed by the upper atmosphere. 


Ozone in the Stratosphere 


Although No, O2, and atomic oxygen absorb photons having wavelengths shorter 
than 240 nm, ozone, Os, is the key absorber of photons whose wavelengths range 
from 240 to 310 nm, in the ultraviolet region of the electromagnetic spectrum, as 
illustrated in Figure 18.4. Ozone in the upper atmosphere protects us from these 
harmful high-energy photons, which would otherwise penetrate to Earth’s sur- 
face. Let’s consider how ozone forms in the upper atmosphere and how it absorbs 
photons. 

By the time radiation from the Sun reaches an altitude of 90 km above Earth’s 
surface, most of the short-wavelength radiation capable of photoionization has been 
absorbed. Nevertheless, radiation capable of dissociating the O molecule is sufficiently 
intense for photodissociation of O; (Equation 18.1) to remain important down to an alti- 
tude of 30 km. In the region between 30 and 90 km, the concentration of Oz is much 
greater than the concentration of atomic oxygen. Consequently, the oxygen atoms 
formed by photodissociation of O in this region frequently collide with O molecules 
and form ozone: 


(0 +O, — O# [18.2] 


The asterisk on O3 denotes that the product contains an excess of energy, because the re- 
action is exothermic. The 105 kJ/mol that is released must be transferred away from the 
O molecule quickly or else the molecule will fly apart into O; and atomic O—a decom- 
position that is the reverse of the reaction by which O;* is formed. 

An energy-rich O3* molecule can release its excess energy by colliding with another 
atom or molecule and transferring some of the excess energy to it. Let’s use M to repre- 
sent the atom or molecule with which O;¥ collides. (Usually, M is Nz or O, because these 
are the most abundant molecules in the atmosphere.) The formation of O¥ and the 
transfer of excess energy to M are summarized by the equations 


O(g) + O2(g) == O3*(g) [18.3] 
O#(g) + M(g) —> Oa(g) + M*(g) [18.4] 
O(g) + O2(g) + M(g) —> Os(g) + M*(g) [18.5] 


The rate at which the reactions of Equations 18.3 and 18.4 proceed depends on 
two factors that vary in opposite directions with increasing altitude. First, the forma- 
tion of O;* (Equation 18.3) depends on the presence of O atoms. At low altitudes, most 
of the radiation energetic enough to dissociate O2 molecules into O atoms has been 
absorbed; thus, O atoms are not very plentiful at low altitudes. Second, Equations 
18.3 and 18.4 both depend on molecular collisions. The concentration of molecules is 
greater at low altitudes, and so the rates of both reactions are greater at lower altitudes. 


Because these two effects vary with altitude in opposite directions, the high- 
est rate of O; formation occurs in a band at an altitude of about 50 km, near 
the stratopause (Figure 18.1). Overall, roughly 90% of Earth’s ozone is found 
in the stratosphere. 

The photodissociation of ozone reverses the reaction that forms it. We thus 
have a cycle of ozone formation and decomposition, summarized on the next 
page: 

O2(g) + hv —> O(g) + O(g 
O(g) + On(g) + M(g) — O3(g) + M* 


( 
O3(g) + hv —> O2(g) + O(8) 
O(g) + O(g) + M(g) —> O2(g) + M*(g) 


) 
(g) (heat released) 


(heat released) 


The first and third processes are photochemical; they use a solar photon to 
initiate a chemical reaction. The second and fourth are exothermic chemical 
reactions. The net result of the four reactions is a cycle in which solar radiant 
energy is converted into thermal energy. The ozone cycle in the stratosphere is 
responsible for the rise in temperature that reaches its maximum at the stratopa- 
use (Figure 18.1). 

The reactions of the ozone cycle account for some, but not all, of the facts 
about the ozone layer. Many chemical reactions occur that involve substances 
other than oxygen. We must also consider the effects of turbulence and winds 
that mix up the stratosphere. A complicated picture results. The overall result 
of ozone formation and removal reactions, coupled with atmospheric turbu- 
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W Go Figure 


Estimate the ozone concentration in moles per 
liter for the peak value in this graph. 
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A Figure 18.5 Variation in ozone concentration in the 
atmosphere as a function of altitude. 


lence and other factors, is to produce the upper-atmosphere ozone profile shown in 
Figure 18.5, with a maximum ozone concentration occurring at an altitude of about 
25 km. This band of relatively high ozone concentration is referred to as the “ozone 


layer” or the “ozone shield.” 


Photons with wavelengths shorter than about 300 nm are energetic enough to 
break many kinds of single chemical bonds. Thus, the “ozone shield” is essential for 
our continued well-being. The ozone molecules that form this essential shield against 
high-energy radiation represent only a tiny fraction of the oxygen atoms present in the 
stratosphere, however, because these molecules are continually destroyed even as they 


are formed. 


Self-Assessment Exercises 


18.1 Would you expect the ratio of atmospheric helium to argon 
to be larger in the troposphere or the mesosphere? 


(a) Troposphere 
(b) Mesosphere 


18.2 Which equation best represents the photoionization of 
ozone? 


(a) O,+hv—> 0,7 +e 
(b) O, +e —> O; +hv 
(c) O,+hv—>0,+0 


18.3 Based on its Lewis structure, which molecule will have 
stronger oxygen-oxygen bonds, O, or O,? 


(a) Oxygen 
(b) Ozone 


ee, 
Exercises 


18.4 (a) How are the boundaries between the regions of the 


atmosphere determined? (b) Explain why the stratosphere, 
which is about 35 km thick, has a smaller total mass than 
the troposphere, which is about 12 km thick. 


18.5 The Environmental Protection Agency (EPA) has estab- 


lished air quality standards. For ozone (O3), the 8-hour 
average concentration permitted under the standards is 
0.085 parts per million (ppm). (a) Calculate the partial 


18.6 


pressure of ozone at 0.085 ppm if the atmospheric pressure 
is 100 kPa. (b) How many ozone molecules are in 1.0 L of 
air? Assume T = 25°C. 


(a) From the data in Table 18.1, what is the concentration 
of helium in the atmosphere in ppm? (b) What is the con- 
centration of helium in the atmosphere in atoms per liter, 
assuming an atmospheric pressure of 101 kPa and a tem- 
perature of 298 K? 
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In CH3I the C—I bond-dissociation energy is 241 kJ/mol. 
In C6H;I the C—I bond-dissociation energy is 
280 kJ/mol. What is the range of wavelengths of photons 
that can cause C—I bond rupture in one molecule but 
not in the other? 


Why is the photodissociation of N3 in the atmosphere 
relatively unimportant compared with the photodissocia- 
tion of Oz? 


18.9 The ultraviolet spectrum can be divided into three regions 


based on wavelength: UV-A (315-400 nm), UV-B (280-315 
nm), and UV-C (100-280 nm). (a) Photons from which 
region have the highest energy and therefore are the most 
harmful to living tissue? (b) In the absence of ozone, 
which of these three regions, if any, are absorbed by the 
atmosphere? (c) When appropriate concentrations of 
ozone are present in the stratosphere, is all of the UV light 


absorbed before reaching the Earth’s surface? If not, which 
region or regions are not filtered out? 


(a) F8 


y 


(e) eet (2) oer 
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18.2 | Human Activities 
and Earth’s Atmosphere 


Both natural and anthropogenic (human-caused) events can modify Earth’s atmosphere. 
One impressive natural event was the eruption of Mount Pinatubo in June 1991. The 
volcano ejected approximately 10 km? of material into the stratosphere, causing a 
10% drop in the amount of sunlight reaching Earth’s surface during the next 2 years. 
That drop in sunlight led to a temporary 0.5 °C drop in Earth’s surface temperature. 
The volcanic particles that made it to the stratosphere remained there for approx- 
imately 3 years, raising the temperature of the stratosphere by several degrees due to 
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light absorption. Measurements of the stratospheric ozone concentration showed sig- 
nificantly increased ozone decomposition in this 3-year period. 
By the end of this section, you should be able to 


e Describe the origins and behavior of sulfur oxides and nitrogen oxides as air pollutants, 
including the generation of acid rain and photochemical smog. 

e Describe how water and carbon dioxide cause an increase in atmospheric temperature 
near Earth’s surface. 


The Ozone Layer and Its Depletion 


The ozone layer protects Earth’s surface from the damaging ultraviolet (UV) radiation. 
Therefore, if the concentration of ozone in the stratosphere decreases substantially, more 
UV radiation will reach Earth’s surface, causing unwanted photochemical reactions, 
including reactions correlated with skin cancer. Satellite monitoring of ozone, which 
began in 1978, has revealed a depletion of ozone in the stratosphere that is particularly 
severe over Antarctica, a phenomenon known as the ozone hole (Figure 18.6). The first 
scientific paper on this phenomenon appeared in 1985, and the National Aeronautics 
and Space Administration (NASA) maintains an “Ozone Hole Watch” website with daily 
updates and data from 1999 to the present. 

In 1995, the Nobel Prize in Chemistry was awarded to F. Sherwood Rowland, 
Mario Molina, and Paul Crutzen for their studies of ozone depletion. In 1970, Crutzen 
showed that naturally occurring nitrogen oxides catalytically destroy ozone. Rowland 
and Molina recognized in 1974 that chlorine from chlorofluorocarbons (CFCs) may 
deplete the ozone layer. These substances, principally CFCl, and CF,Cl,, do not occur 
in nature and have been widely used as propellants in spray cans, as refrigerant and 
air-conditioner gases, and as foaming agents for plastics. They are virtually unreactive in 
the lower atmosphere. Furthermore, they are relatively insoluble in water and are there- 
fore not removed from the atmosphere by rainfall or by dissolution in the oceans. Unfor- 
tunately, the lack of reactivity that makes them commercially useful also allows them to 
survive in the atmosphere and to diffuse into the stratosphere. It is estimated that several 
million tons of chlorofluorocarbons are now present in the atmosphere. 

As CFCs diffuse into the stratosphere, they are exposed to high-energy radiation, 
which can cause photodissociation. Because C— Cl bonds are considerably weaker than 
C—F bonds, free chlorine atoms are formed readily in the presence of light with wave- 
lengths in the range from 190 to 225 nm, as shown in this typical reaction: 


CF,Cl,(g) + hv —> CE,Cl(g) + Cl(g) [18.6] 


Calculations suggest that chlorine atom formation occurs at the greatest rate at an alti- 
tude of about 30 km, the altitude at which ozone is at its highest concentration. 

Atomic chlorine reacts rapidly with ozone to form chlorine monoxide and molecu- 
lar oxygen: 


Cl(g) + O3(g) —> ClO(g) + O2(8) [18.7] 
This reaction follows a second-order rate law with a very large rate constant: 
Rate = kK[{Cl][O3] k = 7.2 x 10°M's lat 298K [18.8] 
Under certain conditions, the ClO generated in Equation 18.7 can react to regener- 
ate free Cl atoms. One way that this can happen is by photodissociation of ClO: 
ClO(g) + hy — Cl(g) + O(g) [18.9] 


The Cl atoms generated in Equations 18.6 and 18.9 can react with more Os, 
according to Equation 18.7. The result is a sequence of reactions that accomplishes the 
Cl-catalyzed decomposition of O3 to O3: 


2 Cl(g) + 2 O3(g) —> 2 ClO(g) + 2 On(g) 
2 ClO(g) +hv —> 2Cl(g) +2 O(g) 
O(g) + O(g) — O2(g) 


2 Cl(g) + 2 O3(g) + 2 ClO(g) + 2 O(g) —> 2 Cl(g) + 2 C1O(g) + 3 O(g) + 2 O(g) 


Total ozone (Dobson units) 


110 220 330 440 550 


A Figure 18.6 Ozone present in the Southern 
Hemisphere, September 24, 2006. The 

data were taken from an orbiting satellite. 
This day had the lowest stratospheric ozone 
concentration yet recorded. One “Dobson 
unit” corresponds to 2.69 x 1018 ozone 
molecules in a 1 cm? column of atmosphere. 
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TABLE 18.4 Median 


Concentrations of Atmospheric 


Pollutants in a Typical Urban 


Atmosphere 


Pollutant 

Carbon monoxide 
Hydrocarbons 
Sulfur dioxide 
Nitrogen oxides 


Total oxidants (ozone 
and others) 


Concentration 
(ppm) 


10 


The equation can be simplified by eliminating like species from each side to give 
2. 03(g) -= 3.02(s) [18.10] 


Because the rate of Equation 18.7 increases linearly with [Cl], the rate at which ozone is 
destroyed increases as the quantity of Cl atoms increases. Thus, the higher the concen- 
tration of CFCs in the stratosphere, the faster the destruction of the ozone layer. Even 
though troposphere-to-stratosphere diffusion rates are slow, a substantial thinning of 
the ozone layer over the South Pole has been observed, particularly during September 
and October (Figure 18.6). 

Because of the environmental problems associated with CFCs, steps have been 
taken to limit their manufacture and use. A major step was the signing in 1987 of the 
Montreal Protocol on Substances That Deplete the Ozone Layer, in which participat- 
ing nations agreed to reduce CFC production. More stringent limits were set in 1992, 
when representatives of approximately 100 nations agreed to ban the production 
and use of CFCs by 1996, with some exceptions for “essential uses.” Since then, the 
production of CFCs has indeed dropped precipitously. Images such as that shown in 
Figure 18.6 taken annually reveal that the depth and size of the ozone hole has begun 
to slowly decline. Nevertheless, because CFCs are unreactive and because they dif- 
fuse so slowly into the stratosphere, scientists estimate that it will take many decades 
for ozone concentrations in the stratosphere to return to pre-1980 levels. What sub- 
stances have replaced CFCs? At this time, the main alternatives are hydrofluorocar- 
bons (HFCs), compounds in which C—H bonds replace the C—Cl bonds of CFCs. 
One such compound in current use is CH,FCF3, known as HFC-134a. While the HFCs 
are a big improvement over the CFCs because they contain no C—Cl bonds, it turns 
out that they are potent greenhouse warming gases, with which we will deal shortly. 

There are no naturally occurring CFCs, but some natural sources contribute chlo- 
rine and bromine to the atmosphere, and, just like halogens from CFCs, these naturally 
occurring Cl and Br atoms can participate in ozone-depleting reactions. The principal 
natural sources are bromomethane and chloromethane, which are emitted from the 
oceans. It is estimated that these molecules contribute less than a third of the total Cl 
and Br in the atmosphere; the remaining two-thirds is a result of human activities. 

Volcanoes are a source of HCl, but generally the HCl they release reacts with water in 
the troposphere and does not make it to the upper atmosphere. 


Sulfur Compounds and Acid Rain 


Sulfur-containing compounds are present to some extent in the natural, unpolluted 
atmosphere. They originate in the bacterial decay of organic matter, in volcanic gases, 
and from other sources listed in Table 18.2. The amount of these compounds released 
into the atmosphere worldwide from natural sources is about 24 X 10!” g per year, less 
than the amount from human activities, about 80 x 10!” g per year (principally related 
to combustion of fuels). 

Sulfur compounds, chiefly sulfur dioxide, SO2, are among the most unpleasant and 
harmful of the common pollutant gases. Table 18.4 shows the concentrations of several pol- 
lutant gases in a typical urban environment (where by typical we mean one that is not partic- 
ularly affected by smog). According to these data, the level of sulfur dioxide is 0.08 ppm or 
higher about half the time. This concentration is considerably lower than that of other pol- 
lutants, notably carbon monoxide. Nevertheless, SO, is regarded as the most serious health 
hazard among the pollutants shown, especially for people with respiratory difficulties. 

Combustion of coal and oil accounts for about two thirds of the anthropogenic SO 
released annually worldwide. The majority of this amount is from coal-burning electrical 
power plants, which generate about 50% of our electricity. The extent to which SO, emis- 
sions are a problem when coal is burned depends on the amount of sulfur in the coal. 
Because of concern about SO, pollution, low-sulfur coal is in greater demand and is thus 
more expensive. 

Sulfur dioxide is harmful to both human health and property; furthermore, atmo- 
spheric SO, can be oxidized to SO; by several pathways (such as reaction with O, or O3). 
When SO; dissolves in water, it produces sulfuric acid: 


SO3(g) + H,O(1) — > H2SO,(aq) 
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Many of the environmental effects ascribed to SO, are actually due to H2504. 

The presence of SO, in the atmosphere and the sulfuric acid it produces result in 
the phenomenon of acid rain. (Nitrogen oxides, which form nitric acid, are also major 
contributors to acid rain.) Uncontaminated rainwater generally has a pH value of about 
5.6. The primary source of this natural acidity is CO2, which reacts with water to form 
carbonic acid, HCO}. Acid rain typically has a pH value of about 4. This shift toward 
greater acidity has affected many lakes in northern Europe, the northern United States, 
and Canada, reducing fish populations and affecting other parts of the ecological net- 
work in the lakes and surrounding forests. 

The pH of most natural waters containing living organisms is between 6.5 and 
8.5. At pH levels below 4.0, all vertebrates, most invertebrates, and many microorgan- 
isms are destroyed. The lakes most susceptible to damage are those with low concen- 
trations of basic ions, such as HCO; , that would act as a buffer to minimize changes 
in pH. 

Because acids react with metals and with carbonates, acid rain is corrosive both to 
metals and to stone building materials. Marble and limestone, for example, whose major 
constituent is CaCOs, are readily attacked by acid rain (Figure 18.7). Billions of dollars 
each year are lost because of corrosion due to SO; pollution. 

Although difficult and expensive, several methods to reduce the quantity of SO, 
released into the environment have been developed. Powdered limestone (CaCO3), for 
example, can be injected into the furnace of a power plant, where it decomposes into lime 
(CaO) and carbon dioxide: 


CaCO3(s) —> CaO(s) + CO2(g) 
The CaO then reacts with SO, to form calcium sulfite: 
CaO(s) + SO2(g) —> CaSO3(s) 


The solid particles of CaSO3, as well as much of the unreacted SO,, can be removed from 
the furnace gas by passing it through an aqueous suspension of CaO (Figure 18.8). Not all 
the SO, is removed, however, and given the enormous quantities of coal and oil burned 
worldwide, pollution by SO, will probably remain a problem for some time. 


Nitrogen Oxides and Photochemical Smog 


Nitrogen oxides are primary components of smog, a phenomenon with which city 
dwellers are all too familiar. The term smog refers to the pollution condition that 
occurs in certain urban environments when weather conditions produce a relatively 
stagnant air mass. Smog is more accurately described as photochemical smog 
because photochemical processes play a major role in its formation (Figure 18.9). 


< Figure 18.7 Damage from acid rain. The 
right photograph, recently taken, shows how 
the statue has lost detail in its carvings. 
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YW SENT What is the major solid product resulting from removal of SO; from 
furnace gas? 


Powdered limestone 
(CaCO3) and air 
injected into furnace 


~ CaO reacts with SO% from 
reaction S + O2 —> SOd 
to form CaSO3 


yy Cleaner air 
expelled 
through stack 


yy CaSO; and unreacted SO» 
removed by passing through 
aqueous suspension of CaO 


CaCO3(s)—> 
CaO(s) + CO,(g) 


Furnace b- 
ú J Water slurry 
= removed. 


2) CaSOz precipitated 
into watery slurry 


P) CaCO3 decomposes to 
CaO (lime) and COs 


A Figure 18.8 One method for removing S0, from combusted fuel. 


Nitric oxide, NO, forms in small quantities in the cylinders of internal combus- 
tion engines in the reaction 


No(g) + O2(g) =— 2NO(g) AH = 180.8 KJ [18.11] 


As noted in the Chemistry Put to Work box in Section 15.5, the equilibrium constant for 
this reaction increases from about 10} at 300 K to about 0.05 at 2400 K (approximate 
temperature in the cylinder of an engine during combustion). Thus, the reaction is more 
favorable at higher temperatures. 

In air, nitric oxide is rapidly oxidized to nitrogen dioxide: 


2NO(g) + Ox(g) == 2NO,(g) AH = -113.1KJ [18.12] 


A Figure 18.9 Photochemical smog is produced ‘a 
largely by the action of sunlight on vehicle exhaust The equilibrium constant for this reaction decreases from about 10°* at 300 K to 


gases, as illustrated in this photo of Beijing, China. about 10™ at 2400 K. 
The photodissociation of NO; initiates the reactions associated with photo- 
chemical smog. Dissociation of NO, requires 304 kJ/mol, which corresponds to a 
photon wavelength of 393 nm. In sunlight, therefore, NO; dissociates to NO and O: 


NO,(g) + hv — NO(g) + O(g) [18.13] 


The atomic oxygen formed undergoes several reactions, one of which gives ozone, as 
described earlier: 


O(g) + O2(8) + M(g) —> O;(8) + M*(g) [18.14] 


Although it is essential to screen out harmful UV radiation in the upper atmosphere, 
ozone is an undesirable pollutant in the troposphere. It is extremely reactive and 
toxic, and breathing air that contains appreciable amounts of ozone can be espe- 
cially dangerous for asthma sufferers, exercisers, and the elderly. We therefore have 
two ozone problems: excessive amounts in many urban environments, where it is 
harmful, and depletion in the stratosphere, where its presence is vital. 

In addition to nitrogen oxides and carbon monoxide, a car engine also emits 
unburned hydrocarbons as pollutants. These organic compounds are the principal com- 
ponents of petrol and of many compounds we use as fuel (propane, C3Hg, and butane, 
C4H 1; for example), but are major ingredients of smog. Hydrocarbons are also emitted 
naturally from living organisms (see A Closer Look box later in this section). 
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Reduction or elimination of smog requires that the ingredients essential to its for- 
mation be removed from car exhaust. Catalytic converters reduce the levels of NO, and 
hydrocarbons, two of the major ingredients of smog. (See the Chemistry Put to Work: 
Catalytic Converters in Section 14.7.) 


In addition to screening out harmful short-wavelength radiation, the atmosphere is 
essential in maintaining a reasonably uniform and moderate temperature on Earth’s 
surface. Earth is in overall thermal balance with its surroundings. This means that 
the planet radiates energy into space at a rate equal to the rate at which it absorbs 
energy from the Sun. Figure 18.10 shows the flow of energy into and out of Earth, and 
Figure 18.11 shows the fraction of infrared radiation leaving the surface that is absorbed 


Incoming 
Solar Radiation 
342 W/m2 


Reflected 
Solar Radiation 
107 W/m2 


Reflected 
by clouds 
A anc 


Absorbed by 
Atmosphere 
67 W/m2 


Greenhouse 
Gases 


Reflected by 
Surface 


A 18.10 Earth’s thermal balance. The amount of radiation reaching the surface of the 
planet is equal to the amount radiated back into space. 
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D Estimating the Quantity of C0, 


Ma 
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Wavelengths absorbed by 
atmospheric CO» and H20 


/ A 


Radiation intensity 


Infrared radiation emitted 
from Earth’s surface 


l as 
10,000 20,000 30,000 
Wavelength (nm) 


A Figure 18.11 Portions of the infrared radiation emitted by Earth’s surface that are absorbed by 
atmospheric C0, and H30. 


by atmospheric water vapor and carbon dioxide. In absorbing this radiation, these two 
atmospheric gases help maintain a livable uniform temperature at the surface by hold- 
ingin, as it were, the infrared radiation, which we feel as heat. 

The influence of H20, CO,, and certain other atmospheric gases on Earth’s tempera- 
ture is called the greenhouse effect because in trapping infrared radiation these gases act 
much like the glass of a greenhouse. The gases themselves are called greenhouse gases. 

Water vapor makes the largest contribution to the greenhouse effect. The partial 
pressure of water vapor in the atmosphere varies greatly from place to place and time 
to time but is generally highest near Earth’s surface and drops off with increasing eleva- 
tion. Because water vapor absorbs infrared radiation so strongly, it plays the major role in 
maintaining the atmospheric temperature at night, when the surface is emitting radia- 
tion into space and not receiving energy from the Sun. In very dry desert climates, where 
the water-vapor concentration is low, it may be extremely hot during the day but very 
cold at night. In the absence of a layer of water vapor to absorb and then radiate part of 
the infrared radiation back to Earth, the surface loses this radiation into space and cools 
off very rapidly. 

Carbon dioxide plays a secondary but very important role in maintaining the sur- 
face temperature. The worldwide combustion of fossil fuels, principally coal and oil, on 
a prodigious scale in the modern era has sharply increased carbon dioxide levels in the 
atmosphere. To get a sense of the amount of CO, produced—for example, by the com- 
bustion of hydrocarbons and other carbon-containing substances, which are the compo- 
nents of fossil fuels—consider the combustion of butane, C,H; 9. Combustion of 1.00 g 
of C4Hjo produces 3.03 g of CO2. Combustion of fossil fuels releases about 2.2 x 1016 g 
of CO, into the atmosphere annually, with the largest quantity coming from transporta- 
tion vehicles. 


Released from Combustion of Gasoline 


What mass of carbon dioxide is produced when 5.0 liters of petrol is combusted? The approximate density and composition 
of petrol are 0.70 g/mL and CgHjg, respectively. 
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SOLUTION 
Analyze We are asked to calculate the mass of CO, produced when Plan We first must determine the mass in grams of CgHj in 
5.0 liters of octane (CgH;g) reacts with oxygen to form carbon di- 5.0 liters of gasoline. We then write a balanced chemical equation 
oxide and water. for the combustion of CsHıs and use it to determine the theoreti- 
cal yield of CO3. 
Solve ‘piri 
First, convert the volume from liters to mL. (5.0 liters (200) = 5.0 xX 10° mL 
0.70g p 
Next, use the density of octane to calculate its mass in grams. (5.0 x 10° mt) mE 3.5 X 10°g 
To calculate the theoretical yield of carbon dioxide, we must 
write a balanced chemical equation for the combustion of 
CsH;g (octane): 2 CsHıg8(7) + 25 O2(g) > 16 CO2(8) + 18 H20(3) 
Using the balanced equation and the mass of CgHı8, we can 3 1 mol€gHig 16 mol €0; 44 g CO, 
i i 3.5 X 10 
calculate the theoretical yield of CO3. ( Catia) ( 1 TE) ( 2 S) ( od 
=1.1 x 104 
So we see that for every five liters of octane burned 11 kg of L1 %10 g CO 
CO; are produced. 
> Practice Exercise is produced by combusting the propane in 
A typical propane, C3Hg, tank for an outdoor such a tank? 


grill contains 5 kg of propane. What mass of CO3 


Much CO; is absorbed into oceans or used by plants. Nevertheless, we are now gen- 
erating CO, much faster than it is being absorbed or used. Analysis of air trapped in ice 
cores taken from Antarctica and Greenland makes it possible to determine the atmo- 
spheric levels of CO, during the past 160,000 years. These measurements reveal that 
the level of CO, remained fairly constant from the last Ice Age, some 10,000 years ago, 
until roughly the beginning of the Industrial Revolution, about 300 years ago. Since that 
time, the concentration of CO, has increased by about 30% to a current high of about 
400 ppm (Figure 18.12). Climate scientists believe that the CO, level has not been this 
high since 3 to 5 million years ago. 


W Go Figure What is the source of the steady increase in slope of this curve 
over time? 


Carbon dioxide concentration at Mauna Loa Observatory 


400 
380 
360 


340 


CO, concentration (ppm) 


320 


1960 1970 1980 1990 2000 2010 


A Figure 18.12 Rising CO, levels.The sawtooth shape of the graph is due to regular seasonal 
variations in CO concentration for each year. 
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The consensus among climate scientists is that the increase in atmospheric CO, is 
perturbing Earth’s climate and is very likely playing a role in the observed increase in 
the average global air temperature of 0.3—0.6 °C over the past century. Scientists often 
use the term climate change instead of global warming to refer to this effect because as the 
Earth’s temperature increases, winds and ocean currents are affected in ways that cool 
some areas and warm others. 

On the basis of present and expected future rates of fossil-fuel use, the atmospheric 
CO, level is expected to double from its present level sometime between 2050 and 2100. 
Computer models predict that this increase will result in an average global temperature 
increase of 1 °C to 3 °C. Because so many factors go into determining climate, we cannot 
predict with certainty what changes will occur because of this warming. Clearly, how- 
ever, atmospheric concentrations of CO, and other heat-trapping gases are rising as a 
result of human activity. The effects of these changes on the climate are already being 
felt, and if left unchecked they have the potential to substantially alter the climate of 
the planet. 

The climate change threat posed by atmospheric CO, has sparked considerable 
research into ways of capturing the gas at its largest combustion sources and storing 
it under ground or under the seafloor. There is also much interest in developing new 
ways to use CO, as a chemical feedstock. However, the approximately 115 million 
tons of CO, used annually by the global chemical industry is but a small fraction of 
the approximately 24 billion tons of annual CO, emissions. The use of CO, as a raw 
material will probably never be great enough to significantly reduce its atmospheric 


concentration. 


A CLOSER LOOK EMaANN E 


Although CO, receives most of the attention, other gases contribute 
to the greenhouse effect, including methane, CH4, hydrofluorocar- 
bons (HFCs), and chlorofluorocarbons (CFCs). 

HFCs have replaced CFCs in a host of applications, including 
refrigerants and air-conditioner gases. Although they do not con- 
tribute to the depletion of the ozone layer, HFCs are nevertheless 
potent greenhouse gases. For example, one of the by-product mole- 
cules from production of HFCs that are used in commerce is HCF3, 
which is estimated to have a global warming potential, gram for 
gram, more than 14,000 times that of CO3. The total concentration 
of HFCs in the atmosphere has been increasing about 10% per year. 
Thus, these substances are becoming increasingly important con- 
tributors to the greenhouse effect. Methane already makes a signif- 
icant contribution to the greenhouse effect. Studies of atmospheric 
gas trapped long ago in the Greenland and Antarctic ice sheets show 
that the atmospheric methane concentration has increased from 
preindustrial values of 0.3 to 0.7 ppm to the present value of about 
1.8 ppm. The major sources of methane are associated with agricul- 
ture and fossil-fuel use. 

Methane is formed in biological processes that occur in low- 
oxygen environments. Anaerobic bacteria, which flourish in swamps 
and landfills, near the roots of rice plants, and in the digestive systems 
of cows and other ruminant animals, produce methane (Figure 18.13). 
It also leaks into the atmosphere during natural-gas extraction and 
transport. It is estimated that about two-thirds of present-day meth- 
ane emissions, which are increasing by about 1% per year, are related 
to human activities. 

Methane has a half-life in the atmosphere of about 10 years, 
whereas CO, is much longer-lived. This might seem a good thing, 
but there are indirect effects to consider. Methane is oxidized in the 
stratosphere, producing water vapor, a powerful greenhouse gas that 


A Figure 18.13 Methane production. Ruminant animals, such as cows 
and sheep, produce methane in their digestive systems. 


is otherwise virtually absent from the stratosphere. In the tropo- 
sphere, methane is attacked by reactive species such as OH radicals or 
nitrogen oxides, eventually producing other greenhouse gases, such 
as O3. It has been estimated that on a per-molecule level, the global 
warming potential of CH, is about 21 times that of CO. Given this 
large contribution, important reductions of the greenhouse effect 
could be achieved by reducing methane emissions or capturing the 
emissions for use as a fuel. 
Related Exercises: 18.72, 18.74 
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Self-Assessment Exercises 


18.10 What photochemical reaction involving nitrogen oxides 18.11 What part of the electromagnetic spectrum is absorbed by 
initiates the formation of photochemical smog? water vapor in the atmosphere? 
(a) N28) + O28) —> 2NO() (a) Ultraviolet radiation 
(b) 2NO(g) + O2(g) — > 2NO,(g) (b) Visible radiation 
(c) NO,(g) + hv — NO(g) + O(g) (c) Infrared radiation 
Exercises 
18.12 Which of the following reactions in the stratosphere cause to copper (II) ions with oxygen and protons from acid rain. 
an increase in temperature there? (b) Would you expect some kind of “patina” on a silver sur- 
(a) O(g) + O2() — O3(8) abies sean 
(b) O3*(g) + M(g) > O3(¢) + M*(g) 18.17 An important reaction in the formation of photochemical 
smog is the photodissociation of NO3: 
(©) On(g) + hv —> 20(g) 
(da) O(g) + No(s) —> NO(g) + N(g) NO, + hy —> NO(g) + O(8) 
(e) Allof these The maximum wavelength of light that can cause this reac- 
18.13 (a) What is the difference between chlorofluorocarbons tion is 420 nm. (a) In what part of the electromagnetic spec- 
and hydrofluorocarbons? (b) Why are hydrofluorocarbons trum is light with this wavelength found? (b) What is the 
potentially less harmful to the ozone layer than CFCs? maximum strength of a bond, in kJ/mol, that can be broken 
18.14 (a) When chlorine atoms react with atmospheric ozone, by absorption of a photon of 420-nm light? (c) Write out the 
what are the products of the reaction? (b) Based on aver- photodissociation reaction showing Lewis-dot structures. 
age bond enthalpies, would you expect a photon capable of 18.18 The atmosphere of Mars is 96% CO3, with a pressure of 
dissociating a C— Cl bond to have sufficient energy to dis- approximately 0.6 kPa at the surface. Based on measure- 
sociate a C— Br bond? (c) Would you expect the substance ments taken over a period of several years by the Rover 
CFBr3 to accelerate depletion of the ozone layer? Environmental Monitoring Station (REMS), the aver- 
18.15 Why is rainwater naturally acidic, even in the absence of ape daytime temperature al the REMS location on Mars 
; is -5.7 °C, while the average nighttime temperature is 
polluting gases such as SO,? ; : E : 
-79 °C. This daily variation in temperature is much larger 
18.16 Copper exposed to air and water may be oxidized. The 


green oxidized product is referred to as “patina”. (a) Write a 
balanced chemical equation to show the reaction of copper 
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than what we experience on Earth. What factor plays the 
largest role in this wide temperature variation, the compo- 
sition or the density of the atmosphere? 


(0) OLS 


y 


(0) LESH 
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Earth is called The Blue Planet because of the abundance of water on its surface. 

Indeed, water covers 72% of Earth’s surface and is essential to life. Our bodies are 
about 65% water by mass. Because of extensive hydrogen bonding, water has unusually 
high melting and boiling points and a high heat capacity. Water’s highly polar character 
is responsible for its exceptional ability to dissolve a wide range of ionic and polar-co- 
valent substances. Many reactions occur in water, including reactions in which H,O 
itself is a reactant. Recall, for example, that H,O can participate in acid-base reactions 
as either a proton donor or a proton acceptor. All these properties play a role in our 
environment. 

By the end of this section you should be able to 


e Appreciate the complexity of the global water cycle 


The Global Water Cycle 


All the water on Earth is connected in a global water cycle (Figure 18.14). Most of the pro- 
cesses depicted here rely on the phase changes of water. For instance, warmed by the Sun, 
liquid water in the oceans evaporates into the atmosphere as water vapor and condenses 
into liquid water droplets that we see as clouds. Water droplets in the clouds can crystal- 
lize to ice, which can precipitate as hail or snow. Once on the ground, the hail or snow 
melts to liquid water, which soaks into the ground. If conditions are right, it is also pos- 
sible for ice on the ground to sublime to water vapor in the atmosphere. Because the pro- 
cesses occurring on the surface (evaporation, sublimation) are endothermic and those 
occurring in the atmosphere (condensation, crystallization) are exothermic they act to 
transfer heat absorbed by the surface into the atmosphere. 


Salt Water: Earth’s Oceans and Seas 


The vast layer of salty water that covers so much of the planet is in actuality one large con- 
nected body and is generally constant in composition. For this reason, oceanographers 
speak of a world ocean rather than of the separate oceans we learn about in geography books. 
The world ocean is huge, having a volume of 1.35 X 10°? km? and containing 97.2% 
of all the water on Earth. Of the remaining 2.8%, 2.1% is in the form of ice caps and gla- 
ciers. All the freshwater—in lakes, in rivers, and in the ground—amounts to only 0.6%. 
W Go Figure 


Which processes shown in this figure involve the phase 
transition H2O(/) ——> H,O(g)? 
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A Figure 18.14 The global water cycle. 
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TABLE 18.5 Ionic Constituents of Seawater Present in Concentrations 
Greater than 0.001 g/kg (1 ppm) 


lonic Constituent Salinity Concentration (M) 
Chloride, Cl~ 19.35 0.55 
Sodium, Na* 10.76 0.47 
Sulfate, SO- DH 0.028 
Magnesium, Mg?* 1.29 0.054 
Calcium, Ca” 0.412 0.010 
Potassium, K* 0.40 0.010 
Carbon dioxide* 0.106 2.3 x 1073 
Bromide, Br7 0.067 8.3 x 104 
Boric acid, H3BO3 0.027 ASS x i= 
Strontium, Sr?* 0.0079 9.1 x 105 
Fluoride, F~ 0.0013 7.0 x 107° 


*COz is present in seawater as HCO; and CO;" . 


Seawater is often referred to as saline water. The salinity of seawater is the mass in 
grams of dry salts present in 1 kg of seawater. In the world ocean, salinity averages about 
35. To put it another way, seawater contains about 3.5% dissolved salts by mass. The list 
of elements present in seawater is very long. Most, however, are present only in very low 
concentrations. Table 18.5 lists the 11 ionic species most abundant in seawater. 

Seawater temperature varies as a function of depth (Figure 18.15), as does salinity and 
density. Sunlight penetrates well only 200 m into the water; the region between 200 m 
and 1000 m deep is the “twilight zone,” where visible light is faint. Below 1000 m, the 
ocean is pitch-black and cold, about 4 °C. The transport of heat, salt, and other chemicals 
throughout the ocean is influenced by these changes in the physical properties of seawa- 
ter, and in turn the changes in the way heat and substances are transported affects ocean 
currents and the global climate. 


W Ce aI Based on the temperature variation here would you expect 
the density of seawater to increase or decrease as the depth 
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A Figure 18.15 Typical average temperature of mid-latitude seawater as a function of depth. 
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The sea is so vast that if the concentration of a substance in seawater is 1 part per 
billion (1 x 10~° g/kg of water), there is 1 x 10!” kg of the substance in the world ocean. 
Nevertheless, because of high extracting costs, only three substances are obtained from 
seawater in commercially important amounts: sodium chloride, bromine (from bromide 
salts), and magnesium (from its salts). 

Absorption of CO; by the ocean plays a large role in global climate. Because carbon 
dioxide and water form carbonic acid, the HCO; concentration in the ocean increases as 
the water absorbs atmospheric CO 3. Most of the carbon in the ocean, however, is in the 
form of HCO; and CO;7 ions, which form a buffer system that maintains the ocean’s 
pH between 8.0 and 8.3. The pH of the ocean is predicted to decrease as the concentra- 
tion of CO, in the atmosphere increases, as discussed in the “Chemistry and Life” box on 
ocean acidification on page 890. 


Freshwater and Groundwater 


Freshwater is the term used to denote natural waters that have low concentrations (less 
than 500 ppm) of dissolved salts and solids. Freshwater includes the waters of lakes, riv- 
ers, ponds, and streams. 

The total amount of freshwater on Earth is not a very large fraction of the total water 
present. Indeed, freshwater is one of our most precious resources. It forms by evapora- 
tion from the oceans and the land. The water vapor that accumulates in the atmosphere 
is transported by global atmospheric circulation, eventually returning to Earth as rain, 
snow, and other forms of precipitation (Figure 18.14). 

As water runs off the land on its way to the oceans, it dissolves a variety of cations 
(mainly Nat, Kt, Mg”*, Ca?*, and Fe?*), anions (mainly CI”, SO, and HCO; ), and 
gases (principally O2, Nz, and CO3). As we use water, it becomes laden with additional 
dissolved material, including the wastes of human society. As our population and output 
of environmental pollutants increase, ever-increasing amounts of money and resources 
must be spent to guarantee a supply of freshwater. 

Approximately 20% of the world’s freshwater is under the soil, in the form of ground- 
water. Groundwater resides in aquifers, which are layers of porous rock that hold water. 
The water in aquifers can be very pure, and accessible for human consumption if near the 
surface (Figure 18.16). Dense underground formations that do not allow water to read- 
ily penetrate can hold groundwater for years or even millennia. When their water is 
removed by drilling and pumping, such aquifers are slow to recharge via the diffusion of 
surface water. 

The nature of the rock that contains the groundwater has a large influence on 
the water’s chemical composition. If minerals in the rock are water soluble to some 
extent, ions can leach out of the rock and remain dissolved in the groundwater. Arse- 
nic in the form of HAsO’, H,AsO, , H3AsOq, and HAsO; is found in many ground- 
water sources across the world, most infamously in Bangladesh, at concentrations 
poisonous to humans. 


Self-Assessment Exercise 


18.19 Consider the phase diagram for water shown in (a) T > 0°CandP > 0.6 kPa 
Figure 11.28 (page 544). In what pressure range and in what (b) T < 0°CandP > 0.6 kPa 


temperature range must H,O exist in order for H,O(s) to 


(c) T > 0°CandP < 0.6 kPa 


sublime to H,O(g)? 
(d) T < 0°CandP < 0.6 kPa 
Exercises 
18.20 Sulfur is present in seawater to the extent of 0.09 % by 18.21 The enthalpy of fusion of water is 6.01 kJ/mol. Sunlight 
mass. Assuming that the sulfur is present as sulfate, S07, striking Earth’s surface supplies 168 W per square meter 
calculate the corresponding molar concentration of S0- (1 W = 1watt = 1J/s). (a) Assuming that melting of ice 


in seawater. 


is due only to energy input from the Sun, calculate how 
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many grams of ice could be melted from a 1.00 square 18.22 Platinum is found in seawater at very low lev- 
meter patch of ice over a 12 h day. (b) The specific heat els, about 0.23 parts in 10! by mass. How much 
capacity of ice is 2.032 J/g °C. If the initial temperature of platinum can be found in the entire ocean 
a 1.00 square meter patch of ice is —5.0°C, what is its final (1.3 x 107! L)? Assume the density of seawater is 
temperature after being in sunlight for 12 h, assuming no 1.03 g/mL. 


phase changes and assuming that sunlight penetrates uni- 
formly to a depth of 1.00 cm? 
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At least 8 million tons of plastic end up in the oceans every year, resulting in entan- 
glement and ingestion by marine life and sea birds. At the current rate of pollution, 
there will be more plastic, by weight, than fish in the oceans by 2050. 

All life on Earth depends on the availability of suitable water. Many human activ- 
ities entail waste disposal into natural waters without any treatment. These practices 
result in contaminated water that is detrimental to both plant and animal aquatic life. 

By the end of this section, you should be able to 


e Understand some main factors that result in the deterioration of water quality and how 
water can be treated to make it fit for human consumption. 


Dissolved Oxygen and Water Quality 


The amount of O; dissolved in water is an important indicator of water quality. Water 
fully saturated with air at 101.3 kPa and 20°C contains about 9 ppm of O2. Oxygen is 
necessary for fish and most other aquatic life. Cold-water fish require water containing at 
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A Figure 18.17 Eutrophication. This rapid 
accumulation of dead and decaying plant 
matter in a body of water uses up the 
water’s oxygen supply, making the water 
unsuitable for aquatic animals. 
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A Figure 18.18 Reverse osmosis. 


least 5 ppm of dissolved oxygen for survival. Aerobic bacteria consume dissolved oxygen 
to oxidize organic materials for energy. The organic material the bacteria are able to oxi- 
dize is said to be biodegradable. 

Excessive quantities of biodegradable organic materials in water are detrimental 
because they remove the oxygen necessary to sustain aquatic animal life. Typical sources 
of these biodegradable materials, which are called oxygen-demanding wastes, include sew- 
age, industrial wastes from food-processing plants and paper mills, and liquid waste from 
meatpacking plants. 

In the presence of oxygen, the carbon, hydrogen, nitrogen, sulfur, and phosphorus in 
biodegradable material end up mainly as CO2, HCO; , H20, NO3 , SO., and phosphates. 
The formation of these oxidation products sometimes reduces the amount of dissolved 
oxygen to the point where aerobic bacteria can no longer survive. Anaerobic bacteria then 
take over the decomposition process, forming CH4, NH3, H2S, PH3, and other products, 
several of which contribute to the offensive odors of some polluted waters. 

Plant nutrients, particularly nitrogen and phosphorus, contribute to water pollu- 
tion by stimulating excessive growth of aquatic plants. The most visible results of exces- 
sive plant growth are floating algae and murky water. What is more significant, however, 
is that as plant growth becomes excessive, the amount of dead and decaying plant mat- 
ter increases rapidly, a process called eutrophication (Figure 18.17). The processes by which 
plants decay consumes Og, and without sufficient oxygen, the water cannot sustain ani- 
mal life. 

The most significant sources of nitrogen and phosphorus compounds in water are 
domestic sewage (phosphate-containing detergents and nitrogen-containing body 
wastes), runoff from agricultural land (fertilizers contain both nitrogen and phospho- 
rus), and runoff from livestock areas (animal wastes contain nitrogen). 


Water Purification: Desalination 


Because of its high salt content, seawater is unfit for human consumption and for 
most of the uses to which we put water. In many countries, the salt content of munic- 
ipal water supplies is restricted by health codes to no more than about 0.05% by mass. 
This amount is much lower than the 3.5% dissolved salts present in seawater and 
the 0.5% or so present in brackish water found underground in some regions. The 
removal of salts from seawater or brackish water to make the water usable is called 
desalination. 

Water can be separated from dissolved salts by distillation because water is a vol- 
atile substance and the salts are nonvolatile. The principle of distillation is simple 
enough, but carrying out the process on a large scale presents many problems. As 
water is distilled from seawater, for example, the salts become more and more concen- 
trated and eventually precipitate out. Distillation is also an energy-intensive process. 

Seawater can also be desalinated using reverse osmosis. Recall that osmosis is 
the net movement of solvent molecules, but not solute molecules, through a semi- 
permeable membrane. In osmosis, the solvent passes from the more dilute solution 
into the more concentrated one. However, if sufficient external pressure is applied, 
osmosis can be stopped and, at still higher pressures, reversed. When reverse osmo- 
sis occurs, solvent passes from the more concentrated into the more dilute solution. 
In a modern reverse-osmosis facility, hollow fibers are used as the semipermeable 
membrane (Figure 18.18). Saline water (water containing significant salts) is intro- 
duced under pressure into the fibers, and desalinated water is recovered. 

The world’s largest desalination plant, in Jubail, Saudi Arabia, provides 50% of 
that country’s drinking water by using reverse osmosis to desalinate seawater from the 
Persian Gulf. 
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Water Purification: Municipal Treatment 


The water needed for domestic, agricultural, and industrial use is taken either from lakes, 
rivers, and underground sources or from reservoirs. Much of the water that finds its way 
into municipal water systems is “used” water, meaning it has already passed through one 
or more sewage systems or industrial plants. Consequently, this water must be treated 
before it is distributed. 

Municipal water treatment usually involves five steps (Figure 18.19). 


1. After coarse filtration through a screen, the water is allowed to stand in large sedi- 
mentation tanks where sand and other minute particles settle out. To aid in remov- 
ing very small particles, the water may first be made slightly basic with CaO. 


2. Then Al,(SO4)3 is added and reacts with OH ions to form a spongy, gelatinous 
precipitate of Al(OH)3 (Ksp = 1.3 x 1073). This precipitate settles slowly, carrying 
suspended particles down with it, thereby removing nearly all finely divided matter 
and most bacteria. 


3. The water is then filtered through a sand bed. 


4. Following filtration, the water may be sprayed into the air (aeration) to hasten oxi- 
dation of dissolved inorganic ions of iron and manganese, reduce concentrations of 
any H2S or NH; that may be present, and reduce bacterial concentrations. 


5. The final step normally involves treating the water with a chemical agent to ensure 
the destruction of bacteria. Ozone is more effective, but chlorine is less expensive. 
Liquefied Cl, is dispensed from tanks through a metering device directly into the 
water supply. The amount used depends on the presence of other substances with 
which the chlorine might react and on the concentrations of bacteria and viruses to 
be removed. 


The sterilizing action of chlorine is not due to Cl, itself but to hypochlorous acid, 
which forms when chlorine reacts with water: 


Cl(aq) + H,O(1) —> HC1O(aq) + H*(aq) + CI (aq) [18.15] 


It is estimated that about 800 million people worldwide lack access to clean water. 
According to the United Nations, 95% of the world’s cities still dump raw sewage into 


W CA What is the primary function of the aeration step in water treatment? 
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A Figure 18.19 Common steps in treating water for a public water system. 


887 


888 


Carbon removes 
iodine smells 
and parasites 


Iodine-impregnated 
beads kill bacteria, 
viruses, and parasites 


15-pm textile filter 
removes debris 


=— ———— 100-pm textile filter 
removes debris 


A Figure 18.20 A LifeStraw purifies water as 
it is drunk. 


CHAPTER 18 Chemistry of the Environment 


their water supplies. Thus, it should come as no surprise that 80% of all the health mala- 
dies in developing countries can be traced to waterborne diseases associated with unsan- 
itary water. 

One promising development is a device called the LifeStraw (Figure 18.20). When 
a person sucks water through the straw, the water first encounters a textile filter with 
a mesh opening of 100 pm followed by a second textile filter with a mesh opening 
of 15 pm. These filters remove debris and even clusters of bacteria. The water next 
encounters a chamber of iodine-impregnated beads, where bacteria, viruses, and 
parasites are killed. Finally, the water passes through granulated active carbon, 
which removes the smell of iodine as well as the parasites that have not been taken 
by the filters or killed by the iodine. At present the Lifestraw is too costly to permit 
widespread use in underdeveloped countries, but there is hope that its cost can be 
greatly reduced. They have been used in acute situations where a natural disaster 
such as an earthquake or flooding has resulted in the temporary contamination of 
the drinking water supply. 

Water disinfection is one of the greatest public health innovations in human his- 
tory. It has dramatically decreased the incidences of waterborne bacterial diseases 
such as cholera and typhus. However, this great benefit comes at a price. In 1974 sci- 
entists in Europe and the United States discovered that chlorination of water pro- 
duces a group of by-products previously undetected. These by-products are called 
trihalomethanes (THMs) because all have a single carbon atom and three halogen 
atoms: CHCl;, CHCl,Br, CHCIBr2, and CHBr3. These and many other chlorine- and 
bromine-containing organic substances are produced by the reaction of dissolved chlo- 
rine with the organic materials present in nearly all natural waters, as well as with sub- 
stances that are by-products of human activity. Recall that chlorine dissolves in water to 
form the oxidizing agent HCIO as shown in Equation 18.15. 

The HClO in turn reacts with organic substances to form THMs. Bromine enters the reac- 


tion sequence through the reaction of HC1O with dissolved bromide ion: 
HClO(aq) + Br (aq) —> HBrO(aq) + CI (aq) [18.16] 


Then both HBrO(aq) and HClO(aq) can halogenate organic substances to form the 
THMs. 


A CLOSER LOOK jel nce ETET 


In recent years fracking, short for hydraulic fracturing, has become 
widely used to greatly increase the availability of petroleum reserves. 
In fracking, a large volume of water, typically seven million liters or 
more, mixed with various additives, is injected at high pressure into 
wellbores extended horizontally into rock formations (Figure 18.21). 
The water is laden with sand, ceramic materials, and other additives, 
including gels, foams, and compressed gases, that serve to increase 
the yield in the process. The high-pressure fluid finds its way into tiny 
faults in geological formations, releasing petroleum and natural gas. 
Fracking has greatly increased petroleum reserves, particularly of nat- 
ural gas, in many parts of the world. 

Unfortunately, the potential for environmental damage from 
fracking is significant. The large volume of fracking fluid required 
to create a well must be returned to the surface. Without purifica- 
tion the fluid is rendered unfit for other uses, and becomes a large- 
scale environmental problem. Often the waste water is allowed to 
sit in open waste water pits. Because fracturing of rock formations 


increases the pathways for flows of petroleum and various gases, bod- 
ies of underground water that have been serving as municipal water 
supplies or wells for individual homes in some locales have become 
contaminated with petroleum, hydrogen sulfide and other toxic 
substances. The escape of a variety of gases, including methane and 
other hydrocarbons, from the wellheads contributes to air pollution. 
In a study published in 2013, methane emissions to the atmosphere 
during hydraulic fracking operations in Utah, USA were estimated 
to be in the range of 6-12% of the amount of methane produced. 
As related in the Closer Look box on page 880, methane is a potent 
greenhouse gas. 

The many environmental issues surrounding the practice of 
fracking have generated widespread concern and adverse public 
reaction. Fracking represents yet one more instance of the conflict 
between those who advocate the availability of low cost energy and 
those who are more focused on sustaining long term the quality of 
the environment. 
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Hydraulic fractures 


A Figure 18.21 A schematic of a well site employing fracking. The yellow arrows indicate the 
avenues through which contaminants enter the environment. 


Some THMs and other halogenated organic substances are suspected carcinogens; 
others interfere with the body’s endocrine system. As a result, the World Health Orga- 
nization have placed concentration limits of 80 ug/L (80 ppb) on the total quantity of 
THMs in drinking water. The goal is to reduce the levels of THMs and other disinfection 
by-products in the drinking water supply while preserving the antibacterial effectiveness 
of the water treatment. In some cases, lowering the concentration of chlorine may pro- 
vide adequate disinfection while reducing the concentrations of THMs formed. Alterna- 
tive oxidizing agents, such as ozone or chlorine dioxide, produce less of the halogenated 
substances but have their own disadvantages. For example, each is capable of oxidizing 
dissolved bromide, as shown here for ozone: 


O3(aq) + Br (aq) + H,O(1) —> HBrO(aq) + O2(aq) + OH (aq) [18.17] 
HBrO(aq) + 2.03(aq) —> BrO; (aq) + 2.02(aq) + H*(aq) [18.18] 


Bromate ion, BrO; , has been shown to cause cancer in animal tests. 

At present, there seem to be no completely satisfactory alternatives to chlorina- 
tion or ozonation, and we are faced with a consideration of benefit versus risk. In this 
case, the risks of cancer from THMs and related substances in municipal water are 
very low relative to the risks of cholera, typhus, and gastrointestinal disorders from 
untreated water. When the water supply is cleaner to begin with, less disinfectant is 
needed and thus the risk of THMs is lowered. Once THMs form, their concentrations 
in the water supply can be reduced by aeration because the THMs are more volatile 
than water. Alternatively, they can be removed by adsorption onto activated charcoal 
or other adsorbents. 


e Understand some main factors that result in the deterioration of water quality and how 
water can be treated to make it fit for human consumption. 
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CHEMISTRY AND LIFE KAUR O O 


Seawater is a weakly basic solution, with pH values typically between 
8.0 and 8.3. This pH range is maintained through a carbonic acid buf- 
fer system similar to the one in blood (see Equation 17.10). Because 
the pH of seawater is higher than that of blood (7.35-7.45), the sec- 
ond dissociation of carbonic acid cannot be neglected and CO7~ be- 
comes an important aqueous species. 

The availability of carbonate ions plays an important role in 
shell formation for a number of marine organisms, including stony 
corals (Figure 18.22). These organisms, which are referred to as ma- 
rine calcifiers and play an important role in the food chains of nearly 
all oceanic ecosystems, depend on dissolved Ca?” and CO~ ions 
to form their shells and exoskeletons. The relatively low solubility- 
product constant of CaCO}, 


CaCO3(s) =— Ca** (aq) + COP (aq) Ky = 4.5 X 10° 


and the fact that the ocean contains saturated concentrations of Ca?* 
and CO,?~ mean that CaCO; is usually quite stable once formed. In 
fact, calcium carbonate skeletons of creatures that died millions of 
years ago are not uncommon in the fossil record. 

The concentration of dissolved CO, in the ocean is sensitive 
to changes in atmospheric CO; levels. As discussed in Section 18.2, 
the atmospheric CO; concentration has risen by approximately 30% 
over the past three centuries to the present level of 400 ppm. Hu- 
man activity has played a prominent role in this increase. Scientists 
estimate that one-third to one-half of the CO; emissions resulting 
from human activity have been absorbed by Earth’s oceans. While 
this absorption helps mitigate the greenhouse gas effects of CO», the 
extra CO3 in the ocean produces carbonic acid, which lowers the pH. 
Because CO;77 is the conjugate base of the weak acid HCO; , the car- 
bonate ion readily combines with the hydrogen ion: 


CO? (aq) + H*(aq) == HCO; (aq) 


Self-Assessment Exercise 


This consumption of carbonate ion shifts the CaCO; dissolution 
equilibrium to the right, increasing the solubility of CaCO3, which 
can lead to partial dissolution of calcium carbonate shells and exo- 
skeletons. If the amount of atmospheric CO, continues to increase 
at the present rate, scientists estimate that seawater pH will fall 
to 7.9 sometime over the next 50 years. While this change might 
sound small, it has dramatic ramifications for oceanic ecosystems. 
Related Exercises: 18.39, 18.42, 18.78 


A Figure 18.22 Marine calcifiers. Many sea-dwelling organisms use 
CaCO; for their shells and exoskeletons. Examples include stony coral, 
crustaceans, some phytoplankton, and echinoderms, such as sea 
urchins and starfish. 


18.23 Which two elements are largely responsible for fresh water (a) SandP 
eutrophication? (b) NandP 
(c) CandS 

Exercises 


18.24 Assume that a portable reverse-osmosis apparatus oper- 
ates on seawater, whose concentrations of constituent 
ions are listed in Table 18.5, and that the desalinated 
water output has an effective molarity of about 0.02 M. 
What minimum pressure must be applied by hand pump- 
ing at 297 K to cause reverse osmosis to occur? (Hint: Refer 
to Section 13.5.) 


(a) Explain why the concentration of dissolved oxygen in 
freshwater is an important indicator of the quality of the 
water. (b) Find graphical data in the text that show varia- 
tions of gas solubility with temperature, and estimate to 
two significant figures the percent solubility of O, in water 
at 30 °C as compared with 20 °C. How do these data relate 
to the quality of natural waters? 


18.25 


18.26 Sewage causes removal of oxygen from the fresh water into 
which the sewage is discharged. For a town with a popula- 
tion of 100,000 people, this effluent causes a daily oxygen 
depletion of 50.0 g per person. How many liters of water at 
8 ppm O, are 50% depleted of oxygen in a day by the popu- 


lation of this town? 
18.27 


CaCO3(s) and Mg”* as Mg(OH),(s): 
Ca?*(aq) + CO2 (aq) —> CaCO3(s) 
Mg**(aq) + 2 OH (aq) —> Mg(OH),(s) 


In the lime soda process once used in large scale munici- 
pal water softening, calcium hydroxide prepared from lime 
and sodium carbonate are added to precipitate Ca?* as 
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How many moles of Ca(OH), and NazCO3 should be added 18.28 (a) Suppose that tests of a municipal water system reveal 
to soften (remove the Ca?" and Mg”) 1000 L of water in which the presence of bromate ion, BrO; . What are the likely ori- 
gins of this ion? (b) Is bromate ion an oxidizing or reducing 

[Ca2*] = 3.5 x 107M agent? 


[Mg?*] = 7.5 x 104M 
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18.5 | Green Chemistry 


The planet on which we live is, to a large extent, a closed system, one that exchanges 
energy but not matter with its surroundings. If humankind is to thrive in the future, all 
the processes we carry out should be in balance with Earth’s natural processes and phys- 
ical resources. This goal requires that no toxic materials be released to the environment, 
that our needs be met with renewable resources, and that we consume the least possible 
amount of energy. Although the chemical industry is but a small part of human activity, 
chemical processes are involved in nearly all aspects of modern life. Chemistry is there- 
fore at the heart of efforts to accomplish these goals. 

By the end of this section, you should be able to 


e The basic concepts underpinning green chemistry 


Green chemistry is an initiative that promotes the design and application of 
chemical products and processes that are compatible with human health and that pre- 
serve the environment. Green chemistry rests on a set of 12 principles: 


1. Prevention It is better to prevent waste than to clean it up after it has been created. 


2. Atom Economy Methods to make chemical compounds should be designed to 
maximize the incorporation of all starting atoms into the final product. 


3. Less Hazardous Chemical Syntheses Wherever practical, synthetic methods 
should be designed to use and generate substances that possess little or no toxicity to 
human health and the environment. 


4. Design of Safer Chemicals Chemical products should be designed to minimze 
toxicity and yet maintain their desired function. 


5. Safer Solvents and Auxiliaries Auxiliary substances (for example, solvents, sep- 
aration agents, etc.) should be used as little as possible. Those that are used should be 
as nontoxic as possible. 
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6. Design for Energy Efficiency Energy requirements of chemical processes should 
be recognized for their environmental and economic impacts and should be min- 
imized. If possible, chemical reactions should be conducted at room temperature 
and pressure. 


7. Use of Renewable Feedstocks A raw material or feedstock should be renewable 
whenever technically and economically practical. 


8. Reduction of Derivatives Unnecessary derivatization (intermediate compound 
formation, temporary modification of physical/chemical processes) should be min- 
imized or avoided if possible because such steps require additional reagents and can 
generate waste. 


9. Catalysis Catalytic reagents (as selective as possible) improve product yields within 
a given time and with a lower energy cost compared to noncatalytic processes and 
are, therefore, preferred to noncatalytic alternatives. 


10. Design for Degradation The end products of chemical processing should break 
down at the end of their useful lives into innocuous degradation products that do 
not persist in the environment. 


11. Real-Time Analysis for Pollution Prevention Analytical methods need to be 
developed that allow for real-time, in-process monitoring and control prior to the 
formation of hazardous substances. 


12. Inherently Safer Chemistry for Accident Prevention Reagents and solvents 
used in a chemical process should be chosen to minimize the potential for chemical 
accidents, including releases, explosions, and fires.* 


To illustrate how green chemistry works, consider the manufacture of styrene, an 
important building block for many polymers, including the expanded polystyrene 
packages used to pack eggs and restaurant takeout food. The global demand for styrene 
is more than 25 billion kg per year. For many years, styrene has been produced in a two- 
step process: Benzene and ethene react to form ethyl benzene, followed by the ethyl 
benzene being mixed with high-temperature steam and passed over an iron oxide cat- 
alyst to form styrene: 


Acid CH,CH3 Iron oxide CH=CH), 
catalyst catalyst 
+ HC = CH) —_> —S 
-H3 
Benzene Ethene Ethyl benzene Styrene 


This process has several shortcomings. One is that both benzene, which is formed 
from crude oil, and ethene, formed from natural gas, are high-priced starting materials 
for a product that should be a low-priced commodity. Another is that benzene is a known 
carcinogen. In a recently developed process that bypasses some of these shortcomings, 
the two-step process is replaced by a one-step process in which toluene is reacted with 
methanol at 425 °C over a special catalyst: 


*Adapted from P. T. Anastas and J. C. Warner, Green Chemistry: Theory and Practice. New York: 
Oxford University Press 1998, p. 30. See also Mike Lancaster, Green Chemistry: An Introductory Text. 
Cambridge, UK: RSC Publishing, 2010, Second Edition, Chapter 1. 


CH3 Base CH=CH) 
catalyst 
+ CH;,0H 
—H), —H,O 
Toluene Methanol Styrene 


The one-step process saves money both because toluene and methanol are less expen- 
sive than benzene and ethene, and because the reaction requires less energy input. Addi- 
tional benefits are that the methanol could be produced from biomass and that benzene 
is replaced by less toxic toluene. The hydrogen formed in the reaction can be recycled as 
a source of energy. This example demonstrates how finding the right catalyst is often key 
in discovering a new process. 

Let’s consider some other examples in which green chemistry can operate to 
improve environmental quality. 


Supercritical Solvents 


A major area of concern in chemical processes is the use of volatile organic compounds 
as solvents. Generally, the solvent in which a reaction is run is not consumed in the reac- 
tion, and there are unavoidable releases of solvent into the atmosphere even in the most 
carefully controlled processes. Further, the solvent may be toxic or may decompose to 
some extent during the reaction, thus creating waste products. 

The use of supercritical fluids represents a way to replace conventional solvents. 
Recall that a supercritical fluid is an unusual state of matter that has properties of both 
a gas and a liquid. Water and carbon dioxide are the two most popular choices as super- 
critical fluid solvents. One recently developed industrial process, for example, replaces 
chlorofluorocarbon solvents with liquid or supercritical CO; in the production of 
polytetrafluoroethene ([CF,CF)],,, sold as Teflon”). Though CO, is a greenhouse gas, no 
new CO, need be manufactured for use as a supercritical fluid solvent. 

As a further example, para-xylene is oxidized to form terephthalic acid, which is 
used to make polyethene terephthalate (PET) plastic and polyester fiber: 


©) O 
190 °C, 2 MPa |l |l 
CH3 CH3 + 3 Or Catalyst > HO C C—OH + 2 HO 


para-Xylene Terephthalic acid 


This commercial process requires pressurization and a relatively high temperature. Oxy- 
gen is the oxidizing agent, and acetic acid (CHCOOH) is the solvent. An alternative 
route employs supercritical water as the solvent and hydrogen peroxide as the oxidant. 
This alternative process has several potential advantages, most particularly the elimina- 
tion of acetic acid as solvent. 


Greener Reagents and Processes 


Let us examine two more examples of green chemistry in action. 

Hydroquinone, HO—C,H,—OH, is a common intermediate used to make poly- 
mers. The standard industrial route to hydroquinone, used until recently, yields many 
by-products that are treated as waste: 


SECTION 18.5 Green Chemistry 
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NH, 
y 
N J 
w i 
O a Pi 
L 
Waste 
4 
/ 
OH ff 
7 
7 
ye 
2 + Fe + 2HCl —> 2 + FeCl, 
OH 
Hydroquinone 


Using the principles of green chemistry, researchers have improved this process. 


The new process for hydroquinone production uses a new starting material. Two of the 
by-products of the new reaction (shown in green) can be isolated and used to make the 
new starting material. 


CH3 CH, 
| Catalyst / 
HO i OH ——— HO S + 
CH; CH, 
By-products recycled 
yo to make starting material 
y 
Ho )-¢ E HOr — no=( Jon + 
\ 
CH; 


The new process is an example of “atom economy,” a phrase that means that a high per- 
centage of the atoms from the starting materials end up in the product. 

Another example of atom economy is a reaction in which, at room temperature and 
in the presence of a copper(I) catalyst, an organic azide and an alkyne form one product 


molecule: 
R2 
N C—N 
zs 4 _ Cu(I) f) \ 
+ = 
RÍ N S HC=C—R, ae \ 
Azide Alkyne D N 
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This reaction is informally called a click reaction. The yield—actual, not just theoretical— 
is close to 100%, and there are no by-products. Depending on the type of azide and type 
of alkyne we start with, this very efficient click reaction can be used to create any number 
of valuable product molecules. 


Self-Assessment Exercise 


18.29 Assuming the by-products of the green manufacture of hy- 


droquinone (these are: phenol and acetone) are recycled, 
what atoms, if any, used in this process do not end up in 
the final products? 


(a) All atoms are used 
(b) 3C and 5H remain 
(c) 10 and 2H remain 


Exercises 


18.30 Discuss how catalysts can make processes more energy 


18.31 


Conversion [%] 


> 


100 


efficient. 


The hydrogenation reaction shown here was performed 
with an iridium catalyst, both in supercritical CO, (scCO2) 
and in the chlorinated solvent CH,Cl. The kinetic data for 
the reaction in both solvents are plotted in the graph. In 
what respects is the use of scCO, a good example of a green 
chemical reaction? 


A N „Ph scCO, H,C yon 
Ph Chiral Ir-cat. Ph YNPh 
H 


scCO, 


| F.C CE, 
Ir-catalyst 
9 10 22 23 24 


1 2 3 4 5 6 7 8 
Time [h] 


Sample Integrative Exercise 


\ Putting Concepts Together 


18.32 In the following three instances, which choice is greener 


in a chemical process? Explain. (a) A reaction that can be 
run at 350 K for 12 h without a catalyst or one that can be 
run at 300 K for 1 h with a reusable catalyst. (b) A reagent 
for the reaction that can be obtained from corn husks or 
one that is obtained from petroleum. (c) A process that 
produces no by-products or one in which the by-products 
are recycled for another process. 


9S191aXq JUBWSSASSy-}]9S 0} SIƏMSUY 


y 


(a) Acid rain is no threat to lakes in areas where the rock is limestone (calcium carbonate), which can neutralize the acid. Where 
the rock is granite, however, no neutralization occurs. How does limestone neutralize acid? (b) Acidic water can be treated with 
basic substances to increase the pH, although such a procedure is usually only a temporary cure. Calculate the minimum mass of 
lime, CaO, needed to adjust the pH of a small lake (V = 4 x 10°? L) from 5.0 to 6.5. Why might more lime be needed? 


Continued 
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SOLUTION 


Analyze We need to remember what a neutralization reaction is 
and calculate the amount of a substance needed to effect a certain 
change in pH. 


Plan For (a), we need to think about how acid can react with calcium 
carbonate, a reaction that evidently does not happen with acid and 
granite. For (b), we need to think about what reaction between an 
acid and CaO is possible and do stoichiometric calculations. From 
the proposed change in pH, we can calculate the change in proton 
concentration needed and then figure out how much CaO is needed. 


Solve 


(a) The carbonate ion, which is the anion of a weak acid, is basic 
and so reacts with H*(aq). If the concentration of H+ (aq) is 
low, the major product is the bicarbonate ion, HCO; . If the 
concentration of H*(aq) is high, HxCO3 forms and decom- 
poses to CO; and H20. 


(b 


= 


The initial and final concentrations of H*(aq) in the lake are 
obtained from their pH values: 


[H*Jinitiaa = 10° = 1 x 10°M 
[H] fna = 10s 3 x 107M 


Using the lake volume, we can calculate the number of moles 
of H*(aq) at both pH values: 


(1 x 10-5 mol/L)(4.0 x 10°L) = 4 x 104 mol 


(3 X 107 mol/L)(4.0 xX 10°K) = 1 x 10° mol 


Hence, the change in the amount of H*(aq) is 
4 x 10*mol — 1 x 10° mol ~ 4 x 10*mol. 


Let’s assume that all the acid in the lake is completely 
ionized, so that only the free H*(aq) contributing to the pH 
needs to be neutralized. We need to neutralize at least that 
much acid, although there may be a great deal more than that 
amount in the lake. 

The oxide ion of CaO is very basic. In the neutralization 
reaction, 1 mol of CaO reacts with 2 mol of H* to form H2O 
and Ca% ions. Thus, 4 x 10* mol of H* requires 


me | tes 
2molH* /\1mol€aO 


(4x 10! mor“) ( ) 1 x 106 g CaO 


A tonne of CaO costs about $100 when purchased in large 
quantities, so it relatively inexpensive. This amount of CaO 
is the minimum amount needed, however, because there 
are likely to be weak acids in the water that must also be 
neutralized. 

This liming procedure has been used to bring the pH of 
some small lakes into the range necessary for fish to live. The 
lake in our example would be about a kilometer long and a 
kilometer wide and have an average depth of 6 m. 


N EENT 


Chapter Summary and Key Terms 


EARTH’S ATMOSPHERE (SECTION 18.1) In this section we 
examined the physical and chemical properties of Earth’s atmo- 
sphere. The complex temperature variations in the atmosphere 
give rise to four regions, each with characteristic properties. The 
lowest of these regions, the troposphere, extends from Earth’s sur- 
face up to an altitude of about 12 km. Above the troposphere, in 
order of increasing altitude, are the stratosphere, mesosphere, and 
thermosphere. In the upper reaches of the atmosphere, only the 
simplest chemical species can survive the bombardment of highly 
energetic particles and radiation from the Sun. The average molec- 
ular weight of the atmosphere at high elevations is lower than 
that at Earth’s surface because the lightest atoms and molecules 
diffuse upward and also because of photodissociation, which is the 
breaking of bonds in molecules because of the absorption of light. 
Absorption of radiation may also lead to the formation of ions via 
photoionization. 


HUMAN ACTIVITIES AND EARTH’S ATMOSPHERE (SECTION 18.2) 
Ozone is produced in the upper atmosphere from the reaction of 
atomic oxygen with O2. Ozone is itself decomposed by absorp- 
tion of a photon or by reaction with an active species such as Cl. 
Chlorofluorocarbons can undergo photodissociation in the strato- 
sphere, introducing atomic chlorine, which is capable of catalyt- 
ically destroying ozone. A marked reduction in the ozone level in 
the upper atmosphere would have serious adverse consequences 
because the ozone layer filters out certain wavelengths of harmful 
ultraviolet light that are not removed by any other atmospheric 
component. In the troposphere the chemistry of trace atmospheric 
components is of major importance. Many of these minor com- 
ponents are pollutants. Sulfur dioxide is one of the more noxious 
and prevalent examples. It is oxidized in air to form sulfur trioxide, 
which, upon dissolving in water, forms sulfuric acid. The oxides of 


sulfur are major contributors to acid rain. One method of prevent- 
ing the escape of SO; from industrial operations is to react it with 
CaO to form calcium sulfite CaSO3. 

Photochemical smog is a complex mixture in which both nitro- 
gen oxides and ozone play important roles. Smog components are 
generated mainly in automobile engines, and smog control consists 
largely of controlling auto emissions. 

Carbon dioxide and water vapor are the major components 
of the atmosphere that strongly absorb infrared radiation. CO, 
and H,O are therefore critical in maintaining Earth’s surface tem- 
perature. The concentrations of CO, and other so-called green- 
house gases in the atmosphere are thus important in determining 
global climate. Because of the extensive combustion of fossil fuels 
(coal, oil, and natural gas), the concentration of carbon dioxide 
in the atmosphere is steadily increasing, which in turn appears to 
be contributing to an increase in the average temperature of the 
Earth. 


EARTH’S WATER (SECTION 18.3) Earth’s water is largely in the 
oceans and seas; only a small fraction is freshwater. Seawater con- 
tains about 3.5% by mass of dissolved salts and is described as having 
a salinity (grams of dry salts per 1 kg seawater) of 35. Seawater’s den- 
sity and salinity vary with depth. Because most of the world’s water 
is in the oceans, humans may eventually need to recover freshwater 
from seawater. The global water cycle involves continuous phase 
changes of water. 


HUMAN ACTIVITIES AND WATER QUALITY (SECTION 18.4) 
Freshwater contains many dissolved substances including dissolved 
oxygen, which is necessary for fish and other aquatic life. Sub- 
stances that are decomposed by bacteria are said to be biodegrad- 
able. Because the oxidation of biodegradable substances by aerobic 


bacteria consumes dissolved oxygen, these substances are called oxy- 
gen-demanding wastes. The presence of an excess amount of oxy- 
gen-demanding wastes in water can sufficiently deplete the dissolved 
oxygen to kill fish and produce offensive odors. Plant nutrients can 
contribute to the problem by stimulating the growth of plants that 
become oxygen-demanding wastes when they die. Desalination is the 
removal of dissolved salts from seawater or brackish water to make it 
fit for human consumption. Desalination may be accomplished by 
distillation or by reverse osmosis. 

The water available from freshwater sources may require treat- 
ment before it can be used domestically. The several steps generally 
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used in municipal water treatment include coarse filtration, sedi- 
mentation, sand filtration, aeration, and sterilization. 


GREEN CHEMISTRY (SECTION 18.5) The green chemistry initia- 
tive promotes the design and application of chemical products and 
processes that are compatible with human health and that preserve 
the environment. The areas in which the principles of green chem- 
istry can operate to improve environmental quality include choices 
of solvents and reagents for chemical reactions, development of 
alternative processes, and improvements in existing systems and 
practices. 


Learning Outcomes After studying this chapter, you should be able to: 


e Describe the regions of Earth’s atmosphere in terms of how tem- 
perature varies with altitude. (Section 18.1) 
Related exercises 18.4, 18.43 


e Describe the composition of the atmosphere in terms of the ma- 
jor components in dry air at sea level. (Section 18.1) 
Related exercises 18.6, 18.44 


e Calculate concentrations of gases in parts per million (ppm). 
(Section 18.1) Related exercises 18.5, 18.45 


e Describe the processes of photodissociation and photoion- 
ization and their role in the upper atmosphere. (Section 18.1) 
Related exercises 18.8, 18.47 


e Calculate the minimum frequency or maximum wavelength 
needed to cause photodissociation or photoionization. 
(Section 18.1) Related exercises 18.7, 18.46, 18.48 


e Explain how ozone in the upper atmosphere functions to filter 
short wavelength solar radiation, and how chlorofluorcarbons 
(CFCs) cause depletion of the ozone layer. (Sections 18.1 and 
18.2) Related exercises 18.9, 18.13, 18.14, 18.51 


e Describe the origins and behavior of sulfur oxides and nitrogen 
oxides as air pollutants, including the generation of acid rain 


and photochemical smog. (Section 18.2) 
Related exercises 18.15, 18.17, 18.52, 18.54 


e Describe how water and carbon dioxide cause an increase in 
atmospheric temperature near Earth’s surface. (Section 18.2) 
Related exercises 18.18, 18.55 


e Describe the global water cycle. (Section 18.3) 
Related exercises 18.21, 18.57 


e Explain what is meant by the salinity of water and describe 
the process of reverse osmosis as a means of desalination. 
(Section 18.4) Related Exercises 18.24, 18.60 


e List the major cations, anions, and gases present in natural wa- 
ters and describe the relationship between dissolved oxygen 
and water quality. (Section 18.4) 

Related exercises 18.25, 18.26, 18.59, 18.62 


e List the main steps involved in treating water for domestic uses. 
(Section 18.4) Related exercises 18.27, 18.28, 18.63, 18.64 


e Describe the main goals of green chemistry. (Section 18.5) 
Related exercises 18.30, 18.65 


e Compare reactions and decide which reaction is greener. 
(Section 18.5) Related exercises 18.31, 18.32, 18.67 


I —___—_____ 


Exercises 


Visualizing Concepts 


18.33 At 273 K and 101.3 kPa, 1 mol of an ideal gas occupies 
22.4 L. (Section 10.4) (a) Looking at Figure 18.1, predict 
whether a 1 mol sample of the atmosphere in the middle 
of the stratosphere would occupy a greater or smaller vol- 
ume than 22.4 L (b) Looking at Figure 18.1, we see that the 
temperature is lower at 85 km altitude than at 50 km. Does 
this mean that one mole of an ideal gas would occupy less 
volume at 85 km than at 50 km? Explain. (c) In which 
parts of the atmosphere would you expect gases to behave 
most ideally (ignoring any photochemical reactions)? 
[Section 18.1] 


18.34 Molecules in the upper atmosphere tend to contain dou- 
ble and triple bonds rather than single bonds. Suggest an 
explanation. [Section 18.1] 


18.35 The figure shows the three lowest regions of Earth’s atmo- 
sphere. (a) Name each and indicate the approximate eleva- 
tions at which the boundaries occur. (b) In which region is 
ozone a pollutant? In which region does it filter UV solar 
radiation? (c) In which region is infrared radiation from 
Earth’s surface most strongly reflected back? (d) An aurora 
borealis is due to excitation of atoms and molecules in 


the atmosphere 55-95 km above Earth’s surface. Which 
regions in the figure are involved in an aurora borealis? 
(e) Compare the changes in relative concentrations of 
water vapor and carbon dioxide with increasing elevation 
in these three regions [Section 18.1]. 
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18.36 You are working with an artist who has been commissioned 


to make a sculpture for a big city. The artist is wondering 
what material to use to make her sculpture because she has 
heard that acid rain might destroy it over time. You take 
samples of granite, marble, bronze, and other materials, 
and place them outdoors for a long time in the big city. 
You periodically examine the appearance and measure the 
mass of the samples. (a) What observations would lead 
you to conclude that one or more of the materials are well- 
suited for the sculpture? (b) What chemical process (or pro- 
cesses) is (are) the most likely responsible for any observed 
changes in the materials? [Section 18.2] 


18.37 Where does the energy come from to evaporate the esti- 


mated 425,000 km’ of water that annually leaves the 
oceans, as illustrated here? [Section 18.3] 


Water transport to 
the atmosphere 


18.40 The first stage of treatment at a reverse osmosis plant is to 


flow the water through rock, sand, and gravel as shown 


Sea water 


Anthracite 


18.38 


18.39 


The Earth’s oceans have a salinity of 35. What is the con- 
centration of dissolved salts in seawater when expressed in 
ppm? What percentage of salts must be removed from sea- 
water before it can be considered freshwater (dissolved salts 
< 500 ppm)? [Section 18.3] 


Describe what changes occur when atmospheric CO) inter- 
acts with the world ocean as illustrated here. [Section 18.3] 


CO; (aq) 


here. Would this step remove particulate matter? Would 
this step remove dissolved salts? [Section 18.4] 


18.41 


18.42 


From study of Figure 18.21, describe the various ways in 
which operation of a fracking well site could lead to envi- 
ronmental contamination. 


One mystery in environmental science is the imbalance in 
the “carbon dioxide budget.” Considering only human activ- 
ities, scientists have estimated that 1.6 billion tonne tons 
of CO; is added to the atmosphere every year because 
of deforestation (plants use CO,, and fewer plants will 
leave more CO, in the atmosphere). Another 5.5 billion 
tonne per year is put into the atmosphere because of 


by 
deforestation 


burning 
fossil fuels 


Earth’s Atmosphere (Section 18.1) 


18.43 


18.44 


18.45 


18.46 


18.47 


18.48 


(a) What is the primary basis for the division of the atmo- 
sphere into different regions? (b) Name the regions of the 
atmosphere, indicating the altitude interval for each one. 


From the data in Table 18.1, calculate the partial pressures 
of neon and helium when the total atmospheric pressure is 
102.3 kPa. 


The average concentration of carbon monoxide in air ina 
city in 2007 was 3.0 ppm. Calculate the number of CO mol- 
ecules in 1.0 L of this air at a pressure of 100 kPa and a tem- 
perature of 25 °C. 


The dissociation energy of a carbon-iodine bond is typ- 
ically about 240 kJ/mol. (a) What is the maximum wave- 
length of photons that can cause C— I bond dissociation? 
(b) Which kind of electromagnetic radiation—ultraviolet, 
visible, or infrared—does the wavelength you calculated in 
part (a) correspond to? 


(a) Distinguish between photodissociation and photoion- 
ization. (b) Use the energy requirements of these two pro- 
cesses to explain why photodissociation of oxygen is more 
important than photoionization of oxygen at altitudes 
below about 90 km. 


The dissociation energy of N, is very high, 941 kJ/mol. 
(a) Calculate the wavelength of the photons that possess 
sufficient energy to dissociate Np. (b) In which region of the 
electromagnetic spectrum does this light fall? Does this light 
have enough energy to photoionize N3? 


3.3£0.2 
billion 


by, 


ii a “i 
a by abd ea on oa 


atmosphere 
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burning fossil fuels. It is further estimated (again, consid- 
ering only human activities) that the atmosphere actu- 
ally takes up about 3.3 billion tonne of this CO, per year, 
while the oceans take up 2 billion tonne per year, leav- 
ing about 1.8 billion tonne of CO; per year unaccounted 
for. Describe a mechanism by which CO, is removed 
from the atmosphere and ultimately ends up below the 
surface (Hint: What is the source of the fossil fuels?). 
[Sections 18.1-18.3] 


2.0+0.8 _ 
billion ~ 


Approximately 
‘i billion 


byoceans omiland 


Human Activities and Earth’s Atmosphere 
(Section 18.2) 


18.49 


18.50 


18.51 


18.52 


18.53 


Do the reactions involved in ozone depletion involve 
changes in oxidation state of the O atoms? Explain. 


Draw the Lewis structure for the chlorofluorocarbon 
CFC-11, CFCl;. What chemical characteristics of this 
substance allow it to effectively deplete stratospheric 
ozone? 


The average bond enthalpies of the C— C and C— H bonds 
are 348 kJ/mol and 413 kJ/mol, respectively. (a) What is the 
maximum wavelength that a photon can possess and still 
have sufficient energy to break the C—H and C—C bonds, 
respectively? (b) Given the fact that Oz, No, and O in the 
upper atmosphere absorb most of the light with wave- 
lengths shorter than 240 nm, would you expect the photo- 
dissociation of C—C and C—H bonds to be significant in 
the lower atmosphere? 


Nitrogen oxides like NO, and NO are a significant source 
of acid rain. For each of these molecules write an equa- 
tion that shows how an acid is formed from the reaction 
with water. 


(a) It has been reported, that acid rain with a pH of 3.5 could 
corrode mild steel. Write a chemical equation that describes 
the attack of acid rain on an iron (Fe) material. (b) If the iron 
material were covered with a surface layer of copper, would 
this help to stop the effects of acid rain? Explain. 
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Alcohol-based fuels for cars lead to the production of 
formaldehyde (CHO) in exhaust gases. Formaldehyde 
undergoes photodissociation, which contributes to photo- 
chemical smog: 


CH,O + hv —> CHO + H 


The maximum wavelength of light that can cause this reac- 
tion is 335 nm. (a) In what part of the electromagnetic spec- 
trum is light with this wavelength found? (b) What is the 
maximum strength of a bond, in kJ/mol, that can be bro- 
ken by absorption of a photon of 335 nm light? (c) Com- 
pare your answer from part (b) to the appropriate value from 
Table 8.3. What do you conclude about C—H bond energy 
in formaldehyde? (d) Write out the formaldehyde photodis- 
sociation reaction, showing Lewis-dot structures. 


Consider the Earth’s energy balance shown in Figure 18.10. 
(a) How many different sources transfer energy to the 
atmosphere? Which makes the largest contribution? What 
is the total amount of energy transferred into the atmo- 
sphere in W/m?? (b) To maintain a balance the atmosphere 
must lose an equal amount of energy by emitting radiation, 
either into space or back toward the surface. What fraction 
is radiated back to the surface? 


Earth’s Water (Section 18.3) 


18.56 


18.57 


18.58 


What is the molarity of Na* in a solution of NaCl whose 
salinity is 25.0 if the solution has a density of 1.04 g/mL? 


The enthalpy of evaporation of water is 40.67 kJ/mol. 
Sunlight striking Earth’s surface supplies 168 W per square 
meter (1 W = 1 watt = 1J/s). (a) Assuming that evapo- 
ration of water is due only to energy input from the Sun, 
calculate how many grams of water could be evaporated 
from a 1.00 square meter patch of ocean over a 12 h day. 
(b) The specific heat capacity of liquid water is 4.184 J/g °C. 
If the initial surface temperature of a 1.00 square meter patch 
of ocean is 26 °C, what is its final temperature after being in 
sunlight for 12 h, assuming no phase changes and assuming 
that sunlight penetrates uniformly to depth of 10.0 cm? 


A first-stage recovery of magnesium from seawater is pre- 
cipitation of Mg(OH); with CaO: 


Mg?*(aq) + CaO(s) + H,O(1) —> Mg(OH),(s) + Ca?*(aq) 


18.59 


What mass of CaO, in grams, is needed to precipitate 1000 kg 
of Mg(OH)? 


Although there are many ions in seawater, the overall 
charges of the dissolved cations and anions must main- 
tain charge neutrality. Consider only the six most abun- 
dant ions in seawater, as listed in Table 18.5 (Cl-, Nat, 
SO42-, Mg?*, Ca?*, and K*), calculate the total charge in 
Coulombs of the cations in 1.0 L of seawater. Calculate 
the total charge in Coulombs of the anions in 1.0 L of sea- 
water. To how many significant figures are the two num- 
bers equal? 


Human Activities and Water Quality 
(Section 18.4) 


18.60 


Suppose that one wishes to use reverse osmosis to reduce 
the salt content of brackish water containing 0.265 M 
total salt concentration to a value of 0.015 M, thus render- 
ing it usable for human consumption. What is the mini- 
mum pressure that needs to be applied in the permeators 
(Figure 18.18) to achieve this goal, assuming that the opera- 
tion occurs at 15 °C? (Hint: Refer to Section 13.5.) 


18.61 List the common products formed when an organic mate- 


rial containing the elements carbon, hydrogen, oxygen, 
sulfur, and nitrogen decomposes (a) under aerobic condi- 
tions, (b) under anaerobic conditions. 


18.62 Sodium stearate (C,gH3;02Na) is the most common soap. 


Assume that the stearate anion undergoes aerobic decom- 
position in the following manner: 


CigH35O02 (aq) + 26 O2(aq) —> 


17 CO,(aq) + 17 H,O(1) + HCO; (aq) 


What is the total mass of O; required to biodegrade 3.0 g of 
this substance? 


18.63 Hydrogen phosphate (HPO, )can be removed in water 


treatment by the addition of slaked lime, Ca(OH) . Write a 
balanced chemical equation for the reaction (using ions as 
reactant), in which Ca;(OH)(PO,)3 forms as a precipitate. 


18.64 (a) What are trihalomethanes (THMs)? (b) Draw the Lewis 


structures of two example THMs. 


Green Chemistry (Section 18.5) 


18.65 One of the principles of green chemistry is that it is better 


to use as few steps as possible in making new chemicals. 
In what ways does following this rule advance the goals of 
green chemistry? How does this principle relate to energy 
efficiency? 


18.66 A reaction for converting ketones to lactones, called the 


Baeyer-Villiger reaction, 


i 
C O 
H,c~ “cH, Cl _OH 
| | + O —> 
HC, „CH2 
CH, 
Ketone 3-Chloroperbenzoic acid 
ji 
C O 
HCI % cl 
+ 
and pik on 
H,C—CH, 
Lactone 3-Chlorobenzoic acid 


is used in the manufacture of plastics and pharmaceu- 
ticals. 3-Chloroperbenzoic acid is shock-sensitive, how- 
ever, and prone to explode. Also, 3-chlorobenzoic acid is 
a waste product. An alternative process being developed 
uses hydrogen peroxide and a catalyst consisting of tin 
deposited within a solid support. The catalyst is readily 
recovered from the reaction mixture. (a) What would 
you expect to be the other product of oxidation of the 
ketone to lactone by hydrogen peroxide? (b) What prin- 
ciples of green chemistry are addressed by use of the pro- 
posed process? 


18.67 Inthe following three instances, which choice is greener in 


each situation? Explain. (a) Petroleum as a raw material or 
vegetable oil as a raw material. (b) Toluene as a solvent or 
water as a solvent. (c) Catalyzed reaction at 600 K or uncat- 
alyzed reaction at 800 K. 
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Additional Exercises 


18.68 


18.69 


18.70 


18.71 


18.72 


18.73 


18.74 


18.75 


18.76 


18.77 


A friend of yours has seen each of the following items in 
newspaper articles and would like an explanation: (a) 
acid rain, (b) greenhouse gas, (c) photochemical smog, 
(d) ozone depletion. Give a brief explanation of each term and 
identify one or two of the chemicals associated with each. 


Suppose that on another planet the atmosphere consists of 
10% Kr, 40% CH4, and 50% O2. What is the average molar 
mass at the surface? What is the average molar mass at an 
altitude at which all the O, is photodissociated? 


If an average O3 molecule “lives” only 100-200 seconds in 
the stratosphere before undergoing dissociation, how can 
O; offer any protection from ultraviolet radiation? 


Show how Equations 18.7 and 18.9 can be added to give 
Equation 18.10. 


What properties of CFCs make them ideal for various com- 
mercial applications but also make them a long-term prob- 
lem in the stratosphere? 


Halons are fluorocarbons that contain bromine, such as 
CBrF3. They are used extensively as foaming agents for 
fighting fires. Like CFCs, halons are very unreactive and 
ultimately can diffuse into the stratosphere. (a) Based on 
the data in Table 8.3, would you expect photodissociation 
of Br atoms to occur in the stratosphere? (b) Propose a 
mechanism by which the presence of halons in the strato- 
sphere could lead to the depletion of stratospheric ozone. 


(a) What is the difference between a CFC and an HFC? 
(b) It is estimated that the lifetime for HFCs in the strato- 
sphere is 2-7 years. Why is this number significant? 
(c)Why have HFCs been used to replace CFCs? (d) What is 
the major disadvantage of HFCs as replacements for CFCs? 
Explain, using Le Chatelier’s principle, why the equilib- 
rium constant for the formation of NO from N, and O, 
increases with increasing temperature, whereas the equilib- 
rium constant for the formation of NO» from NO and O3 
decreases with increasing temperature. 


Liquefied petroleum gas (LPG) consists primarily of pro- 
pane, C3Hg(/) or butane C4Hjo(/). (a) Write a balanced 
chemical equation for the complete combustion of pro- 
pane to produce CO,(g) as the only carbon-containing 
product. (b) Write a balanced chemical equation for the 
incomplete combustion of propane to produce CO(g) 
as the only carbon-containing product. (c) At 25°C and 
101.3 kPa pressure, what is the minimum quantity of dry 
air needed to combust 10.0 mL of C3Hg(/) completely to 
CO,(g)? The density of the LPG is 0.50 g/mL. 


It was estimated that the eruption of the Mount Pinatubo 
volcano resulted in the injection of 20 million metric tons 
of SO, into the atmosphere. Most of this SO, underwent 
oxidation to SO3, which reacts with atmospheric water to 
form an aerosol. (a) Write chemical equations for the pro- 
cesses leading to formation of the aerosol. (b) The aero- 
sols caused a 0.5-0.6 °C drop in surface temperature in the 
northern hemisphere. What is the mechanism by which 
this occurs? (c) The sulfate aerosols, as they are called, 
also cause loss of ozone from the stratosphere. How might 
this occur? 


Solubility (g gas per kg water) 


18.78 


1.5 


0.5 


18.79 


18.80 


18.81 


18.82 


18.83 


One of the possible consequences of climate change is an 
increase in the temperature of ocean water. The oceans 
serve as a “sink” for CO by dissolving large amounts of it. 


10 20 30 40 


Water temperature (°C) 


50 60 


(a) The accompanying figure shows the solubility of CO, in 
water as a function of temperature. Does CO, behave more 
or less similarly to other gases in this respect? 


(b) What are the implications of this figure for the problem 
of climate change? 


The rate of solar energy striking Earth averages 168 watts 
per square meter. The rate of energy radiated from Earth’s 
surface averages 390 watts per square meter. Comparing 
these numbers, one might expect that the planet would 
cool quickly, yet it does not. Why not? 


In 2008, the global average electricity consumption per 
head was 3.0 MWh. The solar power striking Earth every 
day averages 168 watts per square meter. Considering that 
present technology for solar energy conversion is about 
10% efficient, from how many square meters of land must 
sunlight be collected in order to provide this power? 


Write balanced chemical equations for each of the follow- 
ing reactions: (a) The carbon dioxide molecule undergoes 
photodissociation in the upper atmosphere. (b) The car- 
bon dioxide molecule undergoes photoionization in the 
upper atmosphere. (c) Carbon monoxide undergoes oxi- 
dation by ozone in the stratosphere. (d) Carbon dioxide 
dissolves in water to form hydrogen carbonate. 


(a) When sufficient NaCO; is added to a solution con- 
taining Mg?*, Mg(OH); will precipitate. Explain by writing 
balanced equations of the reactions. (b) Will Mg(OH); pre- 
cipitate when 2.0 g of NaCO; is added to 1.00 L of a solu- 
tion containing 25 ppm of Mg”? 


The CDC (Centers for Disease Control and Prevention) 
published a reference blood lead level (BLL), which is 
based on the BLL distribution among children. It is cur- 
rently 5 pg/dL. (a) What is the molarity of an aqueous 
solution with this concentration? (b) Express this con- 
centration in ppb. 
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18.84 


18.85 


18.86 


18.87 


18.88 


18.89 


18.90 


The estimated average concentration of NO; in air in an 
urbanized country in 2015 was 0.010 ppm. (a) Calculate 
the partial pressure of the NO; in a sample of this air 
when the atmospheric pressure is 101 kPa. (b) How many 
molecules of NO, are present under these conditions at 
25°C in a room that measures 10m X 8m X 2.50 m? 


A 500 megawatt electrical power plant typically burned 
1,430,000 tonne of coal in a year. (a) Assuming that the 
coal was 80% carbon and 3% sulfur and that combustion 
was complete, calculate the number of tonne of carbon 
dioxide and sulfur dioxide produced by the plant during 
the year. (b) If 50% of the SO, could be removed by reac- 
tion with powdered CaO to form CaSO3, how many tonne 
of CaSO, would be produced? 


Figure 14.4 shows the visible spectra of iodine (Iz) solu- 
tions at different concentrations (1 mg/L 100 mg/L). 
The absorption maximum is at 450 nm. (a) What color 
corresponds to a wavelength of 450 nm? (b) Calculate 
the extinction coefficient e of iodine in this solution at 
450 nm. Assume a common spectrometer path length of 
b = 1.0 cm. 


Common lab spectrometers can detect absorbance down 
to 0.0002 with good reliability. Consider a dissolved harm- 
ful organic substance with a molar mass of 120.5 g/mol, 
which can be detected in this spectrometer. It shows an 
extinction coefficient of s = 1.43 x 10°M ‘cm! at 
320 nm, its absorption maximum (A Closer Look, p. 667). 
(a) Calculate the minimum concentration of the organic 
substance detectable by this spectrometer (path length 
1 cm). (b) Convert the minimum observable molarity to ppb. 


The concentration of H,O in the stratosphere is about 
5 ppm. It undergoes photodissociation according to: 


H20(8) —> H(g) + OH(8) 


(a) Write out the Lewis-dot structures for both products and 
reactant. 


(b) Using Table 8.3, calculate the wavelength required to 
cause this dissociation. 


(c) The hydroxyl radical, OH, can react with ozone, giving 
the following reactions: 


OH(g) + O3(g) —> HO2(8) + O2(8) 
HO,(g) + O(g) —> OH(g) + O2(8) 


What overall reaction results from these two elementary reac- 
tions? What is the catalyst in the overall reaction? Explain. 


Bioremediation is the process by which bacteria repair their 
environment in response, for example, to an oil spill. The 
efficiency of bacteria for “eating” hydrocarbons depends 
on the amount of oxygen in the system, pH, temperature, 
and many other factors. In a certain oil spill, hydrocarbons 
from the oil disappeared with a first-order rate constant of 
2 x 10°°s"!. At that rate, how many days would it take for 
the hydrocarbons to decrease to 10% of their initial value? 


The standard enthalpies of formation of ClO and C10; are 
101 and 102 kJ/mol, respectively. Using these data and the 
thermodynamic data in Appendix C, calculate the overall 
enthalpy change for each step in the following catalytic 
cycle: 


ClO(g) + O3(g) —> ClO2(g) + O2(8) 
Cl1O2(g) + O(g) —> ClO(g) + O2(g) 
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18.92 


18.93 


18.94 


18.95 


18.96 


18.97 


What is the enthalpy change for the overall reaction that 
results from these two steps? 


The main reason that distillation is a costly method for 
purifying water is the high energy required to heat and 
vaporize water. (a) Using the density, specific heat, and 
heat of vaporization of water from Appendix B, calculate 
the amount of energy required to vaporize 1.00 L of water 
beginning with water at 25 °C. (b) If the energy is provided 
by electricity costing $0.085/kWh, calculate its cost. (c) If 
distilled water sells in a grocery store for $0.49 per L, what 
percentage of the sales price is represented by the cost of 
the energy? 


A reaction that contributes to the depletion of ozone in the 
stratosphere is the direct reaction of oxygen atoms with 
ozone: 


O(g) + O3(g) — 2 02(8) 


At 298 K the rate constant for this reaction is 4.8 x 10° 
M~'s"!, (a) Based on the units of the rate constant, write 
the likely rate law for this reaction. (b) Would you expect 
this reaction to occur via a single elementary process? 
Explain why or why not. (c) Use AH? values from Appen- 
dix C to estimate the enthalpy change for this reaction. 
Would this reaction raise or lower the temperature of the 
stratosphere? 


The following data were collected for the decomposition of 
O; by (O; + H —> O, + OH) at very low concentrations: 


Trial [03] (M) [H] (M) Initial Rate (M/s) 
1 A925 x 10 B25 Kio BiOx io 
2 6.50 x 103 4.50 x 10°7 3.25 x 10714 
3 oax ITS 223 n OA E x ior 


(a) Write the rate law for the reaction. 
(b) Calculate the rate constant. 


The degradation of CF;CH,F (an HFC) by OH radicals in 
the troposphere is first order in each reactant and has a 
rate constant of k = 2.1 x 108 M`!s™! at 10°C. If the tropo- 
spheric concentrations of OH and CF;CH;F are 1.0 x 10! 
and 7.5 x 10! molecules /mè, respectively, what is the rate 
of reaction at this temperature in M/s? 


The Henry’s law constant for CO, in water at 25°C is 
3.4 x 1077 mol/m?-Pa (a) What is the solubility of CO, in 
water at this temperature if the solution is in contact with 
air at normal atmospheric pressure? (b) Assume that all of 
this CO is in the form of HCO; produced by the reaction 
between CO, and H,0: 


CO2(aq) + H20(1) —> H2CO3(aq) 


What is the pH of this solution? 


The precipitation of Al(OH); (Ksp = 1.3 X 107°) is some- 
times used to purify water. (a) Estimate the pH at which 
precipitation of Al(OH); will begin if 5.0 kg of Al,(SO4)3 is 
added to 10,000 L of water. (b) Approximately how many 
pounds of CaO must be added to the water to achieve this 
pH? 

The valuable polymer polyurethane is made by a condensa- 
tion reaction of alcohols (ROH) with compounds that con- 
tain an isocyanate group (RNCO). Two reactions that can 
generate a urethane monomer are shown here: 


(i) RNH, + CO, —> R—N=C=0 + 2H,0 


H 


| 
R—N=C=O + R'OH —> R—N i OR’ 


O 


I 
Gi) RNH, + C. —> R—N=C=0 + 2HCI 
a “a 


R—N=C=0 + R’OH > R—N—C—OR' 
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(a) Which process, i or ii, is greener? Explain. 

(b) What are the hybridization and geometry of the carbon 
atoms in each C-containing compound in each reac- 
tion? 

(c) If you wanted to promote the formation of the isocya- 
nate intermediate in each reaction, what could you do, 
using Le Chatelier’s principle? 

18.98 The pH ofa particular raindrop is 5.6. (a) Assuming the 
major species in the raindrop are HyCO3(aq), HCO; (aq), 
and COŻ (aq), calculate the concentrations of these 
species in the raindrop, assuming the total carbonate 
concentration is 1.0 x 10° M. The appropriate K, values 
are given in Table 16.3. (b) What experiments could 
you do to test the hypothesis that the rain also contains 
sulfur-containing species that contribute to its pH? Assume 
you have a large sample of rain to test. 


Design an Experiment 


Considerable fracking of petroleum/gas wells (see Closer Look box 
in Section 18.4) has occurred in recent years in a particular rural 
area. The residents have complained that the water in the residen- 
tial wells serving their domestic water needs has become contami- 
nated with chemicals associated with the fracking operations. The 
well operators respond that the chemicals about which complaints 
are lodged occur naturally, and are not the result of well-drilling 
activities. 


Describe experiments that you could conduct on the waters 
from residential wells to help determine whether and to what ex- 
tent well contaminants are due to fracking operations. Among the 


chemicals that might be expected to be employed in fracking opera- 
tions are hydrochloric acid, sodium chloride, ethylene glycol, borate 
salts, water-soluble gelling agents such as guar gum, citric acid, meth- 
anol, and other alcohols such as isopropanol, and methane. Assume 
that you have available the techniques to make measurements of the 
concentrations of these substances in the residential wells. What 
experiments would you conduct, and what analyses of the results 
would you carry out in an attempt to settle the question of whether 
fracking operations have led to contamination of the well water? 
Would simply measuring the concentrations of some or all of these 
substances in the well waters be sufficient to settle the issue? 
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The nucleosome is a macromolecule inside the nucleus of a living cell: DNA (the 
gray outer double-helical portion) surrounds eight protein molecules (the colored 
molecular models). This overall DNA/protein structure, called the nucleosome, is 
the basic unit of chromosomes in the nuclei of our cells. These structures are highly 
ordered, yet also must be unraveled for gene expression to take place. Both packag- 
ing and unpackaging of DNA in the nucleosome involve changes in the energy of 
the system. 

The amazing organization of living systems, from complex molecular structures 
such as those of nucleosomes, to cells, to tissues, and finally to whole plants and ani- 
mals, is an unending source of wonder and delight to the scientists who study them. 
Energy must be spent, somehow, to form and maintain these organized systems. But 
how is that energy channeled to accomplish these tasks? We cannot merely take the 
requisite atoms, put them in a pot, add energy, and get something like a nucleosome. 

Understanding natural processes, whether they be DNA replication, photosyn- 
thesis, or merely the rusting of a nail, relies on understanding the general laws that 
govern chemical reactions. 

In this chapter, we explore the connection between energy and the extent of 
a reaction. Doing so requires a deeper look at chemical thermodynamics, the area of 
chemistry that deals with energy relationships. We first considered thermodynam- 
ics in Chapter 5, where we discussed the nature of energy, the first law of thermo- 
dynamics, and the concept of enthalpy. In this chapter, we discuss the second law 
of thermodynamics and the concept of entropy, a thermodynamic quantity that we 
encountered briefly in Chapter 13. We start with a few definitions. By the end of this 
section, you should be able to 


e Explain and apply the terms spontaneous process, reversible process, irreversible 
process, and isothermal process. 


If you release a brick from your hand, it will fall. It never jumps back into your hand 
no matter how long you wait. Likewise, if you let a nail sit in the rain, it will even- 
tually rust. The rusted nail will never convert to its original condition even when 
the sun shines and time passes. These are but two examples illustrating that there 
is directionality to events. We say that events like the falling brick and rusting nail 
occur spontaneously. A spontaneous process is one that occurs on its own with- 
out any outside assistance. 

A spontaneous process occurs in one direction only, and the reverse of any 
spontaneous process is always nonspontaneous. Drop an egg above a hard surface, 
for example, and it breaks on impact (Figure 19.1). Now, imagine seeing a video clip 
in which a broken egg rises from the floor, reassembles itself, and ends up in someone’s 
hand. You would conclude that the video is running in reverse because you know that 
broken eggs do not rise and reassemble themselves. An egg falling and breaking is a spon- 
taneous process, whereas the egg rising and reassembling itself is a nonspontaneous 
process. 


Processes that are spontaneous in one direction are nonspontaneous in the 
opposite direction. 


Experimental conditions, such as temperature and pressure, are often important in 
determining whether a process is spontaneous. Consider, for example, the melting of ice. 
Ice melts spontaneously at atmospheric pressure when the temperature of the surround- 
ings is above 0 °C. When the surroundings are below 0 °C, however, liquid water freezes 
spontaneously. The reverse process, melting, is then nonspontaneous as summarized in 
Figure 19.2. 

We must not confuse the spontaneity of a process with speed. Just because a process is 
spontaneous does not necessarily mean that it will occur at an observable rate. A spon- 
taneous process can be fast, as in the case of acid-base neutralization, or slow, as in the 
rusting of iron. Thermodynamics tells us the direction and extent of reaction but nothing 
about the rate. 


W Go Figure 


Does the potential energy of the eggs 
change during this process? 


Not 


Spontaneous 
spontaneous 


A Figure 19.1 A spontaneous process! 
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V Go Figure In which direction is this process exothermic? 


Spontaneous for T > 0°C 


O 


Spontaneous for T < 0 °C 


Ė——_ 


A Figure 19.2 Spontaneity can depend on temperature. At T > O °C, ice melts spontaneously 
to liquid water. At T < O °C, the reverse process, water freezing to ice, is spontaneous. At 
T = 0°C the two states are in equilibrium. 


It is also important to understand that nonspontaneous does not mean impossible. 
For example, although the decomposition of table salt, NaCl, into sodium and chlorine 
is nonspontaneous under ordinary conditions, it is possible to decompose molten NaCl 
by supplying energy from an external source. A spontaneous process occurs without 
such outside intervention. 


Sample Exercise 19.1 (>) 
Identifying Spontaneous Processes 

Predict whether each process is spontaneous as described, spontaneous in the reverse direction, or at equilibrium: (a) Water 

at 40°C gets hotter when a piece of metal heated to 150°C is added. (b) Water at room temperature decomposes into H2(g) 


and 0.(g). (c) Benzene vapor, CgH¢(g), at a pressure of 101.3 kPa condenses to liquid benzene at the normal boiling point of 
benzene, 80.1 °C. 


SOLUTION gases spontaneously bubbling up out of water! Rather, 
the reverse process—the reaction of Hz and O; to form 


Analyze We are asked to judge whether each process is sponta- H,O—is spontaneous. 


neous in the direction indicated, in the reverse direction, or in 
neither direction. (c) The normal boiling point is the temperature at which a 
vapor at 101.3 kPa is in equilibrium with its liquid. Thus, this 
is an equilibrium situation. If the temperature were below 
80.1 °C, condensation would be spontaneous. 


Plan We need to think about whether each process is consistent 
with our experience about the natural direction of events or 
whether we expect the reverse process to occur. 


Solve 


(a) This process is spontaneous. Whenever two objects at > Practice Exercise 
different temperatures are brought into contact, heat is 
transferred from the hotter object to the colder one. Thus, 
heat is transferred from the hot metal to the cooler water. 
The final temperature, after the metal and water achieve 
the same temperature (thermal equilibrium), will be some- 
where between the initial temperatures of the metal and 
the water. 


The process of iron being oxidized to make iron(III) oxide 
(rust) is spontaneous. Which of these statements about this 
process is/are true? (a) The reduction of iron(II) oxide to iron 
is also spontaneous. (b) Because the process is spontaneous, 
the oxidation of iron must be fast. (c) The oxidation of iron is 
endothermic. (d) Equilibrium is achieved in a closed system 
when the rate of iron oxidation is equal to the rate of iron(II) 
Experience tells us that this process is not spontaneous— oxide reduction. (e) The energy of the universe is decreased 
we certainly have never seen hydrogen and oxygen when iron is oxidized to rust. 


(b 


Sat 


SECTION 19.1 Spontaneous Processes 


Seeking a Criterion for Spontaneity 


A marble rolling down an incline or a brick falling from your hand loses potential energy. 
The loss of some form of energy is a common feature of spontaneous change in mechan- 
ical systems. In the 1870s, Marcellin Bertholet (1827-1907) suggested that the direction 
of spontaneous changes in chemical systems is determined by the loss of energy. He 
proposed that all spontaneous chemical and physical changes are exothermic. It takes 
only a few moments, however, to find exceptions to this generalization. For example, the 
melting of ice at room temperature is spontaneous and endothermic. Similarly, many 
spontaneous dissolution processes, such as the dissolving of NH,NO3, are endothermic, 
as we discovered in Section 13.1. We conclude that although the majority of spontaneous 
reactions are exothermic, there are spontaneous endothermic ones as well. Clearly, some 
other factor must be at work in determining the natural direction of processes. 

To understand why certain processes are spontaneous, we need to consider more 
closely the ways in which the state of a system can change. Recall from Section 5.2 
that quantities such as temperature, internal energy, and enthalpy are state functions, 
properties that define a state and do not depend on how we reach that state. The heat 
transferred between the system and its surroundings, q, and the work done on or by the 
system, w, are not state functions—their values depend on the specific way in which the 
change occurs. That is, their values depend on the path taken between states. Under- 
standing two kinds of paths, those that are reversible and those that are irreversible, is a 
key to understanding spontaneity. 


Reversible and Irreversible Processes 


For any process, we can imagine a hypothetical, ideal path that can be reversed to restore 
both the system and its surroundings to exactly their original states. This means that 
after the process is reversed, both the system and surroundings are unchanged. Such an 
ideal process is said to be reversible. 


e Areversible process is one for which we can restore the system to its original con- 
dition with no change to the surroundings. 

e An irreversible process is one that leaves the surroundings somehow changed 
when the system is restored to its original state. 


Sometimes these processes are referred to as being thermodynamically reversible or thermo- 
dynamically irreversible to add greater clarity to their meanings. 

As an example, let’s consider a process involving the transfer of heat. When two 
objects at different temperatures are in contact, heat flows spontaneously from the hot- 
ter object to the colder one. Because it is impossible to make the heat flow in the opposite 
direction, from colder to hotter, this is an irreversible process. Given this fact, can we imag- 
ine any hypothetical conditions under which the heat transfer could be reversible? The 
answer is yes, but only if we consider temperature changes that are infinitesimally small. 

Imagine the system and its surroundings at essentially the same temperature, with 
just an infinitesimal temperature difference, ôT, between them (Figure 19.3). If the sur- 
roundings are at temperature T and the system is at an infinitesimally higher temperature 
T + ôT, then an infinitesimal amount of heat flows from the system to surroundings. We 
can reverse the direction of heat flow by making an infinitesimal change of temperature 
in the opposite direction, lowering the system temperature to T — ôT. Now the direc- 
tion of heat flow is from surroundings to system. Thus, for the process to be reversible, 
the amounts of heat must be infinitesimally small and the transfer of heat must occur 
infinitely slowly. 


Reversible processes are those that reverse direction whenever an infinitesimal 
change is made in some property of the system. 


Now let’s consider another example, the expansion of an ideal gas at constant tem- 
perature (referred to as an isothermal process). In the cylinder-piston arrangement of 
Figure 19.4, when the partition is removed, the gas expands spontaneously to fill the 
evacuated space. Can we determine whether this particular isothermal expansion is 
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W. Go Figure 


If the flow of heat into or out of the system is to be reversible, what must 
be true of ôT? 


Small increment of heat 
transferred to system 
from surroundings 


Small increment of heat 
transferred from system 
to surroundings 


System at lower 


System at higher 
temperature T+ ôT temperature T- 67 


Surroundings Surroundings 
Surroundings at temperature T Surroundings at temperature T 
(a) (b) 


A Figure 19.3 Reversible flow of heat. Heat can flow reversibly between a system and its surroundings 
only if the two have an infinitesimally small difference in temperature ôT. (a) Increasing the temperature 
of the system by ôT causes heat to flow from the hotter system to the colder surroundings. (b) Decreasing 
the temperature of the system by 67 causes heat to flow from the hotter surroundings to the colder system. 


If the partition is removed, 
the gas spontaneously fills 


Surroundings do work on the 
system to move the piston 


the evacuated space. and thus compress the gas. 


Piston Movable partition 
Work — 
Vacuum Gas 
Irreversible expansion of gas Compression 
Work done by system = 0 Work done on system > 0 


A Figure 19.4 An irreversible process. Initially, an ideal gas is confined to the right half of a 
cylinder. When the partition is removed, the gas spontaneously expands to fill the whole cylinder. 
No work is done by the system during this expansion. Using the piston to compress the gas back to 
its original state requires the surroundings to do work on the system. 


reversible or irreversible? Because the gas expands into a vacuum with no external pres- 
sure, it does no P-V work on the surroundings. Thus, for the expansion, w = 0. We can 
use the piston to compress the gas back to its original state, but doing so requires that the 
surroundings do work on the system, meaning that w > 0 for the compression. In other 
words, the path that restores the system to its original state requires a different value of w 
(and, by the first law, a different value of q) than the path by which the system was first 
changed. The fact that the same path cannot be followed to restore the system to its orig- 
inal state indicates that the process is irreversible. 

What might a reversible isothermal expansion of an ideal gas be? This process will 
occur only if initially, when the gas is confined to half the cylinder, the external pressure 
acting on the piston exactly balances the pressure exerted by the gas on the piston. If the 
external pressure is reduced infinitely slowly, the piston will move outward, allowing the 
pressure of the confined gas to readjust to maintain the pressure balance. This infinitely 
slow process in which the external pressure and internal pressure are always in equilib- 
rium is reversible. If we reverse the process and compress the gas in the same infinitely 
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slow manner, we can return the gas to its original volume. The complete cycle of expan- 
sion and compression in this hypothetical process, moreover, is accomplished without 
any net change to the surroundings. 

From these and other examples we learn two important facts: 


e Because real processes can at best only approximate the infinitesimal changes associ- 
ated with reversible processes, all real processes are irreversible. 
e Because spontaneous processes are real processes, all spontaneous processes are irreversible. 


Thus, for any spontaneous change, returning the system to its original condition results 
in a net change in the surroundings. But what kind of change occurs? 

Recall that the first law of thermodynamics states that energy is conserved. In math- 
ematical terms, AE = q + w; that is, the change in internal energy of a system is equal to 
the heat absorbed (or released) by the system plus the work done on (or by) the system. 
If we return a system to its original condition, no net change in energy takes place, but 
there is a change in the nature of the energy. Returning the system to its initial condition 
requires us to do work on the system. Doing work requires a focused, relatively concen- 
trated application of energy. During the process, that focused, concentrated energy gets 
converted to a more diffuse form. Thus, the net change in the surroundings involves the 
nature of the energy—it becomes more dispersed and disordered and therefore less able 
to do work. 

What we observe about energy changes is that energy has a tendency to spread out. Con- 
sider a hot cup of tea. As it cools, energy spreads (or disperses) from the smaller volume of 
the tea into the greater volume of its surroundings. On a molecular level, the random, cha- 
otic motion of particles (thermal motion) transfers energy through molecular collisions 
from the higher temperature (greater average kinetic energy) to lower temperature (lesser 
average kinetic energy) until the tea and its surroundings reach the same temperature. This 
natural tendency for energy to spread from a more concentrated form to a less concentrated 
form renders some of the energy unavailable to do work. Interestingly, a reversible process 
produces the maximum amount of work that can be done by a system on its surroundings. 
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Self-Assessment Exercise 


19.1 Suppose you have a system made up of water only, with the (a) Yes 
container and everything beyond being the surroundings. (b) No 
Consider a process in which the water is first evaporated and 
then condensed back into its original container. Is this two- 
step process necessarily reversible? 


Exercises 


19.2 


19.3 


Which of the following processes are spontaneous: 
(a) the evaporation of water at STP to form water vapor of 
101.3 kPa pressure; (b) separation of a mixture of water and oil 
into two separate phases; (c) the souring of milk; (d) the neu- 
tralization of hydrochloric acid with sodium hydroxide at STP; 
(e) the formation of ice from water at 20 °C and 101.3 kPa? 


(a) Can endothermic chemical reactions be spontaneous? (b) 
Can a process be spontaneous at one temperature and non- 
spontaneous at a different temperature? (c) Water can be de- 
composed to form hydrogen and oxygen, and the hydrogen 
and oxygen can be recombined to form water. Does this mean 
that the processes are thermodynamically reversible? (d) Does 
the amount of work that a system can do on its surroundings 
depend on the path of the process? 


19.4 


19.5 


The normal boiling point of n-octane (CgHjg) is 125 °C. (a) Is 
the condensation of gaseous n-octane to liquid n-octane an 
endothermic or exothermic process? (b) In what temperature 
range is the boiling of n-octane a spontaneous process? (c) In 
what temperature range is it a nonspontaneous process? (d) Is 
there any temperature at which liquid n-octane and gaseous 
n-octane are in equilibrium? Explain. 


Consider what happens when a sample of the explosive TNT 
is detonated under atmospheric pressure. (a) Is the detona- 
tion a reversible process? (b) What is the sign of q for this pro- 
cess? (c) Is w positive, negative, or zero for the process? 
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CHAPTER 19 Chemical Thermodynamics 


19.2 | Entropy and the Second Law 
of Thermodynamics 


Refrigeration has had a massive impact on the transportation, storage, and preservation 
of food. While there are several ways to generate ‘cold, the most common one in modern 
refrigerators uses a vapor-compression cycle. Here a volatile liquid is evaporated by passing 
it through an expansion valve. This is an endothermic process with the heat drawn from 
the surroundings, which are cooled as a consequence. This is connected to the food storage 
compartment of the refrigerator. The gas is then condensed by passing it into a compressor 
with the heat generated by this condensation being removed via a heat exchanger to be 
discharged outside the refrigerator. Effectively, heat is removed from a cold area and added 
to a hot area. This is a nonspontaneous process but may be driven with the input of energy. 
By the end of this section, you should be able to 


e Define entropy and state the second law of thermodynamics. 
e Calculate AS for a phase change. 


In order to apply what we have learned about irreversible processes to predict whether 
an unfamiliar process is spontaneous, we must examine the thermodynamic quantity 
called entropy. 

Entropy is a measure of the tendency for energy to spread or disperse, thereby 
reducing its ability to accomplish work. In a general sense, it reflects the degree of 
randomness or disorder associated with the particles that carry the energy. 

In this section, we consider how entropy changes are related to heat transfer and 
temperature. Our analysis will bring us to a profound statement about entropy changes 
and spontaneity known as the second law of thermodynamics. 


The Relationship between Entropy and Heat 


The entropy, S, of a system is a state function just like internal energy, E, and enthalpy, 
H. As with these other quantities, the value of S is a characteristic of the state of a system. 
Thus, the change in entropy, AS, in a system depends only on the initial and final states 
of the system and not on the path taken from one state to the other: 


AS = Ssinat Z Sinitial [19.1] 


For the special case of an isothermal process, AS is equal to the heat that would be 
transferred if the process were reversible, qey, divided by the absolute temperature at 
which the process occurs: 


=< drev 


T 


AS (constant T) [19.2] 
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Although many possible paths can take the system from one state to another, only one path is 
associated with a reversible process. Thus, the value of q „is uniquely defined for any two 
states of the system. Because S is a state function, we can use Equation 19.2 to calculate AS 
for any isothermal process between states, not just the reversible one. 


AS for Phase Changes 


The melting of a substance at its melting point and the vaporization of a substance at its 
boiling point are isothermal processes. Consider the melting of ice. At 101.3 kPa, ice and 
liquid water are in equilibrium at 0 °C. Imagine melting 1 mol of ice at 0°C, 101.3 kPa to 
form 1 mol of liquid water at 0°C, 101.3 kPa. We can achieve this change by adding heat 
to the system from the surroundings: g = AHfysion, Where AHgusion is the heat of melting. 
Imagine adding the heat infinitely slowly, raising the temperature of the surroundings 
only infinitesimally above 0 °C. When we make the change in this fashion, the process 
is reversible because we can reverse it by infinitely slowly removing the same amount of 
heat, AHgusion, from the system, using immediate surroundings that are infinitesimally 
below 0°C. Thus, qrey = AHfusion for the melting of ice at T = 0°C = 273K. 

The enthalpy of fusion for H2O is AHusion = 6.01 kJ/mol (a positive value because 
melting is an endothermic process). Thus, we can use Equation 19.2 to calculate AStusion 
for melting 1 mol of ice at 273 K: 


(1 mol)(6.01 x 10*J/mot) 
273K 


AF tusi 
AStusion ae — = 


= 22.0J/K 


Notice that (1) we must use the absolute temperature in Equation 19.2, and (2) the units 
for AS, J/K, are energy divided by absolute temperature, as we expect from Equation 19.2. 


= Sample Exercise 19.2 


D Calculating AS for a Phase Change 


Elemental mercury is a silver liquid at room temperature. Its normal freezing point is —38.9°C, and its molar enthalpy of fusion 
is A Hiusin = 2-29 kJ/mol. What is the entropy change of the system when 50.0 g of Hg(/) freezes at the normal freezing point? 


SOLUTION 


Analyze We first recognize that freezing is an exothermic process, 
which means heat is transferred from the system to the surround- 
ings and q < 0. Because freezing is the reverse of melting, the 
enthalpy change that accompanies the freezing of 1 mol of Hg is 
—AHiusion = —2.29 kJ/mol. 


Plan We can use — AHiusion and the atomic weight of Hg to calcu- 
late q for freezing 50.0 g of Hg. Then we use this value of q as qyey in 
Equation 19.2 to determine AS for the system. 


Solve 


For q we have: 571J 


v0.39 gng) imortig)( TK) 


q= (S0.08H8)( x9 05 ong 1motHg/\ 1k 


Before using Equation 19.2, we must first convert the given 


Celsius temperature to kelvins: 38.9°C = (—38.9 + 273.15) K = 234.3K 
. drev =571 J 
We can now calculate AS,,;: ASsys T 2343K 2.44J/K 


Check The entropy change is negative because our rey Value is neg- 
ative, which it must be because heat flows out of the system in this 
exothermic process. 


Comment This procedure can be used to calculate AS for other iso- 
thermal phase changes, such as the vaporization of a liquid at its 
boiling point. 


> Practice Exercise 
Do all exothermic phase changes have a negative value for 
the entropy change of the system? (a) Yes, because the heat 
transferred from the system has a negative sign. (b) Yes, 
because the temperature decreases during the phase transi- 
tion. (c) No, because the entropy change depends on the sign 
of the heat transferred to or from the system. (d) No, because 
the heat transferred to the system has a positive sign. 
(e) More than one of the previous answers is correct. 
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A CLOSER LOOK GSI SAE eC er OSS E NY 


In general, the entropy of any system increases as the system becomes 
more random or more spread out. Thus, we expect the spontaneous 
expansion of a gas to result in an increase in entropy. To see how this 
entropy increase can be calculated, consider the expansion of an ideal 
gas that is initially constrained by a piston, as in the rightmost part 
of Figure 19.4. Imagine that we allow the gas to undergo a reversible 
isothermal expansion by infinitesimally decreasing the external pres- 
sure on the piston. The work done on the surroundings by the revers- 
ible expansion of the system against the piston can be calculated with 
the aid of calculus (we do not show the derivation): 


V2 
Wrey = —nNRT A 
In this equation, n is the number of moles of gas, R is the ideal-gas 
constant, Tis the absolute temperature, V; is the initial volume, and 
V, is the final volume. Notice that if V2 > Vj, as it must be in our 
expansion, then W,ey < 0, meaning that the expanding gas does work 
on the surroundings. 

One characteristic of an ideal gas is that its internal energy 
depends only on temperature, not on pressure. Thus, when an ideal 
gas expands isothermally, AE = 0. Because AE = qey + Wrey = 0, We 
see that qrey = —Wrey = NRT In(V2/V,). Then, using Equation 19.2, 
we can calculate the entropy change in the system: 


v; 
ta DaRi [19.3] 
Vi 


AS, 
sys Gal GA 


Let’s calculate the entropy change for 1.00 L of an ideal gas at 
101.3 kPa, 0°C temperature, expanding to 2.00 L. From the ideal-gas 
equation, we can calculate the number of moles in 1.00 L of an ideal 
gas at 101.3 kPa and 0°C as we did in Chapter 10: 


PV (101.3 kPa) (1.00 £) PAET ER 
n= RT (8.314LkPa/molK)(273K) ~ a 


The gas constant, R, can also be expressed as 8.314J/molK 
(Table 10.2), and this is the value we must use in Equation 19.3 because 
we want our answer to be expressed in terms of J rather than in L kPa. 
Thus, for the expansion of the gas from 1.00 L to 2.00 L, we have 


7 J 
ASsys = (4.46 x 10 2mon(s314 r) 


n220 7 
LOOK 


= 0.26J/K 


In Section 19.3 we will see that this increase in entropy is a measure 
of the increased randomness of the molecules due to the expansion. 
Related Exercises: 19.11, 19.66 


The Second Law of Thermodynamics 


The key idea of the first law of thermodynamics is that energy is conserved in any pro- 
cess. Is entropy also conserved in a spontaneous process in the same way that energy is 
conserved? 

Let’s try to answer this question by calculating the entropy change of a system and 
the entropy change of its surroundings when our system is 1 mol of ice (a piece roughly 
the size of an ice cube) melting in the palm of your hand, which is part of the surround- 
ings. The process is not reversible because the system and surroundings are at different 
temperatures. Nevertheless, because AS is a state function, its value is the same regardless 
of whether the process is reversible or irreversible. Earlier (just before Sample Exercise 19.2) 
we calculated the entropy change of this system: 


Grey (1 miol)(6.01 x 10°J/mol) 
WTCT 273K 


The portion of the surroundings immediately in contact with the ice is your palm, which 


AS 


22.0J/K 


we assume is at body temperature, 37 °C = 310K. We will use this as the temperature of 
the surroundings. The quantity of heat lost by your palm is —6.01 x 10°J/mol, which is 
equal in magnitude to the quantity of heat gained by the ice but has the opposite sign. 
Hence, the entropy change of the surroundings is 


Grey (1 mol)(—6.01 x 10°J/mol) 
T 310K 
We can consider that everything in the universe consists of the system of inter- 
est and its surroundings. Therefore, ASuniv = AS; + ASsur: Thus, the overall entropy 
change of the universe is positive in our example: 


ASuniv = ASgyg + AS = (22.0J/K) + (—19.4J/K) = 2.6J/K 


AScurr 


19.4J/K 


ys 1 
If the temperature of the surroundings were not 310 K but rather some temperature infini- 
tesimally above 273 K, the melting would be reversible instead of irreversible. In that case, 
the entropy change of the surroundings would equal —22.0 J/K and ASuniy would be zero. 
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In general, any irreversible process results in an increase in the entropy of the uni- 
verse, whereas any reversible process results in no change in the entropy of the universe: 


Reversible Process: — ASuniy = ASsys + ASsurr = 0 


Irreversible Process:  ASuniv = ASsys + ASsur > O [19.4] 


These equations summarize the second law of thermodynamics. Because sponta- 
neous processes are irreversible, we can also state the second law this way: 


The entropy of the universe increases for any spontaneous process. 


The second law of thermodynamics tells us the essential character of any sponta- 
neous change—it is always accompanied by an increase in the entropy of the universe. 
We can use this law as a criterion to predict whether or not a given process is sponta- 
neous. Before seeing how this is done, however, we will find it useful to explore entropy 
from a molecular perspective. 

A word on notation before we proceed: Throughout most of the remainder of this chap- 
ter, we will focus on systems rather than surroundings. To simplify the notation, we will usu- 
ally refer to the entropy change of the system as AS rather than explicitly indicating A Ssys- 
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Self-Assessment Exercises 


19.6 Sodium metal reacts with chlorine gas to form sodium 


19.7 AS=1.09 J/mol K for the transition of solid rhombic sulfur 


chloride. This reaction is spontaneous and is accompanied 
by a decrease in the entropy of the system (the sodium 
and chlorine). What can we conclude about the entropy 
change of the surroundings? 


(a) The entropy of the surroundings increases 
(b) The entropy of the surroundings remains the same 


(c) The entropy of the surroundings decreases 


Exercises 


19.8 Indicate whether each statement is true or false. (a) The 


entropy of the universe increases for any spontaneous 
process. (b) The entropy change of the system is equal 
and opposite that of the surroundings for any irreversible 
process. (c) The entropy of the system must increase in 
any spontaneous process. (d) The entropy change for an 
isothermal process depends on both the absolute tem- 
perature and the amount of heat reversibly transferred. 


19.9 The element sodium (Na) melts at 97.8°C, and its molar 


enthalpy of fusion is AHjy; = 2.60 kJ/mol. (a) When mol- 
ten sodium solidifies to Na(s), is AS positive or negative? 
(b) Calculate the value of AS when 50.0 g of Na(l) solidifies 
at 97.8 °C. 


to solid monoclinic sulfur at 95.5 °C. What is the enthalpy 
change, AH, for this transition? 


(a) 11.4 J/mol 
(b) 104 J/mol 
(c) 402 J/mol 


19.10 (a) Does the entropy of the surroundings increase for spon- 


19.11 


taneous processes? (b) In a particular spontaneous process 
the entropy of the system decreases. What can you con- 
clude about the sign and magnitude of AS,,,,,? (c) During 
a certain reversible process, the surroundings undergo an 
entropy change, Assur = —78J/K. What is the entropy 
change of the system for this process? 


(a) What sign for AS do you expect when the pressure on 
0.600 mol of an ideal gas at 350 K is increased isothermally 
from an initial pressure of 76.0 kPa? (b) If the final pres- 
sure on the gas is 121.6 kPa, calculate the entropy change 
for the process. (c) Do you need to specify the temperature 
to calculate the entropy change? 
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CHAPTER 19 Chemical Thermodynamics 


19.3 | The Molecular Interpretation 
of Entropy and the Third Law 
of Thermodynamics 


Imagine a major sporting event, the final of a football match perhaps, and the roar of 
the crowd when the winning goal is kicked. Thousands of individual voices, all slightly 
different, but resulting in a single sound. In our discussion of entropy so far, we have con- 
sidered the macroscopic interpretation of entropy and its relation to the system, the sur- 
roundings and the universe. In this section, we look at the microscopic interpretation of 
entropy—that is what is going on at a molecular level. 

By the end of this section, you should be able to 


e Explain how the entropy of a system is related to the number of possible microstates. 
e Describe the kinds of molecular motion that a molecule can possess. 

e Predict the sign of AS for physical and chemical processes. 

e State the third law of thermodynamics. 


As chemists, we are interested in molecules. What does entropy have to do with them 
and with their transformations? What molecular property does entropy reflect? Ludwig 
Boltzmann (1844-1906) gave another conceptual meaning to the notion of entropy, and 
to understand his contribution, we need to examine the ways in which we can interpret 
entropy at the molecular level. 


Expansion of a Gas at the Molecular Level 


Consider a simple spontaneous process—the expansion of a gas into a vacuum as shown 
in Figure 19.5. Though we now understand that the entropy of the universe increases 
during the expansion, how can we explain the spontaneity of this process at the molec- 
ular level? We can get a sense of what makes this expansion spontaneous by envision- 
ing the gas as a collection of particles in constant motion, as we did in discussing the 
kinetic-molecular theory of gases. When the stopcock in Figure 19.5 is opened, we can 
view the expansion of the gas as the ultimate result of the gas molecules moving ran- 
domly throughout the larger volume. 

Let’s look at this idea more closely by tracking two of the gas molecules as they 
move around. Before the stopcock is opened, both molecules are confined to the left 
flask, as shown in Figure 19.6(a). After the stopcock is opened, the molecules travel 
randomly throughout the entire apparatus. As Figure 19.6(b) shows, there are four 
possible arrangements for the two molecules once both flasks are available to them. 
Because the molecular motion is random, all four arrangements are equally likely. 
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ww” Go Figure 


If flask B were smaller than flask A, would the final pressure after the stopcock is 
opened be greater than, equal to, or less than 50 kPa? 


Closed stopcock 


Gas at Evacuated flask 
100 kPa 0 kPa 


When stopcock opens, 
gas expands to occupy 
both flasks. 


This process is spontaneous 


All gas molecules 
move back into flask A. 


100 kPa 0 kPa 


q ~~ 


This process is not spontaneous 


A Figure 19.5 Expansion of a gas into an evacuated space is a spontaneous process. The reverse 
process—gas molecules initially distributed evenly in two flasks all moving into one flask—is 
not spontaneous. 


Note that now only one arrangement corresponds to the situation before the stopcock 
was opened: both molecules in the left flask. 

Figure 19.6(b) shows that with both flasks available to the molecules, the probability 
of the red molecule being in the left flask is two in four (top right and bottom left arrange- 
ments), and the probability of the blue molecule being in the left flask is the same (top 
left and bottom left arrangements). Because the probability is 2/, = 1/2 that each molecule 
is in the left flask, the probability that both are there is (1⁄2)? = 1/4. If we apply the same 


< Figure 19.6 Possible arrangements of two 
gas molecules in two flasks. (a) Before the 
stopcock is opened, both molecules are 


in the left flask. (b) After the stopcock 


is opened, there are four possible 
arrangements of the two molecules. 
(a) (b) 


The two molecules are colored Four possible arrangements (microstates) 
red and blue to keep track of them. once the stopcock is opened. 
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analysis to three gas molecules, we find that the probability that all three are in the left 
flask at the same time is (1/2)? = 1/s. 

Now let’s consider a mole of gas. The probability that all the molecules are in the 
left flask at the same time is (1/2)‘, where N = 6.02 x 10”. This is a vanishingly small 
number! Thus, there is essentially zero likelihood that all the gas molecules will be in the 
left flask at the same time. This analysis of the microscopic behavior of the gas molecules 
leads to the expected macroscopic behavior: The gas spontaneously expands to fill both 
the left and right flasks, and it does not spontaneously all go back in the left flask. 

This molecular view of gas expansion shows the tendency of the molecules to 
“spread out” among the different arrangements they can take. Before the stopcock is 
opened, there is only one possible arrangement: all molecules in the left flask. When 
the stopcock is opened, the arrangement in which all the molecules are in the left flask 
is but one of an extremely large number of possible arrangements. The most probable 
arrangements by far are those in which there are essentially equal numbers of molecules 
in the two flasks. When the gas spreads throughout the apparatus, any given molecule 
can be in either flask rather than confined to the left flask. We say that with the stopcock 
opened, the arrangement of gas molecules is more dispersed than when the molecules 
are all confined in the left flask. 

We will see that this notion of increasing dispersion helps us understand entropy at 
the molecular level. 


Boltzmann’s Equation and Microstates 


The science of thermodynamics developed as a means of describing the properties of 
matter in our macroscopic world without regard to microscopic structure. In fact, ther- 
modynamics was a well-developed field before the modern view of atomic and molec- 
ular structure was even known. The thermodynamic properties of water, for example, 
addressed the behavior of bulk water (or ice or water vapor) as a substance without con- 
sidering any specific properties of individual H,O molecules. 

To connect the microscopic and macroscopic descriptions of matter, scientists have 
developed the field of statistical thermodynamics, which uses the tools of statistics and 
probability to link the microscopic and macroscopic worlds. Here we show how entropy, 
which is a property of bulk matter, can be connected to the behavior of atoms and mole- 
cules. Because the mathematics of statistical thermodynamics is complex, our discussion 
will be largely conceptual. 

In our discussion of two gas molecules in the two-flask system in Figure 19.6, we saw 
that the number of possible arrangements helped explain why the gas expands. 

Suppose we now consider one mole of an ideal gas in a particular thermodynamic 
state, which we can define by specifying the temperature, T, and volume, V, of the gas. 
What is happening to this gas at the microscopic level, and how does what is going on at 
the microscopic level relate to the entropy of the gas? 

Imagine taking a snapshot of the positions and speeds of all the molecules at a given 
instant. The speed of each molecule relates to its kinetic energy. That particular set of 
6 x 10” positions and kinetic energies of the individual gas molecules is what we call a 
microstate of the system. A microstate is a single possible arrangement of the positions 
and kinetic energies of the molecules when the molecules are in a specific thermody- 
namic state. We could envision continuing to take snapshots of our system to see other 
possible microstates. 

As you no doubt see, there would be such a staggeringly large number of microstates 
that taking individual snapshots of all of them is not feasible. Because we are examining 
such a large number of particles, however, we can use the tools of statistics and probabil- 
ity to determine the total number of microstates for the thermodynamic state. (That is 
where the statistical part of the name Statistical thermodynamics comes in.) Each thermo- 
dynamic state has a characteristic number of microstates associated with it, and we will 
use the symbol W for that number. 

Students sometimes have difficulty distinguishing between the state of a system and 
the microstates associated with the state. 


e A state describes the macroscopic view of the system as characterized, for example, by 
the pressure and temperature of a sample of gas. 
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e A microstate is a particular microscopic arrangement of the 
atoms or molecules of the system that corresponds to the 
given state of the system. 


Each of the snapshots we described is a microstate—the posi- 
tions and kinetic energies of individual gas molecules will 
change from snapshot to snapshot, but each one is a possible 
arrangement of the collection of molecules corresponding 
to a single state. For macroscopically sized systems, such as a 
mole of gas, there is a very large number of microstates for each 
state—that is, Wis generally an extremely large number. 

The connection between the number of microstates of 
a system, W, and the entropy of the system, S, is expressed in 
a beautifully simple equation developed by Boltzmann and 
engraved on his tombstone (Figure 19.7): 


S=kinw [19.5] 


In this equation, k is the Boltzmann constant, 1.38 x 10°77J /K. 
We see from the equation that: 


Entropy is a measure of how many microstates are 
associated with a particular macroscopic state. 


From Equation 19.5, we see that the entropy change 
accompanying any process is 


Wainal 


AS = kIn Wanat — kln Wonitiat = kln [19.6] 


initial 
Any change in the system that leads to an increase in the num- 
ber of microstates (Wyinal > Winitia) leads to a positive value of 
AS: 


A Figure 19.7 Ludwig Boltzmann’s gravestone. Boltzmann's gravestone in 
Vienna is inscribed with his famous relationship between the entropy of 


Entropy increases with the number of microstates of the system. a state, S, and the number of available microstates, W. (In Boltzmann’s 
time, “log” was used to represent the natural logarithm.) 


Let’s consider two modifications to our ideal-gas sample 
and see how the entropy changes in each case. First, suppose we increase the volume 
of the system, which is analogous to allowing the gas to expand isothermally. A greater 
volume means a greater number of positions available to the gas atoms and therefore a 
greater number of microstates. The entropy therefore increases as the volume increases, 
as we saw in the “A Closer Look” box in Section 19.2. 

Second, suppose we keep the volume fixed but increase the temperature. How does 
this change affect the entropy of the system? Recall the distribution of molecular speeds 
presented in Figure 10.12(a). An increase in temperature increases the most probable 
speed of the molecules and also broadens the distribution of speeds. Hence, the mole- 
cules have a greater number of possible kinetic energies, and the number of microstates 
increases. Thus, the entropy of the system increases with increasing temperature. 


Molecular Motions and Energy 


The particles of an ideal gas are idealized points with no volume and no bonds, 
however—points that we visualize as flitting around through space. Any real molecule 
can undergo three kinds of more complex motion. The entire molecule can move in one 
direction, which is the simple motion we visualize for an ideal particle and see in a mac- 
roscopic object, such as a thrown ball. We call such movement translational motion. 
The molecules in a gas have more freedom of translational motion than those in a liquid, 
which have more freedom of translational motion than the molecules of a solid. 

A real molecule can also undergo vibrational motion, in which the atoms in 
the molecule move periodically toward and away from one another, and rotational 
motion, in which the molecule spins about an axis. Figure 19.8 shows the vibrational 
motions and one of the rotational motions possible for the water molecule. These differ- 
ent forms of motion are ways in which a molecule can store energy. 
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YW. Go Figure Describe another possible rotational motion for this molecule. 
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Vibrations L— Rotation —— 


A Figure 19.8 Vibrational and rotational motions in a water molecule. 


The vibrational and rotational motions possible in real molecules lead to 
arrangements that a single atom cannot have. A collection of real molecules there- 
fore has a greater number of possible microstates than does the same number of ide- 
al-gas particles. In general, the number of microstates possible for a system increases with 
an increase in volume, an increase in temperature, or an increase in the number of mole- 
cules because any of these changes increases the possible positions and kinetic energies of 
the molecules making up the system. We will also see that the number of microstates 
increases as the complexity of the molecule increases because there are more vibra- 
tional motions available. 

Chemists have several ways of describing an increase in the number of microstates 
possible for a system and therefore an increase in the entropy for the system. Each way 
seeks to capture a sense of the increased freedom of motion that causes molecules to 
spread out when not restrained by physical barriers or chemical bonds. 

The most common way of describing an increase in entropy is the increase in the 
randomness, ot disorder, of the system. Another way likens an entropy increase to an 
increased dispersion (spreading out) of energy because there is an increase in the number 
of ways the positions and energies of the molecules can be distributed throughout the 
system. Each description (randomness or energy dispersal) is conceptually helpful if 
applied correctly. 


Making Qualitative Predictions about AS 


It is usually not difficult to estimate qualitatively how the entropy of a system changes 
during a simple process. As noted earlier, an increase in either the temperature or the vol- 
ume of a system leads to an increase in the number of microstates, and hence an increase 
in the entropy. One more factor that correlates with number of microstates is the num- 
ber of independently moving particles. 

We can usually make qualitative predictions about entropy changes by focusing on 
these factors. For example, when water vaporizes, the molecules spread out into a larger vol- 
ume. Because they occupy a larger volume, there is an increase in their freedom of motion, 
giving rise to a greater number of possible microstates, and hence an increase in entropy. 

Now consider the phases of water. In ice, hydrogen bonding leads to the rigid 
structure shown in Figure 19.9. Each molecule in the ice is free to vibrate, but its transla- 
tional and rotational motions are much more restricted than in liquid water. Although 
there are hydrogen bonds in liquid water, the molecules can more readily move about 
relative to one another (translation) and tumble around (rotation). During melting, 
therefore, the number of possible microstates increases, and so does the entropy. In 
water vapor, the molecules are essentially independent of one another and have their 
full range of translational, vibrational, and rotational motions. Thus, water vapor has 
an even greater number of possible microstates and therefore a higher entropy than 
liquid water or ice. 

When an ionic solid dissolves in water, a mixture of water and ions replaces the 
pure solid and pure water, as shown for KCl in Figure 19.10. The ions in the solution 
move in a volume that is larger than the volume in which they were able to move in 
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W Go Figure In which phase are water molecules least able to have 
rotational motion? 


Increasing entropy 


Liquid water Water vapor 


Rigid, crystalline structure Increased freedom with respect Molecules spread out, essentially 
; i EPERE to translation independent of one another 
Motion restricted to vibration only 
Free to vibrate and rotate Complete freedom for translation, 


Smallest number of microstates , vibration, and rotation 
Larger number of microstates 


Largest number of microstates 


A Figure 19.9 Entropy and the phases of water. The larger the number of possible microstates, 
the higher the entropy of the system. 


the crystal lattice and so undergo more motion. This increased motion might lead us 
to conclude that the entropy of the system has increased. We have to be careful, how- 
ever, because some of the water molecules have lost some freedom of motion because 
they are now held around the ions as water of hydration. These water molecules are 
in a more ordered state than before because they are now confined to the immediate 
environment of the ions. Therefore, the dissolving of a salt involves both a disordering 
process (the ions become less confined) and an ordering process (some water molecules 
become more confined). The disordering processes are usually dominant, and so the 
overall effect is an increase in the randomness of the system when most salts dissolve 
in water. 

Now, imagine arranging biomolecules into a highly organized biochemical sys- 
tem, such as the nucleosome in the opening figure of section 19.1. We might expect 
that the creation of this well-ordered structure would lead to a decrease in the entropy 
of the system. But this is frequently not the case. Waters of hydration and counteri- 
ons can be expelled from the interface as two large biomolecules interact, and so the A Figure 19.10 Entropy changes when 
entropy of the system can actually increase—if you consider the water and counterions ên ionic solid dissolves in water. The ions 
to be part of the system. become more spread out and disordered, but 

the water molecules that hydrate the ions 

The same ideas apply to chemical reactions. Consider the reaction between nitric become less disordered. 
oxide gas and oxygen gas to form nitrogen dioxide gas: 


2NO(g) + O2(g) — 2 NO2(3) [19.7] 


which results in a decrease in the number of molecules—three molecules of gaseous 
reactants form two molecules of gaseous products (Figure 19.11). The formation of new 
N—O bonds reduces the motions of the atoms in the system. The formation of new 
bonds decreases the number of degrees of freedom, or forms of motion, available to the 
atoms. That is, the atoms are less free to move in random fashion because of the forma- 
tion of new bonds. The decrease in the number of molecules and the resultant decrease 
in motion result in fewer possible microstates and therefore a decrease in the entropy of 
the system. 
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y Go Fi gure l In summary, we generally expect the entropy of a system to increase for processes in 
which 
What major factor leads to a decrease 


: à 1. Gases form from either solids or liquids. 
in entropy as this reaction takes place? 


2. Liquids or solutions form from solids. 


3. The number of gas molecules increases during a chemical reaction. 


The Third Law of Thermodynamics 


If we decrease the thermal energy of a system by lowering the temperature, the energy 
stored in translational, vibrational, and rotational motion decreases. As less energy is 
stored, the entropy of the system decreases because it has fewer and fewer microstates 
available. If we keep lowering the temperature, do we reach a state in which these 
motions are essentially shut down, a point described by a single microstate? This ques- 
tion is addressed by the third law of thermodynamics: 


The entropy of a pure, perfect crystalline substance at absolute zero is zero: S(O K) = 0. 


2 NO(g) + O2(g) 


2 NO,(g) 
Consider a pure, perfect crystalline solid. At absolute zero, the individual atoms or 


molecules in the lattice would be perfectly ordered in position. Because none of them 
would have thermal motion, there is only one possible microstate. As a result, Equa- 
tion 19.5 becomes S$ = kIn W = kln 1 = 0. As the temperature is increased from abso- 
lute zero, the atoms or molecules in the crystal gain energy in the form of vibrational 
motion about their lattice positions. This means that the degrees of freedom and the 
entropy both increase. What happens to the entropy, however, as we continue to heat 
the crystal? We consider this important question in the next section. 


A Figure 19.11 Entropy decreases when NO(g) 
is oxidized by 0(g) to NO2(g). A decrease in 
the number of gaseous molecules leads to a 
decrease in the entropy of the system. 


= Sample Exercise 19.3 
IP Predicting the Sign of AS 


Predict whether AS is positive or negative for each process, assuming each occurs at constant temperature: 
(a) H20(/) —> H20(g) 

(b) Ag*(aq) + Cl-(aq) —> AgCl(s) 

(c) 4 Fe(s) + 30.(g) —> 2 Fe,03(s) 

(d) No(g) + O2(g) — 2 NO(g) 


SOLUTION (c) The e of a solid Gy a a to specific locations and 

i tat h th 
Analyze We are given four reactions and asked to predict the sign have fewer Has to fiiove 4 ya DE csli a dothe fth 
of AS for each. molecules of a gas. Because O; gas is converted into part of the 


solid product Fe,O3, AS is negative. 
Plan We expect AS to be positive if there is an increase in tempera- 
ture, increase in volume, or increase in number of gas particles. 
The question states that the temperature is constant, and so we 
need to concern ourselves only with volume and number of 
particles. 


(d) The number of moles of reactant gases is the same as the 
number of moles of product gases, and so the entropy change 
is expected to be small. The sign of AS is impossible to predict 
based on our discussions thus far, but we can predict that AS 
will be close to zero. 


Solve 
(a) Evaporation involves a large increase in volume as liquid 
changes to gas. One mole of water (18 g) occupies about 18 mL 


as a liquid, and if it could exist as a gas at STP it would occupy > Practice Exercise 


(b) 


22.4 L. Because the molecules are distributed throughout a 
much larger volume in the gaseous state, an increase in mo- 
tional freedom accompanies vaporization and AS is positive. 


In this process, ions, which are free to move throughout 
the volume of the solution, form a solid, in which they are 
confined to a smaller volume and restricted to more highly 
constrained positions. Thus, AS is negative. 


Indicate whether each process produces an increase or 
decrease in the entropy of the system: 

(a) CO2(s) —> CO2(8) 

(b) CaO(s) + CO2(g) —> CaCOs3(s) 

(c) HCl(g) + NH3(g) ——> NH,Cl(s) 

(d) 2SO2(g) + O2(g) — 2S03(8) 
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> Sample Exercise 19.4 
D Predicting Relative Entropies 


SOLUTION 


Analyze We need to select the system in each pair that has the 
greater entropy. 


Plan We examine the state of each system and the complexity of 
the molecules it contains. 


Solve (a) HCl(g) has the higher entropy because the particles in 
gases are more disordered and have more freedom of motion than 
the particles in solids. (b) When these two systems are at the 
same pressure, the sample containing 2 mol of HCl has twice the 
number of molecules as the sample containing 1 mol. Thus, 


CHEMISTRY AND LIFE (OEE seria) 


Any living organism is a complex, highly organized, well-ordered 
system, even at the molecular level like the nucleosome we saw at 
the beginning of section 19.1. Our entropy content is much lower 
than it would be if we were completely decomposed into carbon 
dioxide, water, and several other simple chemicals. Does this mean 
that life is a violation of the second law? No, because the thousands 
of chemical reactions necessary to produce and maintain life have 
caused a large increase in the entropy of the rest of the universe. 
Thus, as the second law requires, the overall entropy change during 
the lifetime of a human, or any other living system, is positive. 
The second law of thermodynamics applies also to the way we 
humans order our surroundings. In addition to being complex liv- 
ing systems ourselves, we are masters of producing order in the world 
around us. We manipulate and order matter at the nanoscale level in 
order to produce the technological breakthroughs that have become 
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In each pair, choose the system that has greater entropy and explain your choice: (a) 1 mol of NaCl(s) or 1 mol of HCI(g) at 25°C, 
(b) 2 mol of HCI(g) or 1 mol of HCI(g) at 25 °C, (c) 1 mol of HCI(g) or 1 mol of Ar(g) at 298 K. 


the 2-mol sample has twice the number of microstates and 

twice the entropy. (c) The HCl system has the higher entropy 
because the number of ways in which an HCI molecule can store 
energy is greater than the number of ways in which an Ar atom can 
store energy. (Molecules can rotate and vibrate; atoms cannot.) 


> Practice Exercise 
Choose the system with the greater entropy in each case: 
(a) 1 mol of H,(g) at STP or 1 mol of SO2(g) at STP, (b) 1 mol 
of N2O,(g) at STP or 2 mol of NO2(g) at STP. 


so commonplace in the twenty-first century. We use tremendous 
quantities of raw materials to produce highly ordered materials. In 
so doing, we expend a great deal of energy to, in essence, “fight” the 
second law of thermodynamics. 

For every bit of order we produce, however, we produce an even 
greater amount of disorder. Petroleum, coal, and natural gas are burned 
to provide the energy necessary for us to achieve highly ordered struc- 
tures, but their combustion increases the entropy of the universe by 
releasing CO2(g), H2O(g), and heat. Thus, even as we strive to create 
more impressive discoveries and greater order in our society, we drive the 
entropy of the universe higher, as the second law says we must. 

We humans are, in effect, using up our storehouse of energy- 
rich materials to create order and advance technology. As noted in 
Chapter 5, we must learn to harness new energy sources, such as solar 
energy and thereby reduce our dependence on nonrenewable sources. 


Self-Assessment Exercises 


19.12 What is the entropy of a system that has only a single 
microstate? 


(a) S=0J/K 

(b) S=1J/K 

(c) S=6.02 x 1073 J/K 

Can an argon atom undergo vibrational motion? 
(a) Yes 

(b) No 


19.13 


19.14 Predict the sign of AS for the oxidation of glucose at con- 
stant temperature: C,H,,O0,(s) + 60,(g) — 6CO,(g) + 
6H,O(g) 


(a) AS>0 
(b) AS<0 


A 


Exercises 


19.15 (a) What is the difference between a state and a microstate 
of a system? (b) As a system goes from state A to state B, its 
entropy decreases. What can you say about the number of 
microstates corresponding to each state? (c) In a particular 


spontaneous process, the number of microstates available 
to the system decreases. What can you conclude about the 
sign of AScurr? 


922 


19.16 


19.17 


19.18 


19.19 
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(a) Using the heat of vaporization in Appendix B, calculate 
the entropy change for the vaporization of water at 25 °C 
and at 100°C. (b) From your knowledge of microstates 
and the structure of liquid water, explain the difference in 
these two values. 


(a) In a chemical reaction, two gases combine to form 
a solid. What do you expect for the sign of AS? (b) How 
does the entropy of the system change in the processes 
described in Exercise 19.2? 


Does the entropy of the system increase, decrease, or stay 
the same when (a) the temperature of the system increases, 
(b) the volume ofa gas increases, (c) equal volumes of etha- 
nol and water are mixed to form a solution? 


Indicate whether each statement is true or false. (a) Unlike 
enthalpy, where we can only ever know changes in H, we 
can know absolute values of S. (b) If you heat a gas such 
as CO, you will increase its degrees of translational, rota- 
tional and vibrational motions. (c) CO2(g) and Ar(g) have 


19.20 


19.21 


nearly the same molar mass. At a given temperature, they 
will have the same number of microstates. 


For each of the following pairs, predict which substance 
possesses the larger entropy per mole: (a) 1 mol of O2(g) 
at 300 °C, 1.013 kPa, or 1 mol of O3(g) at 300°C, 1.013 kPa; 
(b) 1 mol of H2O(g) at 100 °C, 101.3 kPa, or 1 mol of H2O(/) 
at 100 °C, 101.3 kPa; (c) 0.5 mol of N2(g) at 298 K, 20-L vol- 
ume, or 0.5 mol CH,(g) at 298 K, 20-L volume; (d) 100 g 
Na2SO,4(s) at 30°C or 100 g Na2SO4(aq) at 30°C. 


Predict the sign of AS,,, for each of the following pro- 
cesses: (a) Gaseous Hy reacts with liquid palmitoleic acid 
(C16H3002, unsaturated fatty acid) to form liquid palmitic 
acid (C16H320 saturated fatty acid). (b) Liquid palmitic 
acid solidifies at 1 °C to solid palmitic acid. (c) Silver chlo- 
ride precipitates upon mixing AgNO3(aq) and NaCl(aq). 
(d) Gaseous H; dissociates in an electric arc to form gaseous 
H atoms (used in atomic hydrogen welding). 


(e) ZEGE 


AA 


(e) PLGL (a) EL'6L 


SƏS131ƏXJ }UIUSSƏSSY-JJƏŞ 0} SIƏMSUY 


19.4 | Entropy Changes in Chemical 


Reactions 


Some reactions, such as the burning of jet fuel to give gaseous products, have an obvious 
entropy change associated with them, but can we measure entropy changes in all chemi- 
cal reactions? 

By the end of this section, you should be able to 


e Use standard molar entropy values to calculate the entropy change of a chemical 


reaction. 


SECTION 19.4 Entropy Changes in Chemical Reactions 


In Section 5.5, we discussed how calorimetry can be used to measure AH for chemical reac- 
tions. No comparable method exists for measuring AS for a reaction. However, because 
the third law establishes a zero point for entropy, we can use experimental measurements 
to determine the absolute value of the entropy, S. To see schematically how this is done, let’s 
review in greater detail the variation in the entropy of a substance with temperature. 


Temperature Variation of Entropy 


We know that the entropy of a pure, perfect crystalline solid at 0 K is zero and that the 
entropy increases as the temperature of the crystal is increased. Figure 19.12 shows that 
the entropy of the solid increases steadily with increasing temperature up to the melting 
point of the solid. When the solid melts, the atoms or molecules are free to move about 
the entire volume of the sample. The added degrees of freedom increase the random- 
ness of the substance, thereby increasing its entropy. We therefore see a sharp increase 
in the entropy at the melting point. After all the solid has melted, the temperature again 
increases and with it, the entropy. 

At the boiling point of the liquid, another abrupt increase in entropy occurs. We can 
understand this increase as resulting from the increased volume available to the atoms or mol- 
ecules as they enter the gaseous state. When the gas is heated further, the entropy increases 
steadily as more energy is stored in the translational motion of the gas atoms or molecules. 

Another change occurring at higher temperatures is the skewing of molecular speeds 
toward higher values (Figure 10.12(a)). The expansion of the range of speeds leads to 
increased kinetic energy and increased disorder and, hence, increased entropy. The con- 
clusions we reach in examining Figure 10.12 are consistent with what we noted earlier: 
Entropy generally increases with increasing temperature because the increased motional 
energy leads to a greater number of possible microstates. 

Entropy versus temperature graphs such as Figure 19.12 can be obtained by care- 
fully measuring how the heat capacity of a substance varies with temperature, and we 
can use the data to obtain the absolute entropies at different temperatures. (The theory 
and methods used for these measurements and calculations are beyond the scope of 
this text.) Entropies are usually tabulated as molar quantities, in units of joules per mole 
kelvin (J/mol K). 


Standard Molar Entropies 


Molar entropies for substances in their standard states are known as standard molar 
entropies and denoted $°. The standard state for any substance is defined as the pure 


VY Go Figure Why does the plot show vertical jumps at the melting and 
boiling points? 


Entropy, S —> 


Temperature (K) —> 


A Figure 19.12 Entropy increases with increasing temperature. 
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substance at 1 atm pressure. Table 19.1 lists the values of S° for a number of substances at 
298 K; Appendix C gives a more extensive list. 
We can make several observations about the S° values in Table 19.1: 


TABLE 19.1 Standard Molar 
Entropies of Selected 


Substances at 298 K f : f : 
1. Unlike enthalpies of formation, standard molar entropies of elements at the refer- 


Substance S° (J/mol K) ence temperature of 298 K are not zero. 

H2(8) 130.6 2. The standard molar entropies of gases are greater than those of liquids and solids, consis- 
N2(3) 191.5 tent with our interpretation of experimental observations, as represented in Figure 19.12. 
O2(g) 205.0 3. Standard molar entropies generally increase with increasing molar mass. 

H20(8) 188.8 4. Standard molar entropies generally increase with an increasing number of atoms in 
NH;(8) 1925 the formula of a substance. 

CH30H(g) 237.6 Point 4 is related to the molecular motion discussed in Section 19.3. In general, as the 
C6H6(8) 269.2 number of atoms increases, the number of possible microstates also increases. Figure 19.13 
H,O(!) 69.9 compares the standard molar entropies of three hydrocarbons in the gas phase. Notice 
CH3OH(I) 126.8 how the entropy increases as the number of atoms in the molecule increases. 

C6H6(1) 172.8 . : 

Li(s) 29.1 Calculating the Standard Entropy Change for a Reaction 

Na(s) 51.4 The entropy change in a chemical reaction equals the sum of the entropies of the prod- 
K(s) 64.7 ucts minus the sum of the entropies of the reactants: 

Fe(s) 27.23 AS? = S)nS°(products) — >) mS°(reactants) [19.8] 
FeCl3(s) 142.3 


As in Equation 5.31, the coefficients n and m are the coefficients in the balanced chemical 


NaCl(s) 72.3 equation for the reaction. 


Entropy Changes in the Surroundings 


We can use tabulated absolute entropy values to calculate the standard entropy change 
in a system, such as a chemical reaction, as just described. But what about the entropy 
change in the surroundings? We encountered this situation in Section 19.2, but it is good 
to revisit it now that we are examining chemical reactions. 

We should recognize that the surroundings for any system serve essentially as a 
large, constant-temperature heat source (or heat sink if the heat flows from the system 
to the surroundings). The change in entropy of the surroundings depends on how much 
heat is absorbed or given off by the system. 

For an isothermal process, the entropy change of the surroundings is given by 

_ Asurr ~Asys 


ASsurr a T = T 


Because in a constant-pressure process, qsys is simply the enthalpy change for the reaction, 
AH, we can write 
—AH, 


sys 
ASsurr = T 


[at constant P] [19.9] 


YW. UNIT What might you expect for the value of S° for butane, C4H19? 


Methane, CH, Ethane, C,H, Propane, C3Hg 
S° = 186.3 J/mol K S° = 229.6 J/mol K S° = 270.3 J/mol K 


A Figure 19.13 Entropy increases with increasing molecular complexity. 
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\am Sample Exercise 19.5 
D Calculating A S° from Tabulated Entropies 


Calculate the change in the standard entropy of the system, A S°, for the synthesis of ammonia from No(g) and H2(g) at 298 K: 


No(g) + 3 Ho(g) —> 2NH3(g) 


SOLUTION 
Analyze We are asked to calculate the standard entropy change for Plan We can make this calculation using Equation 19.8 and the 
the synthesis of NH3(g) from its constituent elements. standard molar entropy values in Table 19.1 and Appendix C. 
Solve 

Using Equation 19.8, we have: AS = 2 S°(NH3) — [S°(N2) + 3 S°(H2)] 

Substituting the appropriate S° values from Table 19.1 yields: AS = (2 mol)(192.5J/mol K) — [(1 mol)(191.5J/mol K) 

+ (3 mol) (130.6 J/mol K)] 
= —198.3J/K 
Check: The value for AS” is negative, in agreement with our > Practice Exercise 
qualitative prediction based on the decrease in the number of Using the standard molar entropies in Appendix C, calculate 
molecules of gas during the reaction. the standard entropy change, AS’, for the “water-splitting” 
reaction at 298 K: 


2 H20(1) —> 2 H2(g) + O2(8) 


(a) 326.3J/K (b)265.7J/K (c) 163.2J/K (d) 88.5J/K 
(e) —326.3J/K 


For the ammonia synthesis reaction in Sample Exercise 19.5, qsys is the enthalpy 
change for the reaction under standard conditions, AH®, so the changes in entropy 
will be standard entropy changes, AS°. Therefore, using the procedures described in 
Section 5.7, we have 


AH&n = 2 AHf[NH3(g)] — 3 AHf[Ho(g)] — AHFIN:(8)] 
= 2(-46.19 KJ) — 3(0KJ) — (OKJ) = -92.38kJ 


The negative value tells us that at 298 K the formation of ammonia from H,(g) and No(g) 
is exothermic. The surroundings absorb the heat given off by the system, which means an 
increase in the entropy of the surroundings: 


92.38 kJ 


ASsur = 298 K 


= 0.310 kJ/K = 310J/K 
Notice that the magnitude of the entropy gained by the surroundings is greater than that 
lost by the system, calculated as —198.3 J/K in Sample Exercise 19.5. 

The overall entropy change for the reaction is 


ASeniv = AS, + ASSure = —198.3J/K + 310 J/K = 112 J/K 


Because ASj{niy is positive for any spontaneous reaction, this calculation indicates that 
when NH3(g), H2(g), and N2(g) are together at 298 K in their standard states (each at 
101.3 kPa pressure), the reaction moves spontaneously toward formation of NH3(g). 

Keep in mind that while the thermodynamic calculations indicate that formation 
of ammonia is spontaneous, they do not tell us anything about the rate at which ammo- 
nia is formed. Establishing equilibrium in this system within a reasonable period requires 
a catalyst, as discussed in Section 15.5. 
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Self-Assessment Exercise 


19.22 Ifa process (the system) is exothermic, what happens to 


the entropy of the surroundings? 


(a) It always increases 


(b) It always decreases 


(c) It sometimes increases and sometimes decreases, 
depending on the process 


Exercises 


19.23 


19.24 


19.25 


Propanol (C3H7OH) melts at —126.5°C and boils at 
97.4 °C. Sketch how the entropy changes as propanol is 
heated from —150 °C to 150 °C at 101.3 kPa. (Use Figure 
19.12 as a model.) 


In each of the following pairs, which compound would 
you expect to have the higher standard molar entropy: 
(a) C3Hg(g) or C4H10(8), (b) CaHio(/) or C4H10(8). 

Predict which member of each of the following pairs has the 
greater standard entropy at 25°C: (a) C6H6(1) or CeHe(g), 
(b) CO(g) or CO2(g), (c) 1 mol N20,4(8) or 2 mol NO2(g) 
(d) HCl(g) or HCl(aq). Use Appendix C to find the stan- 
dard entropy of each substance. 


19.26 


19.27 


Three of the forms of elemental carbon are graphite, dia- 
mond, and buckminsterfullerene. The entropies at 298 K 
for graphite and diamond are listed in Appendix C. 
(a) Account for the difference in the S° values of graph- 
ite and diamond in light of their structures (Figure 12.29, 
p. 586). (b) What would you expect for the $° value of buck- 
minsterfullerene (Figure 12.48, p. 601) relative to the values 
for graphite and diamond? Explain. 


Calculate AS? values for the following reactions by using 
tabulated S° values from Appendix C. In each case, explain 
the sign of AS”. 


(a) 2CjH4(g) —> C2H6(8) + C2H2(8) 
(b) Si(s) + 2Cl(g) — SiCl,(1) 


(c) PbCO3(s) —> PbO(s) + CO2(8) 
(d) 2 H2S(g) + 3 O2(g) —> 2SOd2(g) + 2 H20(g) 


8S19J9Xq JUBWSSASsy-}|3S 0} SIƏMSUŞY W. 


19.5 | Gibbs Free Energy 


OSIAH WILLARD GIBBS 


THERMODYNAMICIST 


Josiah Willard Gibbs (1839-1902) was the first person to be awarded a PhD in science 
from an American university (Yale 1863). From 1871 until his death, he held the chair of 
mathematical physics at Yale. He developed much of the theoretical foundation that led 
to the development of chemical thermodynamics. 

By the end of this section, you should be able to 


e Perform calculations involving Gibbs free energy 
e Use the Gibbs free energy to predict if a reaction is spontaneous 


We have seen examples of endothermic processes that are spontaneous, such as the disso- 
lution of ammonium nitrate in water. We learned in our discussion of the solution process 
that a spontaneous process that is endothermic must be accompanied by an increase in the 
entropy of the system. However, we have also encountered processes that are spontaneous 
and yet proceed with a decrease in the entropy of the system, such as the highly exothermic 
formation of sodium chloride from its constituent elements. Spontaneous processes that 
result in a decrease in the system’s entropy are always exothermic. Thus, the spontaneity of 
a reaction seems to involve two thermodynamic concepts, enthalpy and entropy. 

How can we use AH and AS to predict whether a given reaction occurring at constant 
temperature and pressure will be spontaneous? The means for doing so was first devel- 
oped by J. Willard Gibbs who proposed a new state function, the Gibbs free energy (or 


just free energy)*, G, and defined as 
G=H-TS [19.10] 


where T is the absolute temperature. For an isothermal process, the change in the free 
energy of the system, AG, is 


AG = AH — TAS [19.11] 
Under standard conditions, this equation becomes 
AG = AH’ — TAS? [19.12] 


To see how the state function G relates to reaction spontaneity, recall that for a reac- 
tion occurring at constant temperature and pressure 


—AH,;ys 
ASuniv = ASsys + Assur = ASsys T r 


where Equation 19.9 substitutes for A Sur. Multiplying both sides by —T gives 


TASuniv = AH;ys TA Ssys [19.13] 


Comparing Equations 19.11 and 19.13, we see that in a process occurring at constant 
temperature and pressure, the free-energy change, AG, is equal to —TASuniy. We know 
that for spontaneous processes, A Suniy is always positive and, therefore, — TAS, pi, is always 
negative. Thus, the sign of AG provides us with extremely valuable information about the 
spontaneity of processes that occur at constant temperature and pressure. If both T and P 
are constant, the relationship between the sign of AG and the spontaneity of a reaction is: 


e If AG < 0, the reaction is spontaneous in the forward direction. 

e If AG = Q0, the reaction is at equilibrium. 

e If AG > 0, the reaction is nonspontaneous in the forward direction (work must be 
done to make it occur) but the reverse reaction is spontaneous. 


It is more convenient to use AG as a criterion for spontaneity than to use ASyniy 
because AG relates to the system alone and avoids the complication of having to examine 
the surroundings. 

An analogy is often drawn between the free-energy change during a spontaneous 
reaction and the potential-energy change when a boulder rolls down a hill (Figure 19.14). 


*Although IUPAC convention now assigns Gibbs energy as the preferred name for Gibbs free en- 
ergy or free energy, all three terms are in common usage. 

In some countries Gibbs free energy G is also called “free enthalpy” (Germany: “freie 
Enthalpie G”; France “enthalpie libre G”) 
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W Go Figure 


Are the processes that move 
a system toward equilibrium 
spontaneous or nonspontaneous? 


Equilibrium 
position in 
valley 


Potential energy —> 


Position 


Reactants 


Equilibrium 
mixture 


Products 


Free energy —> 


Course of reaction 


A Figure 19.14 Potential energy and free 
energy. An analogy is shown between 

the gravitational potential-energy change 
of a boulder rolling down a hill and the 
free-energy change in a spontaneous 
reaction. Free energy always decreases in 
a spontaneous process when pressure and 
temperature are held constant. 
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Go Figure 


Potential energy in a gravitational field “drives” the boulder until it reaches a state of 
minimum potential energy in the valley. Similarly, the free energy of a chemical system 
decreases until it reaches a minimum value. When this minimum is reached, a state of 
equilibrium exists. In any spontaneous process carried out at constant temperature and pres- 
sure, the free energy always decreases. 

To illustrate these ideas, let’s return to the Haber process for the synthesis of ammo- 
nia from nitrogen and hydrogen, which we discussed extensively in Chapter 15: 


N2(8) + 3 Ho(g) == 2 NB; (8) 


Imagine that we have a reaction vessel that allows us to maintain a constant temperature 
and pressure and that we have a catalyst that allows the reaction to proceed at a reason- 
able rate. What happens when we load the vessel with a certain number of moles of N3 
and three times that number of moles of H3? As we saw in Figure 15.3, the N; and H; react 
spontaneously to form NH; until equilibrium is achieved. Similarly, Figure 15.3 shows 
that if we load the vessel with pure NH3, it decomposes spontaneously to Nz and H; until 
equilibrium is reached. In each case, the free energy of the system gets progressively lower 
and lower as the reaction moves toward equilibrium, which represents a minimum in the 
free energy. We illustrate these cases in Figure 19.15. 

This is a good time to remind ourselves of the significance of the reaction quotient, 
Q, for a system that is not at equilibrium. Recall that when Q < K, there is an excess of 


Why are the spontaneous processes shown sometimes said to be 
“downhill” in free energy? 


Pure 


Free energy —> 


N2(g) + 3 Hz(8) == 2 NH3(g) 


x 


Spontaneous 


x 


Spontaneous 


Equilibrium Pure 
mixture NH3 
(Q = K, AG = 0) 


A Figure 19.15 Free energy and approaching equilibrium. In the reaction No(g) + 3 Ho(g) == 2 NH3(g), 
if the reaction mixture has too much Nə and Hp relative to NH3 (left), Q < K and NH3 forms 
spontaneously. If there is more NH3 in the mixture relative to the reactants N and Ho (right), 

Q > K and the NH3 decomposes spontaneously into Nọ and Hp. 
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i> Sample Exercise 19.6 


s Calculating Free-Energy Change from AH’, T, and A S° 
Calculate the standard free-energy change for the formation of NO(g) from No(g) and O2(8g) at 298 K: 


N2(8) + O2(g) —> 2NO(g) 
given that AH? = 180.7 kJ and AS° = 24.7 J/K. Is the reaction spontaneous under these conditions? 


SOLUTION Because AG” is positive, the reaction is not spontaneous under 
Analyze We are asked to calculate AG” for the indicated reaction standard conditions at 228: 

(given AH”, AS°, and T) and to predict whether the reaction is Comment Notice that we converted the units of the TAS° term to kJ 
spontaneous under standard conditions at 298 K. so that they could be added to the AH® term, whose units are kJ. 


Plan To calculate AG°, we use Equation 19.12, AG° = AH’ — TAS’. 
To determine whether the reaction is spontaneous under standard 
conditions, we look at the sign of AG®. 


Solve > Practice Exercise 
AG° = AH? — TAS? Which of these statements is true? (a) All spontaneous 
1kJ reactions have a negative enthalpy change (b) All 
= 180.7 kJ — (298 K)(24.7J/ (2) spontaneous reactions have a positive entropy change 
10°J (c) All spontaneous reactions have a positive free-energy 


change (d) All spontaneous reactions have a negative free- 
energy change (e) All spontaneous reactions have a negative 
= 173.3kJ entropy change 


= 180.7kJ — 7.4kJ 


reactants relative to products, and the reaction proceeds spontaneously in the forward 
direction to reach equilibrium, as noted in Figure 19.15. When Q > K, the reaction pro- 
ceeds spontaneously in the reverse direction. At equilibrium Q = K. 


TABLE 19.2 Conventions Used 
in Establishing Standard Free 


Energies 

Standard Free Energy of Formation State of 
Matter Standard State 

Recall that we defined standard enthalpies of formation, AH;, as the enthalpy change when Solid eae 
a substance is formed from its elements under defined standard conditions. We can define a OLE 
standard free energies of formation, AGP, in a similar way: AGF for a substance is Liquid Pure liquid 
the free-energy change for its formation from its elements under standard conditions. As is Gas 100.0 kPa pressure 
summarized in Table 19.2, standard state means 100.0 kPa for gases, the pure solid for solids, Solution 1 M concentration 
and the pure liquid for liquids. For substances in solution, the standard state is normally a Element AGF = 0 for element 
concentration of 1 M. (In very accurate work it may be necessary to make certain correc- in standard state 


tions, but we need not worry about these.) 

The temperature usually chosen for purposes of tabulating data is 25 °C, but we will 
calculate AG at other temperatures as well. Just as for the standard heats of formation, 
the free energies of elements in their standard states are set to zero. This arbitrary choice 
of a reference point has no effect on the quantity in which we are interested, which is the 
difference in free energy between reactants and products. 

A listing of standard free energies of formation is given in Appendix C. 

Standard free energies of formation are useful in calculating the standard free- 
energy change for chemical processes. The procedure is analogous to the calculation of 
AH’ (Equation 5.31) and AS° (Equation 19.8): 


AG? = S)nAG/(products) — X,mAGf (reactants) [19.14] 


e Perform calculations involving Gibbs free energy 
e Use the Gibbs free energy to predict is a reaction is spontaneous 
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‘a Sample Exercise 19.7 


lt Calculating Standard Free-Energy Change from Free Energies of Formation 


(a) Use data from Appendix C to calculate the standard free energy change for the reaction Py(g) + 6Clo(g) —> 4PCl3(g) at 


298 K. (b) What is A G° for the reverse of this reaction? 


SOLUTION 


Analyze We are asked to calculate the free-energy change for a reac- 
tion and then to determine the free-energy change for the reverse 
reaction. 


Plan We look up the free-energy values for the products and reac- 
tants and use Equation 19.14. We multiply the molar quantities by 
the coefficients in the balanced equation and subtract the total for 
the reactants from that for the products. 
Solve 
(a) Cl,(g) is in its standard state, so AG? is zero for this reactant. 
P,(g), however, is not in its standard state, so AG? is not zero 
for this reactant. From the balanced equation and values from 
Appendix C, we have 
AGixn = 4 AGf[PCla(g)] — AGF[Pa(g)] - 6 AGF[CI(8)] 
= (4mol)(—269.6 kJ/mol) — (1 mol)(24.4kJ/mol) — 0 
= —1102.8 kJ 


That AG” is negative tells us that a mixture of P,(g), Cl2(8), 
and PCl3(g) at 25 °C, each present at a partial pressure of 


= Sample Exercise 19.8 
PF Predicting and Calculating AG° 


101.3 kPa, would react spontaneously in the forward direc- 
tion to form more PCl}. Remember, however, that the value 
of AG tells us nothing about the rate at which the reaction 
occurs. 

(b) When we reverse the reaction, we reverse the roles of the 
reactants and products. Thus, reversing the reaction changes 
the sign of AG in Equation 19.14, just as reversing the reaction 
changes the sign of AH. Hence, using the result from part (a), 
we have 


4PCI;(g) —> P(g) + 6Ch(g) AG? = +1102.8 kJ 


> Practice Exercise 
The following chemical equations describe the same chemi- 
cal reaction. How do the free energies of these two chemical 
equations compare? 
(1) 2H,O(1) = 2H2(g) + O2(s) 
(2) H,O(1) — H2(8) + 1/2 O2(g) 
AVNER = NEB (CH) AGE =BACR OA = Nee 
(d) None of these 


In Section 5.7 we used Hess’s law to calculate AH° for the combustion of propane gas at 298 K: 


C3Ha(g) + 5 02(8) —> 3CO2(g) + 4H20(/) 


AH? = —2220kJ 


(a) Without using data from Appendix C, predict whether A G° for this reaction is more negative or less negative than A H°. 
(b) Use data from Appendix C to calculate AG° for the reaction at 298 K. Is your prediction from part (a) correct? 


SOLUTION 


Analyze In part (a) we must predict the value for AG? relative to 
that for AH” on the basis of the balanced equation for the reac- 
tion. In part (b) we must calculate the value for AG? and compare 
this value with our qualitative prediction. 


Plan The free-energy change incorporates both the change 
in enthalpy and the change in entropy for the reaction 
(Equation 19.11), so under standard conditions 


AG? = AH’? — TAS 


To determine whether AG? is more negative or less negative than 
AH”, we need to determine the sign of the term TAS. Because Tis 
the absolute temperature, 298 K, it is always a positive number. We 
can predict the sign of AS° by looking at the reaction. 


Solve 

(a) The reactants are six molecules of gas, and the products are 
three molecules of gas and four molecules of liquid. Thus, 
the number of molecules of gas has decreased significantly 


during the reaction. By using the general rules discussed in 
Section 19.3, we expect a decrease in the number of gas mol- 
ecules to lead to a decrease in the entropy of the system—the 
products have fewer possible microstates than the reactants. 
We therefore expect AS° and TAS to be negative. Because we 
are subtracting TAS°, which is a negative number, we predict 
that AG? is less negative than AR’. 


(b 


= 


Using Equation 19.14 and values from Appendix C, we have 
AG? = 3 AGF[CO2(g)] + 4 AGF[H20(1)] 
— AG[C3Hs(g)] — 5 AGF[O2(8)] 
= 3mol(—394.4kJ/mol) + 4mol(—237.13 kJ/mol) — 
1 mol(—23.47 kJ/mol) — 5 mol(O kJ/mol) = —2108 kJ 


Notice that we have been careful to use the value of AG? for 
H,O(/). As in calculating AH values, the phases of the reactants 
and products are important. As we predicted, AG” is less negative 
than AH” because of the decrease in entropy during the reaction. 


» Practice Exercise 


If a reaction is exothermic and its entropy change is 
positive, which statement is true? (a) The reaction is 
spontaneous at all temperatures (b) The reaction 


SECTION 19.5 Gibbs Free Energy 931 


is nonspontaneous at all temperatures (c) The reaction is 
spontaneous only at higher temperatures (d) The reaction is 
spontaneous only at lower temperatures 


A CLOSER LOOK WEE “Free” About Free Energy? 


The Gibbs free energy is a remarkable thermodynamic quantity. 
Because so many chemical reactions are carried out under conditions 
of near-constant pressure and temperature, chemists, biochemists, 
and engineers consider the sign and magnitude of AG as exception- 
ally useful tools in the design of chemical and biochemical reactions. 
We will see examples of the usefulness of AG throughout the remain- 
der of this chapter and this text. 

When first learning about AG, two common questions often 
arise: Why is the sign of AG an indicator of the spontaneity of reac- 
tions? And what is “free” about free energy? 

In Section 19.2, we saw that the second law of thermodynamics 
governs the spontaneity of processes. In order to apply the second law 
(Equation 19.4), however, we must determine ASunivy Which is often 
difficult to evaluate. When T and P are constant, however, we can relate 
ASuniv to the changes in entropy and enthalpy of just the system by sub- 
stituting the Equation 19.9 expression for AS,,,; in Equation 19.4: 


— AH. 
ASuniv = ASsys 4 ( = ) 


AS 


sys T ASsurr = 


(constant T, P) 


[19.15] 


Thus, at constant temperature and pressure, the second law becomes 


` Ay. 
Reversible process:  ASuniv = ASyys eg =0 
. AF ys 
Irreversible process: ASuniv = ASsys — -r >0 [19.16] 


(constant T, P) 


Now we can see the relationship between AG,,, (which we call 
simply AG) and the second law. From Equation 19.11 we know that 
AG = AHys — TAS.ys. If we multiply Equations 19.16 by —T and rear- 
range, we reach the following conclusion: 


Reversible process: AG = AHys — T ASsys = 0 
Irreversible process: AG = AH; — T ASsys < 0 [19.17] 


(constant T, P) 


Self-Assessment Exercises 


19.28 For the reaction No2(g) + 3H2(g) == 2NHa(g), AGP 
(NH3(g)) = —16.7 kJ/mol. Calculate the standard free 
energy change for the reaction. 


(a) AG? = -16.7 kJ 
(b) AG? = -33.4 kJ 
(c) AG° = 16.7 KJ 
(d) AG° = 33.4 KJ 


Equations 19.17 allow us to use the sign of AG to conclude whether a 
reaction is spontaneous, nonspontaneous, or at equilibrium. When 
AG < 0, a process is irreversible and, therefore, spontaneous. When 
AG = Q, the process is reversible and, therefore, at equilibrium. If a 
process has AG > 0, then the reverse process will have AG < 0; thus, 
the process as written is nonspontaneous, but its reverse reaction will 
be irreversible and spontaneous. 

The magnitude of AG is also significant. A reaction for which 
AG is large and negative, such as the burning of gasoline, is much 
more capable of doing work on the surroundings than is a reaction 
for which AG is small and negative, such as ice melting at room tem- 
perature. In fact, thermodynamics tells us that the change in free energy 
for a process, AG, equals the maximum useful work that can be done by the 
system on its surroundings in a spontaneous process occurring at constant 
temperature and pressure: 


AG = —Wmax [19.18] 


(Remember our sign convention from Table 5.1: Work done by a sys- 
tem is negative.) In other words, AG gives the theoretical limit to how 
much work can be done by a process. 

The relationship in Equation 19.18 explains why AG is called the 
free energy change—it is the portion of the energy change of a spon- 
taneous reaction that is free to do useful work. The remainder of the 
energy enters the environment as heat. For example, the theoretical 
maximum work obtained for the combustion of petrol is given by 
the value of AG for the combustion reaction. On average, standard 
internal combustion engines are inefficient in utilizing this poten- 
tial work—more than 60% of the potential work is lost (primarily as 
heat) in converting the chemical energy of the petrol to mechanical 
energy to move the vehicle. When other losses are considered— 
idling time, braking, aerodynamic drag, and so forth—only about 
15% of the potential work from the petrol is used to move the car. 
Advances in automobile design—such as hybrid technology, and 
new lightweight materials—have the potential to increase the per- 
centage of useful work obtained from the petrol. 


19.29 Is the reaction shown in Exercise 19.28 spontaneous or 
nonspontaneous in the forward direction? 


(a) Spontaneous 


(b) Nonspontaneous 
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ťa 


Exercises 


19.30 


19.31 


19.32 


(a) For a process that occurs at constant temperature, does 
the change in Gibbs free energy depend on changes in the 
enthalpy and entropy of the system? (b) For a certain pro- 
cess that occurs at constant T and P, the value of AG is pos- 
itive. Is the process spontaneous? (c) If AG for a process is 
large, is the rate at which it occurs fast? 


A certain reaction has AH’ = +20.0kJ and AS°= 
+100.0J/K. (a) Does the reaction lead to an increase or 
decrease in the randomness or disorder of the system? 
(b) Does the reaction lead to an increase or decrease in the 
randomness or disorder of the surroundings? (c) Calculate 
AG*° for the reaction at 298 K. (d) Is the reaction sponta- 
neous at 298 K under standard conditions? 

Use data in Appendix C to calculate AH”, AS°, and AG’ at 
25°C for each of the following reactions. 

(a) 4Cr(s) + 3 O2(8) —> 2 Cr,03(s) 

(b) BaCO3(s) —> BaO(s) + CO2(g) 

(c) 2P(s) + 10HF(g) —> 2PFs(g) + 5H2(8) 

(d) K(s) + O2(g) —> KO2(s) 


19.33 


19.34 


Using data from Appendix C, calculate the change in Gibbs 
free energy for each of the following reactions. In each 
case, indicate whether the reaction is spontaneous at 298 K 
under standard conditions. 


(a) 2 Ag(s) + Cl(g) —> 2 AgCl(s) 

(b) P4Oio(s) + 16 Ho(g) —> 4PH3(g) + 10 H2O(8) 
(c) CHy(g) + 4Fj(g) —> CFy(g) + 4 HF(g) 

(d) 2 H202(1) —> 2 H20(1) + O2(8) 


Sulfur dioxide reacts with strontium oxide as follows: 


SO2(g) + SrO(g) —> SrSO3(s) 


(a) Without using thermochemical data, predict whether 
AG for this reaction is more negative or less negative 
than AH’. (b) If you had only standard enthalpy data for 
this reaction, how would you estimate the value of AG’ at 
298 K, using data from Appendix C on other substances. 


(a) 8z'6Ļ 


y 


(e) 62°6L 
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19.6 | Free Energy and Temperature 


An ice cube melts in the hand, while water in a glass crystallizes when left in a freezer. The 
transition between solid and liquid phases has a spontaneous direction that depends on 
temperature. In this section, we discuss the linkage between free energy and temperature. 
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By the end of this section, you should be able to 
e Predict the effect of temperature on spontaneity given AH and AS. 


Tabulations of AG;, such as those in Appendix C, make it possible to calculate AG? for 
reactions at the standard temperature of 25 °C, but we are often interested in examin- 
ing reactions at other temperatures. To see how AG is affected by temperature, let’s look 
again at Equation 19.11: 
AG = AH — TAS = AH + (—TAS) 
Enthalpy Entropy 
term term 

Notice that the expression for AG as a sum of two contributions, an enthalpy term, AH, 
and an entropy term, — TAS. Because the value of -TAS depends directly on the absolute 
temperature T, AG varies with temperature. We know that the enthalpy term, AH, can 
be either positive or negative and that T is positive at all temperatures other than abso- 
lute zero. The entropy term, —TAS, can also be positive or negative. When AS is positive, 
which means the final state has greater randomness (a greater number of microstates) 
than the initial state, the term —TAS is negative. When AS is negative, —TAS is positive. 

The sign of AG, which tells us whether a process is spontaneous, depends on the 
signs and magnitudes of AH and —TAS. The various combinations of AH and —TAS 
signs are given in Table 19.3. 

Note in Table 19.3 that when AH and —TAS have opposite signs, the sign of AG 
depends on the magnitudes of these two terms. In these instances, temperature is an 
important consideration. Generally, AH and AS change very little with temperature. 
However, the value of T directly affects the magnitude of —TAS. As the temperature 
increases, the magnitude of —TAS increases, and this term becomes relatively more 
important in determining the sign and magnitude of AG. 

As an example, let’s consider once more the melting of ice to liquid water at 101.3 kPa: 


H,O(s) —> H,O(1) AH > 0, AS>0 


This process is endothermic, which means that AH is positive. Because the entropy 
increases during the process, AS is positive, which makes —TAS negative. At tempera- 
tures below 0°C (273 K), the magnitude of AH is greater than that of -TAS. Hence, the 
positive enthalpy term dominates, and AG is positive. This positive value of AG means 
that ice melting is not spontaneous at T < 0 °C, just as our everyday experience tells us; 
rather, the reverse process, the freezing of liquid water into ice, is spontaneous at these 
temperatures. 

What happens at temperatures greater than 0 °C? As T increases, so does the magni- 
tude of -TAS. When T > 0°C, the magnitude of -TAS is greater than the magnitude of 
AH, which means that the -TAS term dominates and AG is negative. The negative value 
of AG tells us that ice melting is spontaneous at T > 0°C. 

At the normal melting point of water, T = 0 °C, the two phases are in equilibrium. 
Recall that AG = 0 at equilibrium; at T = 0°C, AH and —TAS are equal in magnitude 
and opposite in sign, so they cancel and give AG = 0. 

Our discussion of the temperature dependence of AG is also relevant to standard 
free-energy changes. We can calculate the values of AH” and AS° at 298 K from the data 
in Appendix C. If we assume that these values do not change with temperature, we can 
then use Equation 19.12 to estimate AG at temperatures other than 298 K. 


TABLE 19.3 How Signs of AH and AS Affect Reaction Spontaneity 


AH AS -TAS AG = AH- TAS Reaction Characteristics 

= ap = = Spontaneous at all temperatures 

+ = + + Nonspontaneous at all temperatures 

= = F TO Spontaneous at low T; nonspontaneous at high T 
+ + = +or- Spontaneous at high T; nonspontaneous at low T 


Example 

2.03(8) ——> 3 0,(3) 
3 O2(g) —> 203(g) 
H,0(1) — H20(s) 
H20(s) —> H20(/) 
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= Sample Exercise 19.9 


s Determining the Effect of Temperature on Spontaneity 


25°C and at 500°C. 


SOLUTION 


Analyze In part (a) we are asked to predict the direction in which 
AG changes as temperature increases. In part (b) we need to deter- 
mine AG for the reaction at two temperatures. 


Plan We can answer part (a) by determining the sign of AS for 
the reaction and then using that information to analyze 
Equation 19.12. In part (b) we use the given AH® and AS° values 
for the reaction together with Equation 19.12 to calculate AG. 


Solve 


(a) The temperature dependence of AG comes from the entropy 
term in Equation 19.12, AG = AH — TAS. We expect AS for 
this reaction to be negative because the number of molecules 
of gas is smaller in the products. Because AS is negative, -TAS 
is positive and increases with increasing temperature. As a re- 
sult, AG becomes less negative (or more positive) with increas- 
ing temperature. Thus, the driving force for the production of 
NH; becomes smaller with increasing temperature. 


(b 


a 


If we assume that the values for AH” and AS° do not change 
with temperature, we can calculate AG at any temperature by 
using Equation 19.12. At T = 25°C = 298 K, we have 


AG? = —92.38kJ — (298 K)(=198.31/0( o7) 


92.38 kJ + 59.1 kJ = 
At T = 500°C = 773 K, we have 


33.3 kJ 


AG = -92.38 kJ — (773 K)(-19831/K)( 5) 


92.38 kJ + 153 KJ = 61 KJ 


The Haber process for the production of ammonia involves the equilibrium 
No(g) + 3 H2(g) == 2 NHa(g) 


For this reaction, AH® = —92.38kJ and AS° = —198.3 J/K. Assume that A H° and AS° for this reaction do not change with 
temperature. (a) Predict the direction in which AG for the reaction changes with increasing temperature. (b) Calculate AG at 


Notice that we had to convert the units of —-TAS° to kJ in both cal- 
culations so that this term can be added to the AH” term, which 
has units of kJ. 


Comment Increasing the temperature from 298 K to 773 K changes 
AG from —33.3 kJ to +61 kJ. Of course, the result at 773 K assumes 
that AF and AS° do not change with temperature. Although 
these values do change slightly with temperature, the result at 
773 K should be a reasonable approximation. 


The positive increase in AG with increasing T agrees with our 
prediction in part (a). Our result indicates that in a mixture of 
No2(g), Ho(g), and NH3(g), each present at a partial pressure of 
101.3 kPa, the N2(g) and H2(g) react spontaneously at 298 K to 
form more NH;(g). At 773 K, the positive value of AG tells us 
that the reverse reaction is spontaneous. Thus, when the mixture 
of these gases, each at a partial pressure of 101.3 kPa, is heated 

to 773 K, some of the NH;(g) spontaneously decomposes into 


N2(8) and H2(g). 


> Practice Exercise 
What is the temperature above which the Haber ammonia 
process becomes nonspontaneous? 
(a) 25°C (b) 47°C (c)61°C + (d) 193°C (e) 500°C 


Self-Assessment Exercise 


19.35 The normal boiling point of toluene is 110 °C. At 100 °C 
and 101.3 kPa, which term is greater in magnitude for the 
vaporization of toluene, AH, 4) OF TAS, a? 


(a) AH,,, > TAS, 4, 
(b) TAS,,,, > AH, 4, 


Exercises 


19.36 Classify each of the following reactions as one of the four 
possible types summarized in Table 19.3: (i) spontanous at 
all temperatures; (ii) not spontaneous at any temperature; 
(iii) spontaneous at low T but not spontaneous at high T; 
(iv) spontaneous at high T but not spontaneous at low T. 


(a) No(g) + 3Fo(g) —> 2NB;3(g) 
AH” = —249 kJ; AS° = —278 J/K 


(b) N2(8) + 3 Cla(g) —> 2 NCl3(g) 
AH? = 460kJ; AS? = —275 J/K 
(c) NoFy(g) — 2 NE,(g) 
AH? = 85 KJ; AS° = 198J/K 


19.37 A certain constant-pressure reaction is barely nonspon- 
taneous at 45°C. The entropy change for the reaction is 
72 J/K. Estimate AH. 


19.38 


19.39 


19.7 


Reactions in which a substance decomposes by losing CO 
are called decarbonylation reactions. The decarbonylation 
of acetic acid proceeds according to: 


CH,;COOH(1) —> CH;OH(g) + CO(g) 


By using data from Appendix C, calculate the minimum 
temperature at which this process will be spontaneous un- 
der standard conditions. Assume that AH” and AS° do not 
vary with temperature. 

Methanol (CHOH) can be made by the controlled oxida- 
tion of methane: 


CHa(g) + 302(g) — CH3OH(g) 


(a) Use data in Appendix C to calculate AH® and AS° for 
this reaction. (b) Will AG for the reaction increase, de- 


Free Energy and the 
Equilibrium Constant 


P ? P 
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19.40 


crease, or stay unchanged with increasing temperature? 
(c) Calculate AG? at 298 K. Under standard conditions, 
is the reaction spontaneous at this temperature? (d) Is 
there a temperature at which the reaction would be at 
equilibrium under standard conditions and that is low 
enough so that the compounds involved are likely to be 
stable? 


The fuel in high-efficiency natural-gas vehicles consists pri- 
marily of methane (CH4). (a) How much heat is produced 
in burning 1 mol of CH,(g) under standard conditions if 
reactants and products are brought to 298 K and H,O(1) is 
formed? (b) What is the maximum amount of useful work 
that can be accomplished under standard conditions by 
this system? 
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Standard conditions form an excellent datum from which to work, but often we find our- 
selves under conditions that are not standard. 

In Section 19.5 we saw a special relationship between AG and equilibrium: For a sys- 
tem at equilibrium, AG = 0. We have also seen how to use tabulated thermodynamic 
data to calculate values of the standard free energy change, AG’. In this final section, 
we learn two more ways in which we can use free energy to analyze chemical reactions: 
using AG’ to calculate AG under nonstandard conditions and relating the values of AG° 
and K for a reaction. 

By the end of this section, you should be able to: 


e Calculate AG under nonstandard conditions and relate AG° and equilibrium constant. 


Free Energy under Nonstandard Conditions 


The set of standard conditions for which AG® values pertain is given in Table 19.2. Most 
chemical reactions occur under nonstandard conditions. For any chemical process, the 
relationship between the free energy change under standard conditions, AG”, and the 
free-energy change under any other conditions, AG, is given by 


AG = AG? + RTINQ [19.19] 
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= Sample Exercise 19.10 


In this equation R is the ideal gas constant, 8.314J/mol K; Tis the absolute temperature; 
and Qis the reaction quotient for the reaction mixture of interest. Recall that the reaction 
quotient Q is calculated like an equilibrium constant, except that you use the concentra- 
tions at any point of interest in the reaction; if Q = K, then the reaction is at equilibrium. 
Under standard conditions, the concentrations of all the reactants and products are equal 
to 1 M. Thus, under standard conditions Q = 1, In Q = 0, and Equation 19.19 reduces to 
AG = AG under standard conditions, as it should. 

Remember, this does not mean that equilibrium has been established; that occurs 
when AG = 0. 

When the concentrations of reactants and products are nonstandard, we must calcu- 
late Qin order to determine AG. We illustrate how this is done in Sample Exercise 19.11. 
At this stage in our discussion, therefore, it becomes important to note the units used to 
calculate Q when using Equation 19.19. The convention used for standard states is used 
when applying this equation: In determining the value of Q, the concentrations of gases 
are always expressed as partial pressures in atmospheres and solutes are expressed as their 
concentrations in molarities. 


D Relating AG to a Phase Change at Equilibrium 


(a) Write the chemical equation that defines the normal boiling point of liquid tetrachloromethane, CCl,(/). (b) What is the value of 
AG*° for the equilibrium in part (a)? (c) Use data from Appendix C and Equation 19.12 to estimate the normal boiling point of CCl,. 


SOLUTION 

Analyze (a) We must write a chemical equation that describes Plan (a) The chemical equation is the change of state from liquid 
the physical equilibrium between liquid and gaseous CCl, at the to gas. For (b), we need to analyze Equation 19.19 at equilibrium 
normal boiling point. (b) We must determine the value of AG” for (AG = 0), and for (c) we can use Equation 19.12 to calculate T 
CCl,, in equilibrium with its vapor at the normal boiling point. when AG = 0. 


(c) We must estimate the normal boiling point of CCl,, based on 


available thermodynamic data. 


Solve 


(a) The normal boiling point is the temperature at which a pure 
liquid is in equilibrium with its vapor at a pressure of 101.3 kPa: CCl, (/) == CCh(g) P = 101.3 kPa 


(b) At equilibrium, AG = 0. In any normal boiling point equi- 
librium, both liquid and vapor are in their standard state of 
pure liquid and vapor at 101.3 kPa (Table 19.2). Consequently, 
Q = 1,InQ = 0, and AG = AG for this process. We conclude 
that AG? = 0 for the equilibrium representing the normal 
boiling point of any liquid. (We would also find that AG° = 0 
for the equilibria relevant to normal melting points and 


normal sublimation points.) 


(c) Combining Equation 19.12 with the result from part (b), 
we see that the equality at the normal boiling point, Tp, of 


CCl,(/) (or any other pure liquid) is: 


AG’? = AH? — AS = 0 


Solving the equation for Tp, we obtain: 


T, = AH?/AS? 


Strictly speaking, we need the values of AH? and AS° for the 
CCl,(1) /CCl4(g) equilibrium at the normal boiling point 
to do this calculation. However, we can estimate the boiling 


point by using the values of AH? and AS” for the phases of 
CCl, at 298 K, which we obtain from Appendix C and Equa- 


tions 5.31 and 19.8: 


AH? = (1 mol)(—106.7 kJ/mol) — (1 mol)(—139.3 kJ/mol) = +32.6kJ 
AS? = (1 mol) (309.4 J/mol K) — (1 mol) (214.4J/mol K) = +95.0J/K 


As expected, the process is endothermic (AH > 0) and pro- 
duces a gas, thus increasing the entropy (AS > 0). We now 
use these values to estimate T, for CCl4(/): 


Th 
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AH? ( SN 


As° (95.0 J/K a) 343 K= 702C 


Note that we have used the conversion factor between joules 
and kilojoules to make the units of AH® and AS° match. 


Check The experimental normal boiling point of CC14(1) is 

76.5 °C. The small deviation of our estimate from the experimen- 
tal value is due to the assumption that AH° and AS° do not change 
with temperature. 


= Sample Exercise 19.11 


> Practice Exercise 


If the normal boiling point of a liquid is 67 °C, and the 
standard molar entropy change for the boiling process is 
+100J/K, estimate the standard molar enthalpy change for 
the boiling process. 

(a) +6700J (b)—6700J (c)+34,000J (d) —34,000J 


D Calculating the Free-Energy Change under Nonstandard Conditions 


Calculate AG at 298 K for a mixture of 1.00 atm No, 3.00 atm Ho, and 0.500 atm NH3 being used in the Haber process: 


N2(8) + 3H2(g) == 2 NH3(g) 


SOLUTION 


Analyze We are asked to calculate AG under nonstandard 
conditions. 


Plan We can use Equation 19.19 to calculate AG. Doing so 
requires that we calculate the value of the reaction quotient Q 


Solve 
The partial-pressures form of Equation 15.24 gives: 


for the specified partial pressures, for which we use the 

partial pressures form of Equation 15.24 (the equilibrium con- 
stant expression). We then use a table of standard free energies 
of formation to evaluate AG°. 


Pau? (0.500)? 


9.26 x 10° 
Py, Ba? (1.00)(3.00)3 


In Sample Exercise 19.9 we calculated AG? = —33.3 kJ for 
this reaction. We will have to change the units of this quan- 
tity in applying Equation 19.19, however. For the units in 
Equation 19.19 to work out, we will use kJ/mol as our units 
for AG”, where “per mole” means “per mole of the reaction 
as written.” Thus, AG? = —33.3 kJ/mol implies per 1 mol of 
Nb, per 3 mol of Hy, and per 2 mol of NH3. 


We now use Equation 19.19 to calculate AG for these nonstan- 
dard conditions: 


Comment We see that AG becomes more negative as the pressures 
of N2, Hz, and NH; are changed from 1.00 atm (standard condi- 
tions, AG°) to 1.00 atm, 3.00 atm, and 0.500 atm, respectively. The 
larger negative value for AG indicates a larger “driving force” to 
produce NH3. 


We would make the same prediction based on Le Chatelier’s prin- 
ciple. Relative to standard conditions, we have increased the pres- 
sure of a reactant (H2) and decreased the pressure of the product 
(NH3). Le Chatelier’s principle predicts that both changes shift 
the reaction to the product side, thereby forming more NH3. 


AG = AG? + RTINQ 
= (—33.3 kJ/mol) 
+ (8.314J/mol K)(298 K)(1 kJ/1000J) In(9.26 x 107°) 
= (-33.3kJ/mol) + (—11.6 kJ/mol) = —44.9 kJ/mol 


> Practice Exercise 
Which of the following statements is true? (a) The larger 
the Q, the larger the AG”. (b) If Q = 0, the system is at equi- 
librium. (c) If a reaction is spontaneous under standard 
conditions, it is spontaneous under all conditions. (d) The 
free-energy change for a reaction is independent of tempera- 
(aun, (CQ) CO) S Ip ING S AVES, 
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Relationship between AG° and K 


We can now use Equation 19.19 to derive the relationship between AG® and the equi- 
librium constant, K. At equilibrium, AG = 0 and Q = K. Thus, at equilibrium, Equation 
19.19 transforms as follows: 

AG = AG° + RTInQ 
AG? + RTInK 
AG° = —RTInK [19.20] 


Equation 19.20 is a very important one, with broad significance in chemistry. By relating 
K to AG”, we can also relate K to entropy and enthalpy changes for a reaction. 

We can also solve Equation 19.20 for K, to yield an expression that allows us to calcu- 
late K if we know the value of AG°: 


(œ 
Il 


ln K = AG 
-RT 
Kae an ee [19.21] 


As usual, we must be careful in our choice of units. In Equations 19.20 and 19.21 we 
again express AG? in kJ/mol. In the equilibrium expression, we use atmospheres for gas 
pressures, molarities for solutions; and solids, liquids, and solvents do not appear in the 
expression. Thus, the equilibrium constant is K, for gas-phase reactions and K, for reac- 
tions in solution. 

From Equation 19.20 we see that if AG’? is negative, In K must be positive, which 
means K > 1. Therefore, the more negative AG” is, the larger K is. Conversely, if AG? is 
positive, In K is negative, which means K < 1. Finally, if AG° is zero, K = 1. 


h> Sample Exercise 19.12 


D Calculating an Equilibrium Constant from A G° 
The standard free-energy change for the Haber process at 25°C was obtained in Sample Exercise 19.9 for the Haber reaction: 


No(g) + 3 Ho(g) =— 2.NH2(g) AG? = —33.3 kJ/mol = -33,300 J/mol 


Use this value of AG° to calculate the equilibrium constant for the process at 25 °C. 


SOLUTION Remember Thermodynamics can tell us the direction and 
extent of a reaction but tells us nothing about the rate at 


Analyze We areasked to calculate Kiota TeagHon, given AC which it will occur. If a catalyst were found that would permit 


Plan We can use Equation 19.21 to calculate K. the reaction to proceed at a rapid rate at room temperature, 
Solve Remembering to use the absolute temperature for Tin a a Would not peneededito ar oriented sae 
Equation 19.21 and the form of R that matches our units, we have 

K = @ AGYRT = g-(-33,300 J/mol) /(8.314 J/mol K)(298K) — 9134 — 7 x 105 

Comment This is a large equilibrium constant, which indicates 

that the product, NH3, is greatly favored in the equilibrium 

mixture at 25 °C. The equilibrium constants for the Haber > Practice Exercise 

reaction at temperatures in the range 300 °C to 600°C, given in The KS for a very insoluble salt is 4.2 x 10-47 at 298 K. 
Table 15.2, are much smaller than the value at 25 °C. Clearly, What is AG? for the dissolution of the salt in water? 

a low-temperature equilibrium favors the production of (a) —265kJ/mol (b)—-115kJ/mol (c) -2.61kJ/mol 
ammonia more than a high-temperature one. Nevertheless, (d) +115kJ/mol (e) +265 kJ/mol 


the Haber process is carried out at high temperatures because 
the reaction is extremely slow at room temperature. 
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CHEMISTRY AND LIFE PINTA GS ene CaCl sem rem Crees 


Many desirable chemical reactions, including a large number that 
are central to living systems, are nonspontaneous as written. For 
example, consider the extraction of copper metal from the mineral 
chalcocite, which contains Cu,S. The decomposition of Cu,S to its ele- 
ments is nonspontaneous: 


Cu2S(s) —> 2 Cu(s) + S(s) AG? = +86.2 kJ 


Because AG” is very positive, we cannot obtain Cu(s) directly via 
this reaction. Instead, we must find some way to “do work” on the 
reaction to force it to occur as we wish. We can do this by coupling 
the reaction to another one so that the overall reaction is sponta- 
neous. For example, we can envision the S(s) reacting with O2(g) to 
form SO2(g): 


S(s) + O(g) —> SO2(g) A@ = —300.4kJ 


By coupling (adding together) these reactions, we can extract much 
of the copper metal via a spontaneous reaction: 


CuS(s) + Oo(g) —> 2 Cu(s) + SOo(g) 
AG? = (+86.2kJ) + (—300.4kJ) = —214.2 kJ 
In essence, we have used the spontaneous reaction of S(s) with O2(g) 
to provide the free energy needed to extract the copper metal from 
the mineral. 


Biological systems employ the same principle of using spon- 
taneous reactions to drive nonspontaneous ones. Many of the 
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biochemical reactions that are essential for the formation and 
maintenance of highly ordered biological structures are not sponta- 
neous. These necessary reactions are made to occur by coupling them 
with spontaneous reactions that release energy. The metabolism of 
food is the usual source of the free energy needed to do the work of 
maintaining biological systems. For example, complete oxidation of 
the sugar glucose, C6H1206, to CO, and H,O yields substantial free 
energy: 


C6H1206(s) + 6 O2(8) —> 6 CO2(g) + 6 H20(1) 


This energy can be used to drive nonspontaneous reactions in the 
body. However, a means is necessary to transport the energy released 
by glucose metabolism to the reactions that require energy. One way, 
shown in Figure 19.16, involves the interconversion of adenosine tri- 
phosphate (ATP) and adenosine diphosphate (ADP), molecules that 
are related to the building blocks of nucleic acids. The conversion of 
ATP to ADP releases free energy (AG° = —30.5 kJ) that can be used to 
drive other reactions. 

In the human body, the metabolism of glucose occurs via a 
complex series of reactions, most of which release free energy. The 
free energy released during these steps is used in part to reconvert 
lower-energy ADP back to higher-energy ATP. Thus, the ATP-ADP 
interconversions are used to store energy during metabolism 
and to release it as needed to drive nonspontaneous reactions in 
the body. 

Related Exercises: 19.111, 19.112 


AG® = —2880 kJ 
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A Figure 19.16 Schematic representation of free-energy changes during cell metabolism. The oxidation of 
glucose to CO2 and H20 produces free energy that is then used to convert ADP into the more energetic 
ATP. The ATP is then used, as needed, as an energy source to drive nonspontaneous reactions, such as 
the conversion of simple molecules into more complex cell constituents. 


Self-Assessment Exercise 


19.41 A reaction has a large positive value of AG°. In what numer- 
ical range do you expect the value of K to be? 


(a) K> 1 
(b) 0<K<1 
(c) K<<O 
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Exercises 


19.42 Indicate whether AG increases, decreases, or does not 
change when the partial pressure of H; is increased in each 
of the following reactions: 


(a) H2(g) 
(b) Hy(g) + 


NiO(s) > Ni(s) 
S(s) —> H,S(s) 


+ H20(8) 


(©) C(s) + H,O(g) —> CO(g) + H2(8) 

19.43 Consider the reaction CH,(g) + 4Cl,(g) —> CCli(g) + 
4 HCl(g). (a) Using data from Appendix C, calculate AG” at 
298 K. (b) Calculate AG at 298 K if the reaction mixture con- 
sists of 0.500 atm of CH,(g), 0.250 atm of Cl,(g), 0.100 atm 


19.45 Consider the reaction 


PbCO3(s) == PbO(s) + CO2(g) 


Using data in Appendix C, calculate the equilibrium pres- 
sure of CO; in the system at (a) 400°C and (b) 180°C. 


19.46 The K, for methylamine (CH;NH3) at 25°C is given in 
Appendix D. (a) Write the chemical equation for the equi- 
librium that corresponds to Kp. (b) By using the value of 
K,, calculate AG” for the equilibrium in part (a). (c) What is 
the value of AG at equilibrium? (d) What is the value of AG 
when [H+] = 6.7 x 10° M, [CH3NH3"] = 2.4 x 10°°M, 


of CCl4(g) and 0.150 atm of HC1(g). 


19.44 Using data from Appendix C, write the equilibrium- 
constant expression and calculate the value of the equi- 
librium constant and the free-energy change for these 
reactions at 298 K: 


(a) NaHCO3(s) == NaOH(s) + CO2(g) 
(b) 2HBr(g) + Cl(g) == 2 HCI(g) + Bro(g) 
(c) 2SO2(g) + O2(g) == 2S03(g) 


and [CH,NH,] = 0.098 M? 


‘= Sample Integrative Exercise 
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D Putting Concepts Together 


Consider the simple salts NaCl(s) and AgCl(s). We will examine the equilibria in which these salts dissolve in water to form 


aqueous solutions of ions: 


NaCl(s) == Na*(aq) + C (aq) 
AgCl(s) == Ag*(aq) + Cl(aq) 


(a) Calculate the value of AG° at 298 K for each of the preceding reactions. (b) The two values from part (a) are very different. 
Is this difference primarily due to the enthalpy term or the entropy term of the standard free-energy change? (c) Use the values 
of AG® to calculate the K,, values for the two salts at 298 K. (d) Sodium chloride is considered a soluble salt, whereas silver 
chloride is considered insoluble. Are these descriptions consistent with the answers to part (c)? (e) How will A G° for the solution 
process of these salts change with increasing T? What effect should this change have on the solubility of the salts? 


SOLUTION 


(a) We will use Equation 19.14 along with AG? values from Ap- 
pendix C to calculate the AG%in values for each equilibrium. 
(As we did in Section 13.1, we use the subscript “soln” to indi- 
cate that these are thermodynamic quantities for the forma- 
tion of a solution.) We find 


soin(NaCl) = (—261.9 kJ/mol) + (—131.2 kJ/mol) 
— (-384.0 kJ/mol) 
= —9.1 kJ/mol 


AGSoin(AgCl) = (+77.11 kJ/mol) + (—131.2 kJ/mol) 
— (-109.70 kJ/mol) 
= +55.6 kJ/mol 


(b) We can write AG$,), as the sum of an enthalpy term, AH Soin: 


and an entropy term, —TAS$oin: AGSon = AHSon + (—TASSoin)- 
We can calculate the values of AH$oin and ASSoin by using 
Equations 5.31 and 19.8. We can then calculate —TAS $1, at 
T = 298 K. The results are summarized in the following table: 
Salt AH Soin A SSoin TA SSoin 
NaCl = +3.6 kJ/mol +43.2J/mol K —12.9 kJ/mol 
AgCl +65.7kJ/mol +34.3J/molK —10.2 kJ/mol 


The entropy terms for the solution of the two salts are very 
similar. That seems sensible because each solution process 
should lead to a similar increase in randomness as the salt 
dissolves, forming hydrated ions. In contrast, we see a very 
large difference in the enthalpy term for the solution of the 
two salts. The difference in the values of AG§,), is dominated 
by the difference in the values of A H5oin- 


(c) The solubility product, K,,, is the equilibrium constant for the 
solution process. As such, we can relate Ksp directly to AGsoin by 
using Equation 19.21: 


Ksp = 672o /RT 

We can calculate the K,, values in the same way we applied 
Equation 19.21 in Sample Exercise 19.12. We use the A Goin 
values we obtained in part (a), remembering to convert them 


from kJ/mol to J/mol: 
NaCl: Ky = [Na*][C17] = e7(- 9100) /[(8.314)(298)] 
= 37 = 40 
AgCI: Ky = [Ag*][CI-] = e7(+55,600)/[(8.314)(298)] 
= e224 
=1.9x 10" 
The value calculated for the Ksp of AgCI is very close to that 
listed in Appendix D. 
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(d) A soluble salt is one that dissolves appreciably in water. 
The Ksp value for NaCl is greater than 1, indicating that NaCl 
dissolves to a great extent. The K,, value for AgCI is very small, 
indicating that very little dissolves in water. Silver chloride 
should indeed be considered an insoluble salt. 


(e) As we expect, the solution process has a positive value of AS for 
both salts (see the table in part b). As such, the entropy term 
of the free-energy change, —TAS¢oin, is negative. If we assume 
that AH§,), and A Soin do not change much with temperature, 
then an increase in T will serve to make AGṣoin more negative. 
Thus, the driving force for dissolution of the salts will increase 
with increasing T, and we therefore expect the solubility of 
the salts to increase with increasing T. In Figure 13.14, we see 
that the solubility of NaCl (and that of nearly any other salt) 
increases with increasing temperature. 
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Chapter Summary and Key Terms 


SPONTANEOUS PROCESSES (SECTION 19.1) Most reactions and 
chemical processes have an inherent directionality: They are sponta- 
neous in one direction and nonspontaneous in the reverse direction. 
The spontaneity of a process is related to the thermodynamic path 
the system takes from the initial state to the final state. In a revers- 
ible process, both the system and its surroundings can be restored to 
their original state by exactly reversing the change. In an irreversible 
process, the system cannot return to its original state without a per- 
manent change in the surroundings. Any spontaneous process is ir- 
reversible. A process that occurs at a constant temperature is said to 
be isothermal. 


ENTROPY AND THE SECOND LAW OF THERMODYNAMICS (SEC- 
TION 19.2) The spontaneous nature of processes is related to a ther- 
modynamic state function called entropy, denoted S. Fora process that 
occurs at constant temperature, the entropy change of the system is 
given by the heat absorbed by the system along a reversible path, di- 
vided by the temperature: AS = q,.,/T. For any process, the entropy 
change of the universe equals the entropy change of the system plus 
the entropy change of the surroundings: ASuniv = ASsys + ASsurr. The 
way entropy controls the spontaneity of processes is given by the sec- 
ond law of thermodynamics, which states that in an irreversible (spon- 
taneous) process ASuniv > 0. Entropy values are usually expressed in 
units of joules per kelvin, J/K. 


THE MOLECULAR INTERPRETATION OF ENTROPY AND THE 
THIRD LAW OF THERMODYNAMICS (SECTION 19.3) A partic- 
ular combination of motions and locations of the atoms and mol- 
ecules of a system at a particular instant is called a microstate. The 
entropy of a system is a measure of its randomness or disorder. The 
entropy is related to the number of microstates, W, corresponding 
to the state of the system: S = k In W. Molecules can undergo three 
kinds of motion: In translational motion the entire molecule moves in 
space. Molecules can also undergo vibrational motion, in which the 
atoms of the molecule move toward and away from one another in 
periodic fashion, and rotational motion, in which the entire molecule 
spins like a top. The number of available microstates, and therefore 
the entropy, increases with an increase in volume, temperature, or 
motion of molecules because any of these changes increases the pos- 
sible motions and locations of the molecules. As a result, entropy 
generally increases when liquids or solutions are formed from sol- 
ids, gases are formed from either solids or liquids, or the number of 
molecules of gas increases during a chemical reaction. The third law 


of thermodynamics states that the entropy of a pure crystalline solid 
at O K is zero. 


ENTROPY CHANGES IN CHEMICAL REACTIONS (SECTION 19.4) 
The third law allows us to assign entropy values for substances at 
different temperatures. Under standard conditions, the entropy of 
a mole of a substance is called its standard molar entropy, denoted S°. 
From tabulated values of S°, we can calculate the entropy change for 
any process under standard conditions. For an isothermal process, 
the entropy change in the surroundings is equal to —-AH/T. 


GIBBS FREE ENERGY (SECTION 19.5) The Gibbs free energy (or 
just free energy), G, is a thermodynamic state function that com- 
bines the two state functions enthalpy and entropy: G = H — TS. 
For processes that occur at constant temperature, AG = AH — TAS. 
For a process occurring at constant temperature and pressure, the 
sign of AG relates to the spontaneity of the process. When AG is 
negative, the process is spontaneous. When AG is positive, the pro- 
cess is nonspontaneous, but the reverse process is spontaneous. At 
equilibrium the process is reversible and AG is zero. The free energy 
is also a measure of the maximum useful work that can be performed 
by a system in a spontaneous process. The standard free-energy 
change, AG’, for any process can be calculated from tabulations of 
standard free energies of formation, AG;, which are defined in a fash- 
ion analogous to standard enthalpies of formation, AH; The value 
of AG? for a pure element in its standard state is defined to be zero. 


FREE ENERGY, TEMPERATURE, AND THE EQUILIBRIUM CON- 
STANT (SECTIONS 19.6 AND 19.7) The values of AH and AS for 
a chemical process generally do not vary much with temperature. 
Therefore, the dependence of AG with temperature is governed 
mainly by the value of T in the expression AG = AH — TAS. The 
entropy term —TAS has the greater effect on the temperature de- 
pendence of AG and, hence, on the spontaneity of the process. 
For example, a process for which AH > 0 and AS > 0, such as 
the melting of ice, can be nonspontaneous (AG > 0) at low tem- 
peratures and spontaneous (AG < 0) at higher temperatures. Un- 
der nonstandard conditions, AG is related to AG° and the value of 
the reaction quotient, Q: AG = AG? + RTInQ. At equilibrium 
(AG = 0,Q = K), AG° = —RTInK. Thus, the standard free-energy 
change is directly related to the equilibrium constant for the reac- 
tion. This relationship expresses the temperature dependence of 
equilibrium constants. 
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Learning Outcomes after studying this chapter, you should be able to: 


Explain and apply the terms spontaneous process, reversible pro- 
cess, irreversible process, and isothermal process. (Section 19.1) 
Related Exercises: 19.2, 19.3, 19.57, 19.58 


Define entropy and state the second law of thermodynamics. 
(Section 19.2) Related Exercises: 19.8, 19.63 


Calculate AS for a phase change. (Section 19.2) 
Related Exercises: 19.9, 19.64 


Explain how the entropy of a system is related to the number of 
possible microstates. (Section 19.3) Related Exercises: 19.15, 19.69 
Describe the kinds of molecular motion that a molecule can 
possess. (Section 19.3) Related Exercise: 19.72 

Predict the sign of AS for physical and chemical processes. (Sec- 
tion 19.3) Related Exercises: 19.18, 19.21, 19.71, 19.74 


State the third law of thermodynamics. (Section 19.3) 
Related Exercise: 19.72 


Compare the values of standard molar entropies. (Section 19.4) 
Related Exercises: 19.24, 19.25, 19.76, 19.77 


Calculate standard entropy changes for a system from standard 
molar entropies. (Section 19.4) Related Exercises: 19.30, 19.80 


Calculate the Gibbs free energy from the enthalpy change and 
entropy change at a given temperature. (Section 19.5) 
Related Exercises: 19.31, 19.32, 19.81, 19.82 


Use free-energy changes to predict whether reactions are spon- 
taneous. (Section 19.5) Related Exercises: 19.31, 19.81 


Calculate standard free-energy changes using standard free 
energies of formation. (Section 19.5) 
Related Exercises: 19.33, 19.83 


Predict the effect of temperature on spontaneity given AH and 
AS. (Section 19.6) Related Exercises: 19.36, 19.39, 19.85, 19.88 


Calculate AG under nonstandard conditions. (Section 19.7) 
Related Exercises: 19.92, 19.43 


Relate AG’? and equilibrium constant. (Section 19.7) 
Related Exercises: 19.44, 19.45, 19.93, 19.94 


Key Equations 


AS = ca (constant T) [19.2] 
Reversible process:  ASuniv = ASsys + ASsurr = O 

19.4 
Irreversible process: ASuniy = ASsys + ASsurr > O l 
S=kinw [19.5] 
AS = >\nS°(products) — X, mS°(reactants) [19.8] 
iaa E [19.9] 

surr T š 

AG = AH — TAS [19.11] 
AG° = X nAG?(products) — S)mAGF(reactants) [19.14] 
Reversible process: AG = AHys — TASys = 0 [19.17] 
Irreversible process: AG = AHys — TASsys < 0 
AG = —Wpax [19.18] 
AG = AG? + RTINQ [19.19] 
AG? = —RTInK [19.20] 


Relating entropy change to the heat absorbed or released in a 
reversible process 


The second law of thermodynamics 


Relating entropy to the number of microstates 


Calculating the standard entropy change from standard molar 
entropies 


The entropy change of the surroundings for a process at constant 
temperature and pressure 


Calculating the Gibbs free-energy change from enthalpy and en- 


tropy changes at constant temperature 


Calculating the standard free-energy change from standard free 
energies of formation 


Relating the free-energy change to the reversibility of a process at 
constant temperature and pressure 


Relating the free-energy change to the maximum work a system 
can perform 


Calculating the free-energy change under nonstandard 
conditions 


Relating the standard free-energy change and the equilibrium 
constant 
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Exercises 


Visualizing Concepts 


19.47 


19.48 


19.49 


Two different gases occupy the two bulbs shown here. 
Consider the process that occurs when the stopcock is 
opened, assuming the gases behave ideally. (a) Draw the 
final (equilibrium) state. (b) Predict the signs of AH and 
AS for the process. (c) Is the process that occurs when the 
stopcock is opened a reversible one? (d) How does the pro- 
cess affect the entropy of the surroundings? [Sections 19.1 
and 19.2] 


As shown here, one type of computer keyboard cleaner 
contains liquefied 1,1-difluoroethane (Cj,H,F,), which 
is a gas at atmospheric pressure. When the nozzle is 
squeezed, the 1,1-difluoroethane vaporizes out of the 
nozzle at high pressure, blowing dust out of objects. 
(a) Based on your experience, is the vaporization a spon- 
taneous process at room temperature? (b) Defining the 
1,1-difluoroethane as the system, do you expect qsys for 
the process to be positive or negative? (c) Predict whether 
AS is positive or negative for this process. (d) Given your 
answers to (a), (b), and (c), do you think the operation of 
this product depends more on enthalpy or entropy? [Sec- 
tions 19.1 and 19.2] 


Vaporized C,H,F, 
Liquefied C,H4F, 


(a) What are the signs of AS and AH for the process depicted 
here? (b) If energy can flow in and out of the system to 
maintain a constant temperature during the process, what 
can you say about the entropy change of the surroundings 
as a result of this process? [Sections 19.2 and 19.5] 


CH;-CH;—-CH;—-CH;—CH, 


19.50 Predict the signs of AH and AS for this reaction. Explain 
your choice. [Section 19.3] 


19.51 The accompanying diagram shows how entropy varies 


with temperature for a substance that is a gas at the 
highest temperature shown. (a) What processes corre- 
spond to the entropy increases along the vertical lines 
labeled 1 and 2? (b) Why is the entropy change for 2 
larger than that for 1? (c) If this substance is a perfect 
crystal at T = OK, what is the value of S at this tempera- 
ture? [Section 19.3] 


J 


Entropy, S 


Q 


Temperature (K) 


19.52 Isomersaremolecules that have thesame chemical formula 
but different arrangements of atoms, as shown here for 
two isomers of pentane, CsHj. (a) Do you expect a sig- 
nificant difference in the enthalpy of combustion of the 
two isomers? Explain. (b) Which isomer do you expect 
to have the higher standard molar entropy? Explain. 
[Section 19.4] 


n-Pentane 


Neopentane 
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The accompanying diagram shows how AH (red line) and 
TAS (blue line) change with temperature for a hypo- 
thetical reaction. (a) What is the significance of the 
point at 300 K, where AH and TAS are equal? (b) In 
what temperature range is this reaction spontaneous? 
[Section 19.6] 


AH 
TAS 


300 K 
Temperature 


The accompanying diagram shows how AG for a hypothet- 
ical reaction changes as temperature changes. (a) At what 
temperature is the system at equilibrium? (b) In what tem- 
perature range is the reaction spontaneous? (c) Is AH posi- 
tive or negative? (d) Is AS positive or negative? [Sections 19.5 
and 19.6] 


AG 0 


250 K 
Temperature 


Consider a reaction A,(g) + Bo(g) == 2 AB(g), with 
atoms of A shown in red in the diagram and atoms of B 
shown in blue. (a) If K. = 1, which box represents the sys- 
tem at equilibrium? (b) If K. = 1, which box represents the 
system at Q < K,? (c) Rank the boxes in order of increasing 
magnitude of AG for the reaction. [Sections 19.5 and 19.7] 


(1) (2) (3) 


19.56 


The accompanying diagram shows how the free 
energy, G, changes during a hypothetical reaction 
A(g) + B(g) —> C(g). On the left are pure reactants A and 
B, each at 101.3 kPa, and on the right is the pure product, 
C, also at 101.3 kPa. Indicate whether each of the following 
statements is true or false. (a) The minimum of the graph 


corresponds to the equilibrium mixture of reactants and 
products for this reaction. (b) At equilibrium, all of A and B 
have reacted to give pure C. (c) The entropy change for this 
reaction is positive. (d) The “x” on the graph corresponds 
to AG for the reaction. (e) AG for the reaction corresponds 
to the difference between the top left of the curve and the 
bottom of the curve. [Section 19.7] 


| 
KT 
/ 


Progress of reaction 


Spontaneous Processes (Section 19.1) 


19.57 


19.58 


19.59 


19.60 


19.61 


19.62 


Which of the following processes are spontaneous and 
which are nonspontaneous: (a) mixing of water and 
ethanol, (b) dissolution of sugar in a cup of hot coffee, 
(c) formation of oxygen atoms from O, molecules at STP, 
(d) rusting of iron, (e) formation of glucose from CO, and 
H,O at STP? 


Indicate whether each statement is true or false. (a) A reac- 
tion that is spontaneous in one direction will be nonspon- 
taneous in the reverse direction under the same reaction 
conditions. (b) All spontaneous processes are fast. (c) Most 
spontaneous processes are reversible. (d) An isothermal 
process is one in which the system loses no heat. (e) The 
maximum amount of work can be accomplished by an irre- 
versible process rather than a reversible one. 


Consider the melting of ice (solid water) to liquid water at 
a pressure of 101.3 kPa. (a) Is this process endothermic or 
exothermic? (b) In what temperature range is it a sponta- 
neous process? (c) In what temperature range is it a non- 
spontaneous process? (d) At what temperature are the two 
phases in equilibrium? 

Consider the following process: a system changes from 
state 1 (initial state) to state 2 (final state) in such a way that 
its temperature changes from 300 K to 400 K. (a) Is this pro- 
cess isothermal? (b) Does the temperature change depend 
on the particular pathway taken to carry out this change 
of state? (c) Does the change in the internal energy, AE, 
depend on whether the process is reversible or irreversible? 


A system goes from state 1 to state 2 and back to state 1. 
(a) Is AE the same in magnitude for both the forward and 
reverse processes? (b) Without further information, can 
you conclude that the amount of heat transferred to the 
system as it goes from state 1 to state 2 is the same or dif- 
ferent as compared to that upon going from state 2 back 
to state 1? (c) Suppose the changes in state are reversible 
processes. Is the work done by the system upon going from 
state 1 to state 2 the same or different as compared to that 
upon going from state 2 back to state 1? 


Consider a system consisting of an ice cube. (a) Under what 
conditions can the ice cube melt reversibly? (b) If the ice 
cube melts reversibly, is AH zero for the process? 


Entropy and the Second Law of 
Thermodynamics (Section 19.2) 


19.63 


19.64 


19.65 


19.66 


19.67 


Indicate whether each statement is true or false. (a) AS 
depends on whether the process is reversible or irrevers- 
ible. (b) If a system undergoes an irreversible change, the 
entropy of the universe increases. (c) Only if the change in 
entropy of the system is exactly matched by an equal and 
opposite change in the entropy of the surroundings, the 
system undergoes a reversible process. (d) If the entropy 
change of the system is zero, the system undergoes a 
reversible process. 


The normal boiling point of the element mercury (Hg) 
is 356.7°C, and its molar enthalpy of vaporization is 
AHyap = 59.11 kJ/mol. (a) When Hg boils at its nor- 
mal boiling point, does its entropy increase or decrease? 
(b) Calculate the value of AS when 2.00 mol of Hg is 
vaporized at 356.7 °C. 


Indicate whether each statement is true or false. (a) The 
second law of thermodynamics says that entropy can only 
be produced but cannot not be destroyed. (b) In a cer- 
tain process the entropy of the system changes by 1.2J/K 
(increase) and the entropy of the surroundings changes 
by —1.2 J/K (decrease). Thus, this process must be spon- 
taneous. (c) In a certain process the entropy of the system 
changes by 1.3 J/K (increase) and the entropy of the sur- 
roundings changes by —1.2 J/K (decrease). Thus, this pro- 
cess must be reversible. 


(a) What sign for AS do you expect when the volume of 
0.200 mol of an ideal gas at 27 °C is increased isothermally 
from an initial volume of 10.0 L? (b) If the final volume 
is 18.5 L, calculate the entropy change for the process. 
(c) Do you need to specify the temperature to calculate the 
entropy change? 


(a) Use data in Appendix C to estimate the boiling point 
of bromine, Brz. (b) Use a reference source, such as the 
CRC Handbook of Chemistry and Physics, to find the 
experimental boiling point of bromine. 


The Molecular Interpretation of Entropy and the 
Third Law of Thermodynamics (Section 19.3) 


19.68 


19.69 


19.70 


19.71 


19.72 


For the isothermal expansion of a gas into a vacuum, 
AE = 0,q = 0, and w = O. (a) Is this a spontaneous 
process? (b) Explain why no work is done by the system 
during this process. (c) What is the “driving force” for the 
expansion of the gas: enthalpy or entropy? 


Would each of the following changes increase, decrease, 
or have no effect on the number of microstates available 
to a system: (a) increase in temperature, (b) decrease in 
volume, (c) change of state from liquid to gas? 


(a) What do you expect for the sign of AS in a chemical 
reaction in which 3 mol of gaseous reactants are con- 
verted to 2 mol of gaseous products? (b) For which of the 
processes in Exercise 19.57 does the entropy of the system 
increase? 


Does the entropy of the system increase, decrease, or stay 
the same when (a) a solid melts, (b) a gas liquefies, (c) a 
solid sublimes? 


Indicate whether each statement is true or false. (a) The 
third law of thermodynamics says that the entropy of a 
perfect, pure crystal at absolute zero increases with the 
mass of the crystal. (b) “Translational motion” of mole- 
cules refers to their change in spatial location as a func- 
tion of time. (c) “Rotational” and “vibrational” motions 
contribute to the entropy in atomic gases like He and Xe. 


19.73 


19.74 
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(d) The larger the number of atoms in a molecule, the 
more degrees of freedom of rotational and vibrational 
motion it likely has. 

For each of the following pairs, predict which substance 
has the higher entropy per mole at a given temperature: 
(a) In(s) or In(g) (b) O2(g) at 50.7 kPa or O; at 101.3 kPa 
(c) lmolofN2in 22.4 Lor 1 molofN,in 44.8 L. (d) CH3;0H(/) 
or CH30H(s). 

Predict the sign of the entropy change of the system for 
each of the following reactions: 


(a) CO(g) + H2(gs) — C(s) + H20(g) 
(b) 2 On(g) + No(g) — 2 NO,(g) 

(c) NH,4Cl(s) —> HCl(g) + NH3(g) 
(d) 2 C2H4(8) + O2(g) —> 2 C2H4O(g) 


Entropy Changes in Chemical Reactions 
(Section 19.4) 


19.75 


19.76 


19.77 


19.78 


19.79 


(a) Using Figure 19.12 as a model, sketch how the entropy 
of water changes as it is heated from —50°C to 110°C at 
sea level. Show the temperatures at which there are verti- 
cal increases in entropy. (b) Which process has the larger 
entropy change: melting ice or boiling water? Explain. 


Cyclohexane and 1-hexene are isomers that both have the 
formula, CgHj2. Based on the molecular structures shown, 
which of these isomers would you expect to have the 
higher standard molar entropy at 25 °C? 


HyC CH; 


Na 4 
CH, 


Cyclohexane 


HC =CH—CH,—CH)— CH»— CH3 


1-hexene 


Predict which member of each of the following pairs 
has the greater standard entropy at 25 °C: (a) HNO3(g) 
or HNO3(aq), (b) PCl3(/) or PCl3(g), (c) Fe2O3(s) or 
Fe30,(s), (d) Li(s) or Li(g). Use Appendix C to find the stan- 
dard entropy of each substance. 


The standard entropies at 298 K for certain Group 14 elements 
are: C(s, diamond) = 2.43J/mol K, Si(s) = 18.81J/mol K, 
Ge(s) = 31.09J/mol kK, and Sn(s)= 51.818J/molK. All 
but Sn have the same (diamond) structure. How do you 
account for the trend in the S° values? 


Using $° values from Appendix C, calculate AS° values for 
the following reactions. In each case, account for the sign 
of AS’. 


(a) NH,Cl(s) —> NHj(aq) + Cr (aq) 
(b) CH;0H(g) —> CO(g) + 2 H2(8) 

(c) CHa(g) + 2 O2(8) —> CO2(g 
(d) CH4(g) + 2 O2(8) —> CO2(g 


2 H20(g) 
2H20(1) 


) + 
) + 


Gibbs Free Energy (Sections 19.5 and 19.6) 


19.80 


(a) Is the standard free energy change, AG*, always larger 
than AG? (b) For any process that occurs at constant 
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19.82 


19.83 


19.84 


19.85 


19.86 


19.87 


19.88 
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temperature and pressure, what is the significance of 
AG = 0? (c) Fora certain process, AG is large and negative. 
Does this mean that the process necessarily has a low acti- 
vation barrier? 


For a certain chemical reaction, AH° = —40.0kJ and 
AS? = —150.0J/K. (a) Does the reaction lead to an increase 
or decrease in the randomness or disorder of the system? 
(b) Does the reaction lead to an increase or decrease in the 
randomness or disorder of the surroundings? (c) Calculate 
AG* for the reaction at 298 K. (d) Is the reaction sponta- 
neous at 298 K under standard conditions? 


Using data in Appendix C, calculate AH”, AS°, and AG” at 

298 K for each of the following reactions. 

(a) Ti(s) + 2 Clo(g) —> TiCl(/) 

(b) HCl(aq) + NaOH(aq) —> NaCl(aq) + H20(1) 

(©) CEy(g) + 2H,(/) — C(s) + 4 HFCs) 

(d) NazCO3(s) + 2 HNO3(aq) —> 2 NaNOs(aq) + 
CO,(g) + H20(7) 

Using data from Appendix C, calculate AG” for the follow- 

ing reactions. Indicate whether each reaction is sponta- 

neous at 298 K under standard conditions. 

(a) 2Zn(s) + O2(g) —> 2ZnO(s) 

(b) 2 NaBr(s) —> 2 .Na(g) + Bry(g) 

(c) CH3OH(g) + CHa(g) —> C,HsOH(g) + H2(8) 

(d) 2 AgNO3(s) —> Ag20(s) + N20(g) + 2 O2(8) 

Today, most candles are made of paraffin wax. A typical 

component of paraffin wax is the hydrocarbon C3,H64 

which is solid at room temperature. (a) Write a balanced 

equation for the combustion of C3;H¢4(s) to form CO2(g) 

and H,O(g). (b) Without using thermochemical data, pre- 


dict whether AG” for this reaction is more negative or less 
negative than AH’. 


From the values given for AH? and A$’, calculate AG? for 
each of the following reactions at 298 K. If the reaction 
is not spontaneous under standard conditions at 298 K, 
at what temperature (if any) would the reaction become 
spontaneous? 


(a) 2PbS(s) + 3 O2(3) —> 2PbO(s) + 2 S02(8) 
AH? = -844kJ; AS° = -165J/K 

(b) 2 POCI3(g) —> 2 PCla(g) + O2(8) 
AH? = 572kJ; AS’ = 179J/K 


A particular constant pressure reaction is barely sponta- 
neous at 320 K. The enthalpy change for the reaction is 
+15.2 kJ. Estimate AS for the reaction. 


For a particular reaction, AH = 30.0kJ and AS = 90.0J/K. 
Assume that AH and AS do not vary with temperature. 
(a) At what temperature will the reaction have AG = 0? 
(b) If T is increased from that in part (a), will the reaction 
be spontaneous or nonspontaneous? 


Consider the following reaction between oxides of 
nitrogen: 


NO32(g) + N20(g) — 3 NO(g) 
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(a) Use data in Appendix C to predict how AG for the reac- 
tion varies with increasing temperature. (b) Calculate AG 
at 800 K, assuming that AH° and AS° do not change with 
temperature. Under standard conditions is the reaction 
spontaneous at 800 K? (c) Calculate AG at 1000 K. Is the 
reaction spontaneous under standard conditions at this 
temperature? 


(a) Using data in Appendix C, estimate the temperature 
at which the free-energy change for the transformation 
from I,(s) to In(g) is zero. (b) Use a reference source, 
such as Web Elements (www.webelements.com), to 
find the experimental melting and boiling points of Iņ. 
(c) Which of the values in part (b) is closer to the value 
you obtained in part (a)? 

Acetylene gas, C2H2(8), is used in welding. (a) Write a 
balanced equation for the combustion of acetylene gas 
to CO2(g) and H,O(/). (b) How much heat is produced 
in burning 1 mol of C,H, under standard conditions 
if both reactants and products are brought to 298 K? 
(c) What is the maximum amount of useful work that 
can be accomplished under standard conditions by this 
reaction? 


Free Energy and Equilibrium (Section 19.7) 


19.91 


19.92 


19.93 


19.94 


19.95 


Indicate whether AG increases, decreases, or stays the same 
for each of the following reactions as the partial pressure of 
Oz is increased: 

(a) HgO(s) —> Hg(!) + O2(8) 

(b) 2SO2(g) + O2(g) —> 2SO3(g) 

(c) 2NO2(g) —> 2NO(g) + O2(g) 

Consider the reaction 2 NO(g) + O2(g) —> 2 NO,(8). 
(a) Using data from Appendix C, calculate AG’? at 298 K. 


(b) Calculate AG at 298 K if the partial pressures of all gases 
are 33.4 kPa. 


Use data from Appendix C to calculate the equilibrium 


constant, K, and AG? at 298 K for each of the following 
reactions: 


(a) H2(8) + (3) == 2 HI(g) 
(b) C2HsOH(8) == C2Ha(g) + H20(g) 
(c) 3 C2H2(83) == C6H6(8) 


Consider the decomposition of barium carbonate: 
BaCO3(s) =—= BaO(s) + CO,(g) 


Using data from Appendix C, calculate the equilibrium 
pressure of CO, at (a) 298 K and (b) 1100 K. 


The value of K, for nitrous acid (HNO2) at 25 °C is given in 
Appendix D. (a) Write the chemical equation for the equi- 
librium that corresponds to K,. (b) By using the value of K,, 
calculate AG? for the dissociation of nitrous acid in aque- 
ous solution. (c) What is the value of AG at equilibrium? 
(d) What is the value of AG when [H*] = 5.0 x 10°7M, 
[NO7] = 6.0 x 104M, and [HNO] = 0.20 M? 


Additional Exercises 
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(a) Which of the thermodynamic quantities p, H, q, w, and 
G are state functions? (b) Consider a system going from 
state 1 to state 2 in a reversible and an irreversible way. 
Compare q,,., and d;,,.y- (€) Consider a system going from 


state 1 to state 2 in a reversible and an irreversible way. 
Compare Wey and W,,,.,- (d) For a reversible isothermal pro- 
cess, write an expression for AH and an expression for AG 


in terms of g, wand T, pand AV. 
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The crystalline hydrate Cd(NO3)2:4H,O(s) loses water 
when placed in a large, closed, dry vessel at room 
temperature: 


Cd(NO3)9:4H2O(s) —> Cd(NO3)o(s) + 4 H2O0(g) 


This process is spontaneous and AH’ is positive at room tem- 
perature. (a) What is the sign of AS° at room temperature? 
(b) If the hydrated compound is placed in a large, closed ves- 
sel that already contains a large amount of water vapor, does 
AS? change for this reaction at room temperature? 


Indicate whether each of the following statements is true or 
false. If it is false, correct it. (a) The feasibility of manufac- 
turing NH; from N, and H; depends entirely on the value 
of AH for the process No(g) + 3 H2(g) —> 2 NHsa(g). 
(b) The reaction of Na(s) with Cl,(g) to form NaCl(s) is a 
spontaneous process. (c) A spontaneous process can in prin- 
ciple be conducted reversibly. (d) Spontaneous processes in 
general require that work be done to force them to proceed. 
(e) Spontaneous processes are those that are exothermic 
and that lead to a higher degree of order in the system. 


For each of the following processes, indicate whether the 
signs of AS and AH are expected to be positive, negative, or 
about zero. (a) A solid sublimes. (b) The temperature of a 
sample of Co(s) is lowered from 60 °C to 25 °C. (c) Ethanol 
evaporates from a beaker. (d) A diatomic molecule disso- 
ciates into atoms. (e) A piece of charcoal is combusted to 
form CO,(g) and H,0(g). 


The reaction 2 Mg(s) + Oo(g) —> 2MgO(s) is highly 
spontaneous. A classmate calculates the entropy change 
for this reaction and obtains a large negative value for AS°. 
Did your classmate make a mistake in the calculation? 
Explain. 


Consider a system that consists of two standard playing 
dice, with the state of the system defined by the sum of the 
values shown on the top faces. (a) The two arrangements of 
top faces shown here can be viewed as two possible micro- 
states of the system. Explain. (b) To which state does each 
microstate correspond? (c) How many possible states are 
there for the system? (d) Which state or states have the 
highest entropy? Explain. (e) Which state or states have the 
lowest entropy? Explain. (f) Calculate the absolute entropy 
of the two-dice system. 


Ammonium nitrate dissolves spontaneously and endother- 
mally in water at room temperature. What can you deduce 
about the sign of AS for this solution process? 


A standard air conditioner involves a refrigerant that is typ- 
ically now a fluorinated hydrocarbon, such as CH,F. An 
air-conditioner refrigerant has the property that it readily 
vaporizes at atmospheric pressure and is easily compressed 
to its liquid phase under increased pressure. The opera- 
tion of an air conditioner can be thought of as a closed 
system made up of the refrigerant going through the two 
stages shown here (the air circulation is not shown in this 
diagram). 
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Expansion chamber 
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e 


Expansion (low pressure) 


Compression chamber 


Liquid C vpo 
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Compression (high pressure) 


During expansion, the liquid refrigerant is released into an 
expansion chamber at low pressure, where it vaporizes. The 
vapor then undergoes compression at high pressure back to 
its liquid phase in a compression chamber. (a) What is the 
sign of q for the expansion? (b) What is the sign of q for 
the compression? (c) In a central air-conditioning system, 
one chamber is inside the home and the other is outside. 
Which chamber is where, and why? (d) Imagine that a sam- 
ple of liquid refrigerant undergoes expansion followed by 
compression, so that it is back to its original state. Would 
you expect that to be a reversible process? (e) Suppose that a 
house and its exterior are both initially at 31 °C. Some time 
after the air conditioner is turned on, the house is cooled to 
24°C. Is this process spontaneous or nonspontaneous? 


Trouton’s rule states that for many liquids at their normal 
boiling points, the standard molar entropy of vaporization 
is about 88 J/mol K. (a) Estimate the normal boiling point 
of bromine, Brz, by determining AHyap for Brz using data 
from Appendix C. Assume that AH{,) remains constant 
with temperature and that Trouton’s rule holds. (b) Look up 
the normal boiling point of Br, in a chemistry handbook or 
at the WebElements website (www.webelements.com) and 
compare it to your calculation. What are the possible sources 
of error, or incorrect assumptions, in the calculation? 


(a) Write the chemical equations that correspond to AG? 
for CH,(g) and for NaCl(s). (b) For these formation reac- 
tions, compare AG? and AH. (c) In general, under which 
condition is AG? more negative (less positive) than AH? 
(i) When the temperature is high, (ii) when AS is positive, 
(iii) when the reaction is reversible. 

Consider the following three reactions: 

G) Ti(s) + 2Ch(g) — TiCl(g) 

Gi) C2H6(8) + 7 Cl(g) —> 2CCh(g) + 6 HCI(8) 

(iii) BaO(s) + CO2(g) —> BaCOs;(s) 

(a) For each of the reactions, use data in Appendix C to cal- 
culate AH”, AG”, K, and AS° at 25°C. (b) Which of these 
reactions are spontaneous under standard conditions at 
25 °C? (c) For each of the reactions, predict the manner in 
which the change in free energy varies with an increase in 
temperature. 


Using the data in Appendix C and given the pressures 
listed, calculate K, and AG for each of the following 
reactions: 


(a) No(s) + 3 Ho(g) —> 2NH43(g) 
Py, = 263.4 kPa, Py, = 597.8 kPa, Pyu, = 101.3 kPa 
(b) 2 N2H4(3) + 2 NO2(8) —> 3N2(g) + 4 H20(g) 
Pyn, = Bro, = 5.07 kPa, 
Ry, = 50.7 kPa, Pio = 30.4 kPa 
(c) N2H4(3) —> N2(8) + 2 Ha(g) 
Rn, = 101.3 kPa, Ry, = 152.0 kPa, Pa, = 253.3 kPa 
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(a) For each of the following reactions, predict the sign of 
AH” and AS° without doing any calculations. (b) Based on 
your general chemical knowledge, predict which of these 
reactions will have K > 1 at 25°C. (c) In each case, indi- 
cate whether K should increase or decrease with increasing 
temperature. 


(i) 2Fe(s) + Oo(g) =—= 2 FeO(s) 

Gi) Cly(s) —= 2Cl(s) 

Gii) NH4Cl(s) == NH3(g) + HCl(g) 

(iv) CO2(g) + CaO(s) == CaCOs3(s) 

Acetic acid can be manufactured by combining metha- 


nol with carbon monoxide, an example of a carbonylation 
reaction: 


CH;OH(/) + CO(g) —> CH;COOH(I) 


(a) Calculate the equilibrium constant for the reaction at 
25°C. (b) Industrially, this reaction is run at temperatures 
above 25°C. Will an increase in temperature produce an 
increase or decrease in the mole fraction of acetic acid at 
equilibrium? Why are elevated temperatures used? (c) At 
what temperature will this reaction have an equilibrium 
constant equal to 1? (You may assume that AH?’ and AS° are 
temperature independent, and you may ignore any phase 
changes that might occur.) 


The oxidation of glucose (C6H1ı206) in body tissue pro- 
duces CO, and H,O. In contrast, anaerobic decomposi- 
tion, which occurs during fermentation, produces ethanol 
(C2H;OH) and CO. (a) Using data given in Appendix C, 
compare the equilibrium constants for the following 
reactions: 


C6H1206(s) + 6 O2(8) == 6 CO2(g) + 6 H20(1) 


C6H20¢(s) — 2 C2H5OH(1) =F 2 CO2(g) 


(b) Compare the maximum work that can be obtained from 
these processes under standard conditions. 
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The conversion of natural gas, which is mostly methane, 
into products that contain two or more carbon atoms, such 
as ethane (C2H6), is a very important industrial chemical 
process. In principle, methane can be converted into eth- 
ane and hydrogen: 


2 CH4(g) —> CoH6(g) + Ho(g) 


In practice, this reaction is carried out in the presence of 
oxygen: 


2 CH4(8) + 7 O2(g) — CzH¢(g) + H20(g) 


(a) Using the data in Appendix C, calculate K for these re- 
actions at 25°C and 500°C. (b) Is the difference in AG° for 
the two reactions due primarily to the enthalpy term (AH) 
or the entropy term (—TAS)? (c) Explain how the preced- 
ing reactions are an example of driving a nonspontaneous 
reaction, as discussed in the “Chemistry and Life” box in 
Section 19.7. (d) The reaction of CH, and Oz to form C2H6 
and H,O must be carried out carefully to avoid a competing 
reaction. What is the most likely competing reaction? 


Cells use the hydrolysis of adenosine triphosphate (ATP) as 
a source of energy (Figure 19.16). The conversion of ATP to 
ADP has a standard free-energy change of —30.5 kJ/mol. If 
all the free energy from the metabolism of glucose, 


C5H1206(s) + 6 O2(3) —> 6 COa(g) + 6 H20(1) 


goes into the conversion of ADP to ATP, how many moles of 
ATP can be produced for each mole of glucose? 


The potassiumion concentration in blood plasma is about 
5.0 x 10°? M, whereas the concentration in muscle cell 
fluid is much greater (0.15 M). The plasma and intracellular 
fluid are separated by the cell membrane, which we assume 
is permeable only to K*. (a) What is AG for the transfer of 
1 mol of K* from blood plasma to the cellular fluid at body 
temperature 37 °C? (b) What is the minimum amount of 
work that must be used to transfer this K*? 


o ——————————_____.___ 


Integrative Exercises 


19.114 Most liquids follow Trouton’s rule (see Exercise 19.104), 
which states that the molar entropy of vaporization is 
approximately 88 + 5J/mol K. The normal boiling points 
and enthalpies of vaporization of several organic liquids 
are as follows: 

Normal Boiling 
Substance Point (°C) AH yap (KJ/mol) 

Acetone, (CH3)2CO 56.1 2951 

Dimethyl ether, (CH3),0 —24.8 21:5: 

Ethanol, C;H;OH 78.4 38.6 

Octane, CgHjg 125.6 34.4 

Pyridine, C;H;N 115.3 35 
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(a) Calculate ASyvap for each of the liquids. Do all the liquids 
obey Trouton’s rule? (b) With reference to intermolecular 
forces (Section 11.2), can you explain any exceptions to the 
rule? (c) Would you expect water to obey Trouton’s rule? By 
using data in Appendix B, check the accuracy of your con- 
clusion. (d) Chlorobenzene (C,H;Cl) boils at 131.8 °C. Use 
Trouton’s rule to estimate AHyap for this substance. 


In chemical kinetics, the entropy of activation is the entropy 
change for the process in which the reactants reach 
the activated complex. Predict whether the entropy of 
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activation for a bimolecular process is usually positive or 
negative. 


At what temperatures is the following reaction, the 
reduction of magnetite by graphite to elemental iron, 
spontaneous? 


Fe30,4(s) + 2 C(s, graphite) ——> 2 CO2(g) + 3 Fe(s) 


The following processes were all discussed in Chapter 18, 
“Chemistry of the Environment.” Estimate whether the 
entropy of the system increases or decreases during each 
process: (a) photodissociation of O.(g), (b) formation of 
ozone from oxygen molecules and oxygen atoms, (c) dif- 
fusion of CFCs into the stratosphere, (d) desalination of 
water by reverse osmosis. 


An ice cube with a mass of 25 g at —18 °C (typical freezer 
temperature) is dropped into a cup that holds 250 mL of 
hot water, initially at 85°C. What is the final tempera- 
ture in the cup? The density of liquid water is 1.00 g/mL; 
the specific heat capacity of ice is 2.03 J/g °C; the specific 
heat capacity of liquid water is 4.184 J/g K; the enthalpy of 
fusion of water is 6.01 kJ/mol. 


Carbon disulfide (CS2) is a toxic, highly flammable sub- 
stance. The following thermodynamic data are available 
for CS2(1) and CS2(g) at 298 K: 


AHP (kJ/mol) AGP (KJ/mol) 


CS,(1) 89.7 65.3 
CS2(8) 117.4 67.2 


(a) Draw the Lewis structure of the molecule. What do you 
predict for the bond order of the C—S bonds? (b) Use the 
VSEPR method to predict the structure of the CS, mole- 
cule. (c) Liquid CS, burns in O; with a blue flame, forming 
CO,(g) and SO2(g). Write a balanced equation for this reac- 
tion. (d) Using the data in the preceding table and in Appen- 
dix C, calculate AH? and AG” for the reaction in part (c). 
Is the reaction exothermic? Is it spontaneous at 298 K? 
(e) Use the data in the table to calculate AS° at 298 K for 
the vaporization of CS,(/). Is the sign of AS° as you would 
expect for a vaporization? (f) Using data in the table and 
your answer to part (e), estimate the boiling point of CS,(/). 
Do you predict that the substance will be a liquid or a gas at 
298 K and 101.3 kPa? 


19.120 The following data compare the standard enthalpies and 
free energies of formation of some crystalline ionic sub- 
stances and aqueous solutions of the substances: 


Substance AFF? (kJ/mol) AGP (kJ/mol) 
AgNO;(s) -124.4 —33.4 
AgNO;(aq) —101.7 —34.2 
MgSO,(s) —1283.7 ~1169.6 
MgsO,(aq) —1374.8 —1198.4 


Write the formation reaction for AgNO3;(s). Based on 
this reaction, do you expect the entropy of the system to 
increase or decrease upon the formation of AgNO3(s)? 
(b) Use AH? and AG? of AgNO3(s) to determine the 
entropy change upon formation of the substance. Is 
your answer consistent with your reasoning in part (a)? 
(c) Is dissolving AgNO; in water an exothermic or endo- 
thermic process? What about dissolving MgSO, in water? 
(d) For both AgNO; and MgSO,, use the data to calculate 
the entropy change when the solid is dissolved in water. 
(e) Discuss the results from part (d) with reference to 
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material presented in this chapter and in the “A Closer 
Look” box on page 912. 


19.121 Consider the Boudouard reaction: 


2 CO(g) == C(s) + CO2(8) 


Thermodynamic data on these gases are given in Appen- 
dix C. You may assume that AH’ and AS° do not vary with 
temperature. (a) At what temperature will an equilibrium 
mixture of 101.3 kPa total pressure contain 1.00 mol % CO? 
(b) At what temperature will an equilibrium mixture of 
5.07 MPa total pressure contain 1.00 mol % CO? 


19.122 The reaction 
SO2(g) + 2 HpS(g) == 3 S(s) + 2 H,O(s) 


is the basis of a suggested method for removal of SO2 from 
power-plant stack gases. The standard free energy of each 
substance is given in Appendix C. (a) What is the equi- 
librium constant for the reaction at 298 K? (b) In princi- 
ple, is this reaction a feasible method of removing SO,? 
(c) If Ro, = Phs and the vapor pressure of water is 3.33 kPa, 
calculate the equilibrium SO; pressure in the system at 298 K. 
(d) Would you expect the process to be more or less effective 
at higher temperatures? 


19.123 When most elastomeric polymers (e.g., a rubber band) are 
stretched, the molecules become more ordered, as illus- 
trated here: 


> SSS 


Suppose you stretch a rubber band. (a) Do you expect the 
entropy of the system to increase or decrease? (b) If the 
rubber band were stretched isothermally, would heat need 
to be absorbed or emitted to maintain constant tempera- 
ture? (c) Try this experiment: Stretch a rubber band and 
wait a moment. Then place the stretched rubber band on 
your upper lip, and let it return suddenly to its unstretched 
state (remember to keep holding on!). What do you ob- 
serve? Are your observations consistent with your answer 
to part (b)? 


Design an Experiment 


You are measuring the equilibrium constant for a drug candidate 
binding to its DNA target over a series of different temperatures. 
You chose your drug candidate based on computer-aided molecu- 
lar modeling, which indicates that the drug molecule likely would 
make many hydrogen bonds and favorable dipole-dipole interac- 
tions with the DNA site. You perform a set of experiments in buffer 
solution for the drug-DNA complex and generate a table of K’s at dif- 
ferent T’s. (a) Derive an equation that relates equilibrium constant to 
standard enthalpy and entropy changes. (Hint: equilibrium constant, 
enthalpy and entropy are all related to free energy). (b) Show how you 


can graph your K and T data to calculate the standard entropy and 
enthalpy changes for the drug candidate + DNA binding interac- 
tion. (c) You are surprised to learn that the enthalpy change for the 
binding reaction is close to zero, and the entropy change is large and 
positive. Suggest an explanation and design an experiment to test 
it. (Hint: Think about water and ions). (d) You try another drug can- 
didate with the DNA target and find that this drug candidate has a 
large negative enthalpy change upon DNA binding, and the entropy 
change is small and positive. Suggest an explanation, at the molecu- 
lar level, and design an experiment to test your hypothesis. 
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The electricity that powers much of modern society has many favorable characteristics, 
but it has a serious shortcoming: it cannot easily be stored. The electricity that flows into 
power lines is consumed as it is generated, but for many applications, stored electrical 
energy is needed. In such cases, electrical energy is converted into chemical energy, 
which can be stored and is portable, and then converted back to electricity when needed. 

Oxidation-reduction (redox) reactions occur when electrons are transferred from an 
atom that is oxidized to an atom that is reduced. Redox reactions are involved not only 
in the operation of batteries but also in a wide variety of important natural processes, 


SECTION 20.1 Oxidation States and Oxidation—Reduction Reactions 


including the rusting of iron, the browning of foods, and the respiration of animals. 
Electrochemistry is the study of the relationships between electricity and chemical reac- 
tions. It includes the study of both spontaneous and nonspontaneous processes. 

By the end of this section, you should be able to 


e Identify the components of a redox reaction 


We determine whether a given chemical reaction is an oxidation-reduction reac- 
tion by keeping track of the oxidation numbers (oxidation states) of the elements involved 
in the reaction. This procedure identifies whether the oxidation number changes for any 
elements involved in the reaction. For example, consider the net reaction that occurs 
spontaneously when zinc metal is added to a strong acid (Figure 20.1): 


Zn(s) + 2H*(aq) —> Zn?*(aq) + H(g) [20.1] 


Assigning oxidation numbers to all species in the reaction, we have 


Pan 


pe TR 
Zn(s) + 2 H* (aq) —> Zn?* (aq) + H3(8) 


© 


[20.2] 


a ee 


The oxidation numbers below the equation show that the oxidation number of Zn changes 
from 0 to +2, while that of H changes from +1 to 0. Thus, this is an oxidation-reduction 


YW Go Figure Is this reaction exothermic or endothermic? 


Zn(s) +  2HCK(aqg) ————— ZnCl,(aq) 


A Figure 20.1 Oxidation of zinc by hydrochloric acid. 
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reaction. Electrons are transferred from zinc atoms to hydrogen ions; Zn is oxidized and 
H* is reduced. 

In a reaction such as Equation 20.2, a clear transfer of electrons occurs. In some reac- 
tions, however, the oxidation numbers change, but we cannot say that any substance 
literally gains or loses electrons. For example, in the combustion of hydrogen gas, 


2 H»(g) + Oo(g)—> 2 H2O(g) [20.3] 


© © 88 


hydrogen is oxidized from the 0 to the +1 oxidation state and oxygen is reduced from the 
0 to the —2 oxidation state, indicating that Equation 20.3 is an oxidation-reduction reac- 
tion. While keeping track of oxidation states offers a convenient form of “bookkeeping,” 
you should not generally equate the oxidation state of an atom with its actual charge in a 
chemical compound. 

In any redox reaction, both oxidation and reduction must occur. If one substance 
is oxidized, another must be reduced. The substance that oxidizes another substance 
is called either the oxidizing agent or the oxidant. The oxidizing agent acquires 
electrons from the other substance and so is itself reduced. A reducing agent, or 
reductant, is a substance that gives up electrons, thereby causing another substance 
to be reduced. The reducing agent is therefore oxidized in the process. In Equation 20.2, 
H* (aq), the species that is reduced, is the oxidizing agent and Zn(s), the species that is 
oxidized, is the reducing agent. 


a Sample Exercise 20.1 
D Identifying Oxidizing and Reducing Agents 


The nickel-cadmium (nicad) battery uses the following redox reaction to generate electricity: 
Cd(s) + NiOo(s) + 2 H20(/) —> Cd(OH)o(s) + Ni(OH)2(s) 


Identify the substances that are oxidized and reduced, and indicate which is the oxidizing agent and which is the reducing agent. 


SOLUTION 


Analyze We are given a redox equation and asked to identify the 
substance oxidized and the substance reduced and to label the oxi- 
dizing agent and the reducing agent. 


Plan First, we use the rules outlined earlier to assign oxidation 
states, or numbers, to all the atoms and determine which elements 
change oxidation state. Second, we apply the definitions of oxida- 
tion and reduction. 


Solve 
Cd(s) +NiO,(s) +2 H,O(/) —> Cd(OH),(s) + Ni(OH)>(s) 
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The oxidation state of Cd increases from 0 to +2, and that of Ni 
decreases from +4 to +2. Thus, the Cd atom is oxidized (loses 


Self-Assessment Exercise 


20.1 What are the oxidation number of chlorine in the perchlo- 
rate ion, ClO, ? 


(a) -1 
(b) +3 
(c) +7 


electrons) and is the reducing agent. The oxidation state of 
Ni decreases as NiO, is converted into Ni(OH)>. Thus, NiO; is 
reduced (gains electrons) and is the oxidizing agent. 


Comment A common mnemonic for remembering oxidation and 
reduction is “LEO the lion says GER”: losing electrons is oxidation; 
gaining electrons is reduction. 


> Practice Exercise 
What is the reducing agent in the following reaction? 


2 Br (aq) + H2O2(aq) + 2H*(aq) —> Br2(aq) + 2 H20(1) 
(a) Br (aq) (b) H202(aq) (c) H*(aq) (d) Brz(aq) 


side of a reduction half-reaction do the electrons appear? 
(c) What is meant by the term reductant? (d) What is meant 
by the term reducing agent? 


20.3 Indicate whether each of the following statements is true 


or false: 

(a) If something is reduced, it is formally losing electrons. 
(b) Areducing agent gets oxidized as it reacts. 

(c) An oxidizing agent is needed to convert CO into CO3. 


20.4 For each of the following balanced oxidation-reduction 


reactions, (i) identify the oxidation numbers for all the 
elements in the reactants and products and (ii) state the 
total number of electrons transferred in each reaction. 
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20.2 (a) What is meant by the term reduction? (b) On which 


(a) H2(8) + (8) — 2 HF(s) 
(b) 2 Fe**(aq) + H?Oz(aq) + 2 H"(aq) 
—> 2 Fe**(aq) + H20(1) 
(© CHa(g) + 2 O2(g) —> CO2(8) + 2 H20(1) 


20.5 Indicate whether the following balanced equations involve 


oxidation-reduction. If they do, identify the elements that 
undergo changes in oxidation number. 


(a) 2 AgNO3(aq) + CoCl,(aq) —> 2 AgCl(s) + 
Co(NOs)2(4q) 


(b) 2 PbO2(s) —> 2 PbO(s) + O2(g) 
(c) 2H2SO,4(aq) + 2 NaBr(s) > Bro(1) + SOo(g) + 
Na2SO,4(aq) + 2 H20(1) 


20.2 | Balancing Redox Equations 


Oxygen 


Mercuric oxide Mercury 


=> BAS + 
p 


Law of Conservation of Mass 


Whenever we balance a chemical equation, we must obey the law of conservation of 
mass: The amount of each element must be the same on both sides of the equation. 
(Atoms are neither created nor destroyed in any chemical reaction.) As we balance 
oxidation-reduction reactions, there is an additional requirement: The gains and losses 
of electrons must be balanced. If a substance loses a certain number of electrons during 
a reaction, another substance must gain that same number of electrons. (Electrons are 
neither created nor destroyed in any chemical reaction.) 

In many simple chemical equations, such as Equation 20.2, balancing the elec- 
trons is handled “automatically”—that is, we balance the equation without explicitly 
accounting for the transfer of electrons. Many redox equations are more complex than 
Equation 20.2, however, and cannot be balanced easily without taking into account 
the number of electrons lost and gained. In this section, we examine the method of 
half-reactions, a systematic procedure for balancing redox equations. 

By the end of this section, you should be able to 


e Balance redox equations 
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(a) 


(b) 


(c) 


(d) 
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“Other” atoms 


| 
| 
| 


e 


Balance atoms 
other than H, O 


Balance O 
by adding H,O 


Balance H 
by adding Ht 


Balance electrons 


Half-Reactions 


Although oxidation and reduction must take place simultaneously, it is often convenient 
to consider them as separate processes. For example, the oxidation of Sn?” by Fe*", 


Sn?” (aq) + 2 Fe**(aq) —— Sn**(aq) + 2 Fe?*(aq) 
can be considered as consisting of two processes: oxidation of Sn?” and reduction of Fe*": 
Oxidation: Sn**(aq) —> Sn**(aq) + 2 e7 [20.4] 
Reduction: 2 ¥e**(aq) + 2e —— 2 Fe?*(aq) [20.5] 


Notice that electrons are shown as products in the oxidation process and as reactants in 
the reduction process. 

Equations that show either oxidation or reduction alone, such as Equations 20.4 
and 20.5, are called half-reactions. In the overall redox reaction, the number of elec- 
trons lost in the oxidation half-reaction must equal the number of electrons gained in 
the reduction half-reaction. When this condition is met and each half-reaction is bal- 
anced, the electrons on the two sides cancel when the two half-reactions are added to 
give the balanced oxidation-reduction equation. 


Balancing Equations by the Method of Half-Reactions 


In the half-reaction method, we usually begin with a “skeleton” ionic equation show- 
ing only the substances undergoing oxidation and reduction. In such cases, we assign 
oxidation numbers only when we are unsure whether the reaction involves oxidation- 
reduction. We will find that H* (for acidic solutions), OH™ (for basic solutions), and H,O 
are often involved as reactants or products in redox reactions. Unless Ht, OH, or H20 is 
being oxidized or reduced, these species do not appear in the skeleton equation. Their 
presence, however, can be deduced as we balance the equation. 


How to Balance Redox Reactions in Acidic Aqueous Solution 
1. Divide the equation into one oxidation half-reaction and one reduction half-reaction. 


2. Balance each half-reaction. 
(a) First, balance elements other than H and O. 
(b) Next, balance O atoms by adding H,O as needed. 
(c) Then balance H atoms by adding H* as needed. 
(d) Finally, balance charge by adding e as needed. 


This specific sequence (a)—(d) is important, and it is summarized in the diagram in 
the margin. At this point, you can check whether the number of electrons in each 
half-reaction corresponds to the changes in oxidation state. 


3. Multiply half-reactions by integers as needed to make the number of electrons lost 
in the oxidation half-reaction equal the number of electrons gained in the reduc- 
tion half-reaction. 


4. Add half-reactions and, if possible, simplify by canceling species appearing on both 
sides of the combined equation. 


5. Check to make sure that atoms and charges are balanced. 


As an example, let’s consider the reaction between permanganate ion (MnO, ) and 
oxalate ion (C20, ) in acidic aqueous solution (Figure 20.2). When MnO, is added to 
an acidified solution of C204, the deep purple color of the MnO, ion fades, bubbles 
of CO, form, and the solution takes on the pale pink color of Mn?*. We can write the 
skeleton equation as 


MnO, (aq) + C20 (aq) —> Mn” (aq) + CO2(aq) [20.6] 


Experiments show that H” is consumed and H,O is produced in the reaction. We will 
see that their involvement in the reaction is deduced in the course of balancing the 
equation. 
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VY CA which species is reduced in this reaction? Which species is 
the reducing agent? 


MnO, (aq) 


The purple color of MnOq~ 
disappears immediately as 
reaction with C,0,27 occurs. 


The purple color of MnO4~ 
remains because C2042" is 
completely consumed. 


C204?" (aq) 


(a) (b) 


A Figure 20.2 Titration of an acidic solution of Na2C204 with KMnO,(aq). 


To complete and balance Equation 20.6, we first write the two half-reactions (Step 1). 
One half-reaction must have Mn on both sides of the arrow, and the other must have C 
on both sides of the arrow: 


MnO% (aq) — Mn” (aq) 
C204 (aq) — CO2(8) 
We next complete and balance each half-reaction. First, we balance all the atoms 
except H and O (Step 2a). In the permanganate half-reaction, we have one manga- 


nese atom on each side of the equation and so need to do nothing. In the oxalate half- 
reaction, we add a coefficient 2 on the right to balance the two carbons on the left: 


MnO, (aq) — Mn” (aq) 
C207 (aq) —> 2CO2(8) 
Next we balance O (Step 2b). The permanganate half-reaction has four oxygens on the left 
and none on the right; to balance these four oxygen atoms, we add four H2O molecules on 
the right: 
MnO, (aq) —> Mn?**(aq) + 4H,0(1) 


The eight hydrogen atoms now in the products must be balanced by adding 8 H” to the 
reactants (Step 2c): 


8 H*(aq) + MnO, (aq) —> Mn?*(aq) + 4 H2O(1) 


Now there are equal numbers of each type of atom on the two sides of the equation, but 
the charge still needs to be balanced. The charge of the reactants is 8(1+) + 1(1—) = 7+, 
and that of the products is 1(2+) + 4(0) = 2+. To balance the charge, we add five elec- 
trons to the reactant side (Step 2d): 


5e +8H"*(aq) + MnO, (aq) —> Mn?*(aq) + 4 H20(1) 


We can use oxidation states to check our result. In this half-reaction, Mn goes from the 
+7 oxidation state in MnO, to the +2 oxidation state of Mn?*. Therefore, each Mn atom 
gains five electrons, in agreement with our balanced half-reaction. 

In the oxalate half-reaction, we have C and O balanced (Step 2a). We balance the 
charge (Step 2d) by adding two electrons to the products: 


C204 (aq) — 2.COz(g) + 2e 
We can check this result using oxidation states. Carbon goes from the +3 oxidation state in 


C202 to the +4 oxidation state in CO. Thus, each C atom loses one electron; therefore, 
the two C atoms in C,0/7 lose two electrons, in agreement with our balanced half-reaction. 
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D Balancing Redox Equations in Acidic Solution 
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Now we multiply each half-reaction by an appropriate integer so that the number 


of electrons gained in one half-reaction equals the number of electrons lost in the other 
(Step 3). We multiply the MnO, half-reaction by 2 and the C202 half-reaction by 5: 


10e + 16 H*(aq) + 2 MnO; (aq) —> 2 Mn?” (aq) + 8 H,O0(/) 
5 C204% (aq) —> 10 CO,(g) + 10 e7 


16 H*(aq) + 2MnOg (aq) + 5 C202 (aq) —> 2Mn**(aq) + 8 H,O(1) + 10 CO,(g) 


The balanced equation is the sum of the balanced half-reactions (Step 4). Note that the 


electrons on the reactant and product sides of the equation cancel each other. 
We check the balanced equation by counting atoms and charges (Step 5). There are 


16 H, 2 Mn, 28 O, 10 C, and a net charge of 4+ on each side of the equation, confirming 
that the equation is correctly balanced. 


Complete and balance this equation by the method of half-reactions: 


Cr207* (aq) + Cl-(aq) —> Cr3*(aq) + Clo(g) (acidic solution) 


SOLUTION 


Analyze We are given an incomplete, unbalanced (skeleton) equa- 


tion for a redox reaction occurring in acidic solution and asked to 
complete and balance it. 


Solve 


Step 1: We divide the equation into two half- 
reactions: 


C0,” (aq) — Cr**(aq) 
CI (aq) — Ch(g) 


Step 2: We balance each half-reaction. In the 
first half-reaction the presence of one CrzO ye 
among the reactants requires two Cr3* 
among the products. The seven oxygen atoms 
in Cr,O7"" are balanced by adding seven H2O 
to the products. The 14 hydrogen atoms in 

7 H20 are then balanced by adding 14 H* to 
the reactants: 


We then balance the charge by adding elec- 
trons to the left side of the equation so that 
the total charge is the same on the two sides: 


We can check this result by looking at the 
oxidation state changes. Each chromium atom 
goes from +6 to +3, gaining three electrons; 
therefore, the two Cr atoms in Cr,O7~ gain six 
electrons, in agreement with our half-reaction. 


In the second half-reaction, two Cl” are 
required to balance one Cl): 

We add two electrons to the right side to 
attain charge balance: 

This result agrees with the oxidation state 
changes. Each chlorine atom goes from —1 
to 0, losing one electron; therefore, the two 
chlorine atoms lose two electrons. 


14 H*(aq) + COF (aq) — 2 Cr?*(aq) + 7 H2O(1) 


6e + 14H*(aq) + COF (aq) — 2 Cr**(aq) + 7 H2O(1) 


2 Cl (aq) —> Cl,(g) 


2 Cl (aq) —> Cl(g) + 2e7 


Plan We use the half-reaction procedure we just learned. 


© 


Step 3: We equalize the number of electrons 
transferred in the two half-reactions. To do 
so, we multiply the Cl half-reaction by 3 so 
that the number of electrons gained in the 

Cr half-reaction (6) equals the number lost in 
the Cl half-reaction, allowing the electrons to 
cancel when the half-reactions are added: 


6 Cl (aq) —> 3Cl,(g) + 6 e 
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Step 4: The equations are added to give the 
balanced equation: 14H*(aq) + CrO (aq) + 6 Cl-(aq) — 2 Cr**(aq) + 7 H20(1) + 3 Chg) 


Step 5: There are equal numbers of atoms of 
each kind on the two sides of the equation 
(14 H, 2 Cr, 7 O, 6 Cl). In addition, the charge 
is the same on the two sides (6+). Thus, the 
equation is balanced. 


> Practice Exercise how many water molecules are there in the balanced equation 
If you complete and balance the following equation in acidic (for the reaction balanced with the smallest whole-number 
solution coefficients)? (a) Four on the reactant side (b) Three on the 
oe ‘ o9 g F product side (c) One on the reactant side (d) Seven on the 
Mn?” (aq) + NaBiO3(s) —> Bi?t(aq) + MnO; (aq) + Na+ (aq) product side (e) Two on the product side 


Balancing Equations for Reactions 
Occurring in Basic Solution 


If a redox reaction occurs in basic solution, the equation must be balanced by using OH™ 
and H2O rather than H* and H,0. Because the water molecule and the hydroxide ion 
both contain hydrogen, this approach can take more moving back and forth from one 
side of the equation to the other to arrive at the appropriate half-reaction. There is an 
alternate approach. 


How to Balance Redox Reactions in Basic Aqueous Solution 
1. Balance the half-reactions as if they occurred in acidic solution. 


2. Count the number of H* in each half-reaction, and then add the same number of 
OH to each side of the half-reaction. 


Using this method, the reaction is mass-balanced because you are adding the same 
thing to both sides. In essence, what you are doing is “neutralizing” the protons to form 
water (H* + OH —> H,O) on the side containing H+, and the other side ends up with 
the OH . The resulting water molecules can be canceled as needed. 


Na Sample Exercise 20.3 
D Balancing Redox Equations in Basic Solution 


Complete and balance this equation for a redox reaction that takes place in basic solution: 


CN (aq) + MnO, (aq) —> CNO (aq) + MnOz(s) (basic solution) 


SOLUTION 
Analyze We are given an incomplete equation for a basic redox appropriate number of OH to each side of the equation, combin- 
reaction and asked to balance it. ing H* and OH to form H,O. We complete the process by simpli- 


Plan We go through the first steps of our procedure as if the fying the equation. 


reaction were occurring in acidic solution. We then add the 


Solve 


Step 1: We write the incomplete, 


unbalanced half-reactions: CN (aq) > CNO (aq) 


MnO, (aq) —> Mn0O,(s) 
Continued 
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= ie 5 = 
Step 2: We balance each half-reaction Ne) Ot) CNA) ee (Ag) Fes 


as if it took place in acidic solution: 3e +4H (aq) + MnO; (aq) —> MnO,(s) + 2 H0(1) 

Now we must take into account that 

the reaction occurs in basic solution, 

adding OH” to both sides of both 

half-reactions to neutralize H*: CN (aq) + H,O(1) + 2 OH (aq) —> CNO (aq) + 2H*(aq) +2e + 20H (aq) 
3e + 4H*(aq) + MnO; (aq) + 4OH (aq) —> MnO,(s) + 2 H2O(/) + 4 OH (aq) 

We “neutralize” H* and OH™ by form- 

ing H2O when they are on the same 

side of either half-reaction: CN (aq) + H20(1) + 2 OH (aq) —> CNO (aq) + 2 H2,0(1) +2 e 


3e +4H,O(1) + MnO; (aq) — > MnO,(s) + 2 H2,0(1) + 4 OH (aq) 
Next, we cancel water molecules that 


appear as both reactants and products: CN (aq) + 2 OH (aq) —> CNO (aq) + H2O(1) + 2e7 
Both half-reactions are now balanced. 3e +2H,O0(1) + MnO, (aq) —> MnO,(s) + 40H (aq) 

You can check the atoms and the overall 

charge. 


Step 3: We multiply the cyanide half- 
reaction by 3, which gives six electrons 
on the product side, and multiply 

the permanganate half-reaction by = Z — -— 
2, which gives six electrons on the SCN (aq) GON (ag) 3 CNOT (ag)? 3 MeO) be 


reactant side: 6e +4H,O(1) + 2MnO, (aq) —> 2Mn0O,(s) + 8 OH (aq) 


Step 4: We add the two half-reactions 
together and simplify by canceling 
species that appear as both reactants 


and products: 3 CN“ (aq) + H20(1) + 2 MnO, (aq) —> 3 CNO (aq) + 2MnO,(s) + 2 OH (aq) 
Step 5: Check that the atoms and There are 3 C, 3 N, 2H, 9 O, 2 Mn, anda charge of 5- on both sides of the 
charges are balanced. equation. 

Comment It is important to remember that this proce- > Practice Exercise 

dure does not imply that H” ions are involved in the If you complete and balance the following oxidation- 

chemical reaction. Recall that in aqueous solutions at reduction reaction in basic solution 


25°C, Ky = [H*][OH ] = 1.0 x 10-™. Thus, [H*] is very small in 
this basic solution. NO; (aq) + Al(s) —> NH3(aq) + AI(OH) 4 (aq) 
how many hydroxide ions are there in the balanced equation 
(for the reaction balanced with the smallest whole-number 
coefficients)? 

(a) One on the reactant side (b) One on the product side 

(c) Four on the reactant side (d) Seven on the product side 

(e) None 


Self-Assessment Exercise 
20.6 Complete and balance the following redox equation which (a) Cr(s) + NO3 (aq) —> Cr°*(aq) + 3NO(g) 


takes place under acidic conditions: 


Cr(s) + NO3"(aq) — Cr?*(aq) + NO(g) (b) Cr(s) + NO3 (aq) 2H*(aq) — Cr**(aq) + NO(g) + H20(1) 


(©) Cr(s) + NO3 (aq) 4H*(aq) —> Cr**(ag) + NO(g) + 2H20(1) 


Exercises 
20.7 Hydrazine (NH4) and dinitrogen tetroxide (N204) form being oxidized, and what is being reduced? (c) Which sub- 
a self-igniting mixture that has been used as a rocket pro- stance serves as the reducing agent and which as the oxi- 
pellant. The reaction products are N, and H3O. (a) Write a dizing agent? 


balanced chemical equation for this reaction. (b) What is 


20.8 


Complete and balance the following half-reactions. In each 
case indicate whether the half-reaction is an oxidation or a 
reduction. 


(a) Mo?*(aq) —> Mo(s) (acidic solution) 

(b) H2SO3(aq) —> sof (aq) (acidic solution) 
(c) NO; (aq) —> NO(g) (acidic solution) 

(d) O2(g) — > H,O(I) (acidic solution) 
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(a) NOz (aq) + C207 (aq) — Cr” (aq) + NO; (aq) 
(acidic solution) 

(b) S(s) + HNO3(4q) —> H2SO3(aq) + N20(g) 
(acidic solution) 

(c) Cr,O77~ (aq) + CH30H(aq) —> HCOOH(aq) + 
Cr?*(aq) (acidic solution) 

(d) BrO; (aq) + NoH4(g) —> Br (aq) + N2(8) 


(acidic solution) 
(e) NO7 (aq) + Al(s) — NH (aq) + AlOz (aq) 
(basic solution) 


(e) O2(g) —> H,O(J) (basic solution) 
(£ Mn?*(aq) —> Mn0O,(s) (basic solution) 
(g) Cr(OH)3(s) —> CrO (aq) (basic solution) 


20.9 Complete and balance the following equations, and iden- 
tify the oxidizing and reducing agents. (Recall that the O 
atoms in hydrogen peroxide, H20, have an atypical oxida- 
tion state.) 


®© H202(aq) + ClO2(aq) —> ClOz (aq) + O2(8) 
(basic solution) 
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The story goes that Luigi Galvani and his wife were conducting experiments in static 
electricity generated by rubbing frog skin. A scalpel touched a nerve in the leg of the 
frog and they saw a spark and the leg twitched, ‘as if it were alive’. They coined the term 
animal electricity. Alessandro Volta checked these findings after they were published in 
1790 and found that the frog was not necessary but instead an electrical current could be 
generated using two different metals separated by an electrolyte. 

By the end of this section, you should be able to 


e Identify the component parts of a voltaic cell 


The energy released in a spontaneous redox reaction can be used to perform elec- 
trical work. This task is accomplished through a voltaic (or galvanic) cell, a device 
in which the transfer of electrons takes place through an external pathway rather than 
directly between reactants present in the same reaction vessel. 

One such spontaneous reaction occurs when a strip of zinc is placed in con- 
tact with a solution containing Cu?” (aq). As the reaction proceeds, the blue color of 
Cu? (aq) ions fades and copper metal deposits on the zinc. At the same time, the zinc 
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YW Go Figure 


Electrons move 
from Zn to Cu2*. 


W. Go Figure 


Which metal, Cu or Zn, is oxidized in 
this voltaic cell? 


Zn electrode in 
1 M ZnSO, solution 


Cu electrode in 
1 M CuSO, solution 


Solutions in contact with each 
other through porous glass disc 


A Figure 20.4 A Cu-Zn voltaic cell based on 
the reaction in Equation 20.7. 


Atoms in 
Zn strip 


Why does the intensity of the blue solution color lessen as the 
reaction proceeds? 


Cu?” ions 


> . ZA . 
in solution Zí hion 


Zn(s) + Cu? (ag) —————————>_ Zn” (ag) + Cu(s) 
( > ) A Figure 20.3 A spontaneous oxidation-reduction reaction involving zinc and copper. 


begins to dissolve. These transformations, shown in Figure 20.3, are summarized by 
the equation 


Zn(s) + Cu?*(aq) —> Zn” (aq) + Cu(s) [20.7] 


Figure 20.4 shows a voltaic cell that uses the redox reaction given in Equation 20.7. 
Although the setup in Figure 20.4 is more complex than that in Figure 20.3, the reac- 
tion is the same in both cases. The significant difference is that in the voltaic cell the 
Zn metal and Cu?” (aq) are not in direct contact with each other. Instead, Zn metal is in 
contact with Zn?*(aq) in one compartment, and Cu metal is in contact with Cu?*(aq) 
in the other compartment. Consequently, Cu?*(aq) reduction can occur only by the 
flow of electrons through an external circuit, namely, a wire connecting the Zn and Cu 
strips. Electrons flowing through a wire and ions moving in solution both constitute an 
electrical current. This flow of electrical charge can be used to accomplish electrical work. 

The two solid metals connected by the external circuit are called electrodes. By 
definition, the electrode at which oxidation occurs is the anode and the electrode at 
which reduction occurs is the cathode.* The electrodes can be made of materials that 


*To help remember these definitions, note that anode and oxidation both begin with a vowel, 
and cathode and reduction both begin with a consonant. 

Another aid is ‘An Ox - Red Cat’ linking the Anode with Oxidation and Reduction with the 
Cathode. 


participate in the reaction, as in the present example. Over the course of the reaction, 
the Zn electrode gradually disappears and the copper electrode gains mass. More typi- 
cally, the electrodes are made of a conducting material, such as platinum or graphite, 
that does not gain or lose mass during the reaction but serves as a surface at which elec- 
trons are transferred. 

Each compartment of a voltaic cell is called a half-cell. One half-cell is the site of the 
oxidation half-reaction, and the other is the site of the reduction half-reaction. In our 
present example, Zn is oxidized and Cu?” is reduced: 


Anode (oxidation half-reaction) Zn(s) —> Zn?*(aq) + 2e 


Cathode (reduction half-reaction) Cu?*(aq) + 2e —> Cu(s) 


Electrons become available as zinc metal is oxidized at the anode. They flow through 
the external circuit to the cathode, where they are consumed as Cu” (aq) is reduced. 
Because Zn(s) is oxidized in the cell, the zinc electrode loses mass, and the concentration 
of the Zn” (aq) solution increases as the cell operates. At the same time, the Cu electrode 
gains mass, and the Cu?*(aq) solution becomes less concentrated as Cu**(aq) is reduced 
to Cu(s). 

For a voltaic cell to work, the solutions in the two half-cells must remain electrically 
neutral. As Zn is oxidized in the anode half-cell, Zn?*(aq) ions enter the solution, upset- 
ting the initial Zn?*/SO? charge balance. To keep the solution electrically neutral, there 
must be some means for Zn?” (aq) cations to migrate out of the anode half-cell and for 
anions to migrate in. Similarly, the reduction of Cu?” (aq) at the cathode removes these 
cations from the solution, leaving an excess of SO, anions in that half-cell. To maintain 
electrical neutrality, some of these anions must migrate out of the cathode half-cell, and 
positive ions must migrate in. In fact, no measurable electron flow occurs between elec- 
trodes unless a means is provided for ions to migrate through the solution from one half- 
cell to the other, thereby completing the circuit. 

In Figure 20.4, a porous glass disc separating the two half-cells allows ions 
to migrate and maintain the electrical neutrality of the solutions. In Figure 20.5, a 


formed at the anode? 


Salt bridge 
(allows ion 


migration) 


( > ) A Figure 20.5 A voltaic cell that uses a salt bridge to complete the electrical circuit. 


Ní Go Figure How is electrical balance maintained in the left beaker as Zn**(aq) are 


Anions migrate Cations migrate 
toward anode. toward cathode. 


Zn(s) —> Zn?* (aq) +2e7 — Cu**(aq) + 2e7—> Cu(s) 
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salt bridge serves this purpose. The salt bridge consists of a U-shaped tube 
containing an electrolyte solution, such as NaNO;(aq), whose ions will 
not react with other ions in the voltaic cell or with the electrodes. The 
electrolyte is often incorporated into a paste or gel so that the electro- 
lyte solution does not pour out when the U-tube is inverted. As oxidation 
and reduction proceed at the electrodes, ions from the salt bridge migrate 
(+) into the two half-cells—cations migrating to the cathode half-cell and 
anions migrating to the anode half-cell—to neutralize charge in the half- 
cell solutions. Whichever device is used to allow ions to migrate between 
half-cells, anions always migrate toward the anode and cations toward the 
cathode. 

Figure 20.6 summarizes the various relationships in a voltaic cell. Notice 
in particular that electrons flow from the anode through the external circuit to the 
cathode. Because of this directional flow, the anode in a voltaic cell is labeled 
with a negative sign and the cathode is labeled with a positive sign. We can 
envision the electrons as being attracted to the positive cathode from the 
negative anode through the external circuit. 


Electron flow 


Porous barrier 
or salt bridge 


Anode half-cell, 
oxidation occurs 


Cathode half-cell, 
reduction occurs 

A Figure 20.6 Summary of reactions occurring in a voltaic 
cell. The half-cells can be separated by either a porous 


glass disc (as in Figure 20.4) or by a salt bridge (as in 
Figure 20.5). 


WA Sample Exercise 20.4 


D Describing a Voltaic Cell 


The oxidation-reduction reaction 
CrO (aq) + 14H*(aq) + 61-(aq) —> 2Cr3*(aq) + 31,(s) + 7 H20(/) 


is spontaneous. A solution containing K2Cr207 and H2SO, is poured into one beaker, and a solution of KI is poured into another. 
A salt bridge is used to join the beakers. A metallic conductor that will not react with either solution (such as platinum foil) is 
suspended in each solution, and the two conductors are connected with wires through a voltmeter or some other device to detect 
an electric current. The resulting voltaic cell generates an electric current. Indicate the reaction occurring at the anode, the 
reaction at the cathode, the direction of electron migration, the direction of ion migration, and the signs of the electrodes. 


circuit from the electrode immersed in the KI solution (the anode) 
to the electrode immersed in the K2Cr207-H2S0; solution (the 
cathode). The electrodes themselves do not react in any way; they 
merely provide a means of transferring electrons from or to the 
solutions. The cations move through the solutions toward the 
cathode, and the anions move toward the anode. The anode (from 
which the electrons move) is the negative electrode, and the cathode 
(toward which the electrons move) is the positive electrode. 


SOLUTION 


Analyze We are given the equation for a spontaneous reaction that 
takes place in a voltaic cell and a description of how the cell is con- 
structed. We are asked to write the half-reactions occurring at the 
anode and at the cathode, as well as the directions of electron and 
ion movements and the signs assigned to the electrodes. 


Plan Our first step is to divide the chemical equation into half- 
reactions so that we can identify the oxidation and the reduction 
processes. We then use the definitions of anode and cathode and 


the other terminologies summarized in Figure 20.6. > Practice Exercise 


Solve In one half-reaction, Cr,07 (aq) is converted into Cr?*(aq). The following two half-reactions occur in a voltaic cell: 
Starting with these ions and then completing and balancing the 


half-reaction, we have 


CrO (aq) + 14 H*(aq) + 6 © —> 2 Cr**(aq) + 7 H20(1) 


Ni(s) — Ni” (aq) + 2e 
Cu (ag) 2e — > Cu(s) 


(electrode = Ni) 
(electrode = Cu) 


Which one of the following descriptions most accurately 


In the other half-reaction, I (aq) is converted to I,(s): 
(49) a(s) describes what is occurring in the half-cell containing the Cu 


6r (aq) —> 3l2(s)+6 € 


Now we can use the summary in Figure 20.6 to help us describe 
the voltaic cell. The first half-reaction is the reduction process 
(electrons on the reactant side of the equation). By definition, the 
reduction process occurs at the cathode. The second half-reaction 
is the oxidation process (electrons on the product side of the equa- 
tion), which occurs at the anode. 


The T ions are the source of electrons, and the CrO% ions accept 
the electrons. Hence, the electrons flow through the external 


electrode and Cu? (aq) solution? 

(a) The electrode is losing mass and cations from the salt bridge 
are flowing into the half-cell. 

(b) The electrode is gaining mass and cations from the salt 
bridge are flowing into the half-cell. 

(c) The electrode is losing mass and anions from the salt bridge 
are flowing into the half-cell. 

(d) The electrode is gaining mass and anions from the salt 
bridge are flowing into the half-cell. 
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Self-Assessment Exercise 


20.10 Which statement about the working of a voltaic cell is true? 


(a) Electrons flow from the anode to the cathode 
(b) Oxidation occurs at the cathode 


(c) Anions flow through the salt bridge to the cathode 
(d) The cathode is negatively charged 


Exercises 


20.11 


20.12 


20.4 


Indicate whether each statement is true or false: (a) The 
anode is the electrode at which oxidation takes place. 
(b) A voltaic cell always has a positive emf. (c) A salt bridge 
or permeable barrier is necessary to allow a voltaic cell to 
operate. 

A voltaic cell similar to that shown in Figure 20.5 is con- 
structed. One half-cell consists of an iron strip placed in 
a solution of FeSO,, and the other has an aluminum strip 
placed in a solution of Al,(SO4)3. The overall cell reaction is 


2 Al(s) + 3 Fe?*(aq) — 3 Fe(s) + 2 A+ (aq) 


Cell Potentials under 
Standard Conditions 


(a) What is being oxidized, and what is being reduced? 
(b) Write the half-reactions that occur in the two half-cells. 
(c) Which electrode is the anode, and which is the cathode? 
(d) Indicate the signs of the electrodes. (e) Do electrons flow 
from the aluminum electrode to the iron electrode or from 
the iron to the aluminum? (f) In which directions do the 
cations and anions migrate through the solution? Assume 
the Al is not coated with its oxide. 
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There are many different combinations of materials that can make up a voltaic cell, and, 
in this section, we see how they may be quantified. By the end of this section, you should 
be able to 


e Calculate the emf of a cell from standard reduction potentials 
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Why do electrons transfer spontaneously from a Zn atom to a Cu” ion, either 
directly as in Figure 20.3 or through an external circuit as in Figure 20.4? In a simple 
sense, we can compare the electron flow to the flow of water in a waterfall (Figure 20.7). 
Water flows spontaneously over a waterfall because of a difference in potential energy 
between the top of the falls and the bottom. In a similar fashion, electrons flow spon- 
taneously through an external circuit from the anode of a voltaic cell to the cathode 
because of a difference in potential energy. The potential energy of electrons is higher in 
the anode than in the cathode. Thus, electrons flow spontaneously toward the electrode 
with the more positive electrical potential. 

The difference in potential energy per electrical charge (the potential difference) 
between two electrodes is measured in volts. One volt (V) is the potential difference 
required to impart 1 joule (J) of energy to a charge of 1 coulomb (C): 


J 
1V=1 T 
Recall that one electron has a charge of 1.60 x 107°! C. 

The potential difference between the two electrodes of a voltaic cell is called the 
cell potential, denoted Ecen. Because the potential difference provides the driving force 
that pushes electrons through the external circuit, we also call it the electromotive 
(“causing electron motion”) force, or emf. Because Ecen is measured in volts, it is also 
commonly called the voltage of the cell. 

The cell potential of any voltaic cell is positive. The magnitude of the cell poten- 
tial depends on the reactions that occur at the cathode and anode, the concentra- 
tions of reactants and products, and the temperature, which we will assume to be 
25°C unless otherwise noted. In this section, we focus on cells that are operated 
at 25°C under standard conditions. Recall from Table 19.2 that standard conditions 
include 1 M concentration for reactants and products in solution and 100.0 kPa pres- 
sure for gaseous reactants and products. The cell potential under standard conditions 
is called either the standard cell potential or standard emf and is denoted Egen. 
For the Zn-Cu voltaic cell in Figure 20.5, for example, the standard cell potential at 
25°C is +1.10V: 


Zn(s) + Cu% (aq, 1 M) —> Zn? (aq, 1 M) + Cu(s) Ef = +1.10V 


Recall that the superscript ° indicates standard-state conditions. 


High potential energy 


Anode 
jp EN 
g = 
£ 
e 
Cc 
+ 
= 
/ I Bal 
Cathode 


Low potential energy 


A Figure 20.7 Water analogy for electron flow. Just as water spontaneously flows downhill, electrons 
flow spontaneously from the anode to the cathode in a voltaic cell. 
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Standard Reduction Potentials 


The standard cell potential of a voltaic cell, Egen, depends on the particular cathode and 
anode half-cells. We could, in principle, tabulate the standard cell potentials for all possi- 
ble cathode-anode combinations. However, it is not necessary to undertake this arduous 
task. Rather, we can assign a standard potential to each half-cell and then use these half- 
cell potentials to determine Een. The cell potential is the difference between two half-cell 
potentials. By convention, the potential associated with each electrode is chosen to be 
the potential for reduction at that electrode. Thus, standard half-cell potentials are tabu- 
lated for reduction reactions, which means they are standard reduction potentials, 
denoted Era. The standard cell potential, Een, is the standard reduction potential of the 
cathode reaction, Eq (cathode), minus the standard reduction potential of the anode 
reaction, Erea (anode): 


Even = Era (cathode) — Ea (anode) [20.8] 


It is not possible to measure the standard reduction potential of a half-reaction 
directly. If we assign a standard reduction potential to a certain reference half-reaction, 
however, we can then determine the standard reduction potentials of other half- 
reactions relative to that reference value. The reference half-reaction is the reduction 
of H*(aq) to H2(g) under standard conditions, which is assigned a standard reduction 
potential of exactly 0 V: 


2 H*(aq, 1M) + 2e° —> H;(g, 100.0 kPa) Ea = OV [20.9] 


An electrode designed to produce this half-reaction is called a standard hydrogen 
electrode (SHE). A SHE consists of a platinum wire connected to a piece of platinum 
foil covered with finely divided platinum that serves as an inert surface for the reaction 
(Figure 20.8). The SHE allows the platinum to be in contact with both 1 MH*(aq) anda 
stream of hydrogen gas at 100 kPa. The SHE can operate as either the anode or cathode of 
a cell, depending on the nature of the other electrode. 

Figure 20.9 shows a voltaic cell using a SHE. The spontaneous reaction is the one 
shown in Figure 20.1, namely, oxidation of Zn and reduction of H”: 


Zn(s) + 2H*(aq) —> Zn? (aq) + H2(g) 


Ptatom H” ion H, molecule 


Reduction & 


SHE as cathode 
(H* reduced to H3) 


H, molecule 


= 


Oxidation Į 


SHE as anode 
(H; oxidized to H”) 


A Figure 20.8 The standard hydrogen electrode (SHE) is used as a reference electrode. 
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NY T Why do Na* ions migrate into the cathode half-cell as the cell 
reaction proceeds? 


Zn 
anode 
Cathode 
half-cell 
(standard 
hydrogen 
Anode electrode, SHE) 
half-cell 


Zn(s) ——>Zn**(aq)+2e7  2H*(aq) +2e°—> Hyg) 


A Figure 20.9 A voltaic cell using a standard hydrogen electrode (SHE). The anode half-cell is Zn 
metal in a Zn(NO3)2(aq) solution, and the cathode half-cell is the SHE in a HNO3(aq) solution. 


When the cell is operated under standard conditions, the cell potential is +0.76 V. By 
using the standard cell potential (E¢. = 0.76 V), the defined standard reduction poten- 
tial of H*(E%.q = OV) and Equation 20.8, we can determine the standard reduction 
potential for the Zn?* /Zn half-reaction: 


Eee = Ed (cathode) a ted (anode) 
+0.76 V = OV — Eveg (anode) 
Eveq (anode) = —0.76 V 


Thus, a standard reduction potential of —0.76 V can be assigned to the reduction of Zn?* 
to Zn: 


Zn?*(aq, 1M) +2e€ —> Zn(s) Eka = —0.76V 


We write the reaction as a reduction even though the Zn reaction in Figure 20.9 is an oxi- 
dation. Whenever we assign an electrical potential to a half-reaction, we write the reaction as 
a reduction. Half-reactions, however, are reversible, being able to operate as either reduc- 
tions or oxidations. Consequently, half-reactions are sometimes written using two arrows 
(==) between reactants and products, as in equilibrium reactions. 

The standard reduction potentials for other half-reactions can be determined in a 
fashion analogous to that used for the Zn?*/Zn half-reaction. Table 20.1 lists some stan- 
dard reduction potentials; a more complete list is found in Appendix E. These standard 
reduction potentials, often called half-cell potentials, can be combined to calculate Een 
values for a large variety of voltaic cells. 

Because electrical potential measures potential energy per electrical charge, stan- 
dard reduction potentials are intensive properties. In other words, if we increase the 
amount of substances in a redox reaction, we increase both the energy and the charges 
involved, but the ratio of energy (joules) to electrical charge (coulombs) remains con- 
stant (V = J/C). Thus, changing the stoichiometric coefficient in a half-reaction does not 
affect the value of the standard reduction potential. For example, Erą for the reduction of 
10 mol Zn”* is the same as that for the reduction of 1 mol Zn?*: 


10 Zn?*(aq, 1 M) + 206e —> 10Zn(s) Eka = —0.76 V 


For each half-cell in a voltaic cell, the standard reduction potential provides a 
measure of the tendency for reduction to occur: The more positive the value of E%a, the 
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TABLE 20.1 Standard Reduction Potentials in Water at 25°C 


E” eal V) Reduction Half-Reaction 

+2.87 P(g) + 2e —> 2F (aq) 

+1.51 MnO; (aq) + 8 H+ (aq) + 5 © —> Mn?” (aq) + 4 H20(1) 
+1.36 OW) 726° ——= ZO (a) 

+1.33 CrO (aq) + 14 H*(aq) + 6€ —> 2Cr**(aq) + 7 H20(1) 
ea O,(g) + 4H*(aq) + 4 —> 2H,0(1) 

+1.06 Bro(/) + 2e° —> 2Br (aq) 

+0.96 NO; (aq) + 4H*(aq) + 3 © —> NO(g) + 2 H,0(1) 
+0.80 Ag*(aq) +e —> Ag(s) 

+0.77 Fe**(aq) + € —> Fe” (aq) 

+0.68 O,(g) + 2H*(aq) + 2€ —> H,0,(aq) 

+0.59 MnO; (aq) + 2 HzO(1) + 3 e —> MnO,(s) + 4 OH“ (aq) 
+0.54 I,(s) +2e —> 2I (aq) 

+0.40 O2(g) + 2H20(1) + 4e° — 4 OH (aq) 

+0.34 Cu**(aq) + 2e —> Cu(s) 

0 [defined] 2H*(aq) 2e —— T3) 

—0.28 Ni?*(aq) + 26e —> Ni(s) 

=O Fe?” (aq) + 2e —> Fe(s) 

—0.76 Zn?*(aq) + 26€ —> Zn(s) 

-0.83 2H,O(1) + 26e —> H,(g) + 2 OH (aq) 

—1.66 Al?*(aq) +3 © —> Al(s) 

-2.71 Na‘(aq) + © —> Na(s) 

—3.05 Li*(aq) + © —> Li(s) 


= Sample Exercise 20.5 
D Calculating Ereg from Ecen 


For the Zn-Cu voltaic cell shown in Figure 20.5, we have 
Zn(s) + Cu? (aq, 1 M) —> Zn®™ (aq, 1 M) + Cu(s) Ege = 1.10V 
Given that the standard reduction potential of Zn?* to Zn(s) is —0.76 V, calculate the E%a for the reduction of Cu?” to Cu: 


Cu?*(aq, 1 M) + 2e —> Cu(s) 


SOLUTION 

Analyze We are given Egeu and E°.q for Zn?” and asked to calculate Check This standard reduction potential agrees with the one listed 
Ea for Cu”. in Table 20.1. 

Plan In the voltaic cell, Zn is oxidized and is therefore the anode. Comment The standard reduction potential for Cu?” can be rep- 
Thus, the given E ‘eq for Zn? is E%q (anode). Because Cu" is resented as E2,,2+ = 0.34 V and that for Zn* as E3,2+ = —0.76 V. 
reduced, it is in the cathode half-cell. Thus, the unknown reduc- The subscript identifies the ion that is reduced in the reduction 
tion potential for Cu?” is E %a (cathode). Knowing E 2 and E ga half-reaction. 


(anode), we can use Equation 20.8 to solve for E {eq (cathode). 
> Practice Exercise 


Solve A voltaic cell based on the reaction 
Eee = Efeq (cathode) — E%.g (anode) 2 Eu” (aq) + Ni?*(aq) —> 2 Eu**(aq) + Ni(s) generates 
Ete = 0.07 V. Given the standard reduction potential of 
1.10 V = Erea (cathode) — (—0.76 V) Ni?” given in Table 20.1, what is the standard reduction 
Eq (cathode) = 1.10V — 0.76 V = 0.34V potential for the reaction Eu**(aq) + © —> Eu?*(aq)? 


(a) —0.35 V (b) 0.35 V (c) —0.21 V (d) 0.21 V (e) 0.07 V 
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SA Sample Exercise 20.6 
D Calculating Egen from Ered 


the associated voltaic cell. 


Solve 


The half-reactions are: 


Use Table 20.1 to calculate Ege for the voltaic cell described in Sample Exercise 20.4, which is based on the reaction 


CrO% (aq) + 14H*(aq) + 617(aq) —> 2Cr3*(aq) + 31(s) + 7 H20(N 


SOLUTION 
Analyze We are given the equation for a redox reaction and asked Plan Our first step is to identify the half-reactions that occur at the 
to use data in Table 20.1 to calculate the standard cell potential for cathode and anode, which we did in Sample Exercise 20.4. Then 


we use Table 20.1 and Equation 20.8 to calculate the standard cell 
potential. 


Cathode: CrO% (aq) + 14 H* (aq) + 6 © —> 2 Cr**(aq) + 7 H20(1) 
Anode: 6r (aq) —> 31L(s)+6e 


According to Table 20.1, the standard reduc- 


tion potential for the reduction of CrO to 
Cr** is +1.33 V and the standard reduction 
potential for the reduction of I, to (the 
reverse of the oxidation half-reaction) is 

+0.54 V. We use these values in Equation 20.8: 


Even = Evea (cathode) — Eveg (anode) = 1.33 V — 0.54V = 0.79 V 


Although we must multiply the iodide 
half-reaction by 3 to obtain a balanced equa- 
tion, we do not multiply the E}.q value by 3. 
As we have noted, the standard reduction 
potential is an intensive property and so is in- 


dependent of the stoichiometric coefficients. 


More 
negative 
A 


Zn —»Zn2* + 2e7 


—0.76 N 
Anode 
2 
of [ESen = (+0.34) — (—0.76) 
B = +1.10 V 
Cathode 
sra ee d ER a 


Cut + 2 e7 —> Cu 


A Figure 20.10 Half-cell potentials and 
standard cell potential for the Zn-Cu voltaic cell. 


Check The cell potential, 0.79 V, is a positive number. As noted ear- > Practice Exercise 
lier, a voltaic cell must have a positive potential. Using the data in Table 20.1, what value would 


you calculate for the standard emf (Egen) for a vol- 

taic cell that employs the overall cell reaction 

2 Ag*(aq) + Ni(s) — 2 Ag(s) + Ni?*(aq)? 

(a) +0.52 V (b) —0.52 V (c) +1.08 V (d) —1.08 V (e) +0.80 V 


greater the tendency for reduction under standard conditions. In any voltaic cell operating 
under standard conditions, the E;.g value for the reaction at the cathode is more posi- 
tive than the E%q value for the reaction at the anode. Thus, electrons flow spontaneously 
through the external circuit from the electrode with the more negative value of E feq to 
the electrode with the more positive value of Ea. Figure 20.10 graphically illustrates the 
relationship between the standard reduction potentials for the two half-reactions in the 
Zn-Cu voltaic cell of Figure 20.5. 


Strengths of Oxidizing and Reducing Agents 


Table 20.1 lists half-reactions in the order of decreasing tendency to undergo reduction. 
For example, F, is located at the top of the table, having the most positive value for E aq. 
Thus, F, is the most easily reduced species in Table 20.1 and therefore the strongest oxi- 
dizing agent listed. 
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a) Sample Exercise 20.7 
Lt Determining Half-Reactions at Electrodes and Calculating Cell Potentials 
A voltaic cell is based on the two standard half-reactions 
Cd?**(aq) + 2e° —> Cd(s) 
Sn**(aq) + 2e —> Sn(s) 


Use data in Appendix E to determine (a) which half-reaction occurs at the cathode and which occurs at the anode and (b) the 
standard cell potential. 


SOLUTION 
Analyze We have to look up E%.q for two half-reactions. We then Plan The cathode will have the reduction with the more positive 
use these values first to determine the cathode and the anode and Eveq Value, and the anode will have the less positive E?.g. To write 
then to calculate the standard cell potential, Egen- the half-reaction at the anode, we reverse the half-reaction writ- 
ten for the reduction, so that the half-reaction is written as an 
oxidation. 
Solve 
(a) According to Appendix E, F%.g(Cd?*/Cd) = —0.40 V and 
eoa(Sn2*/Sn) = —0.14 V. The standard reduction potential 
for Sn** is more positive (less negative) than that for Cd?*. 
Hence, the reduction of Sn?* is the reaction that occurs at the 
cathode: Cathode: Sn?*(aq) + 2e —> Sn(s) 
The anode reaction, therefore, is the loss of electrons by Cd: Anode: Cd(s) —> Cd?*(aq) + 2e 
(b) The cell potential is given by the difference in the standard re- : 5 E 
duction potentials at the cathode and anode (Equation 20.8): Ecen = Erea (cathode) — Erea (anode) 
Notice that it is unimportant that the Eq values of both half- (70.14 V) — (—0.40V) = 0.26 V 
reactions are negative; the negative values merely indicate 
how these reductions compare to the reference reaction, the 
reduction of H+ (aq). 
Check The cell potential is positive, as it must be for a voltaic cell. In which voltaic cell(s) does iron act as the anode? 
(a) Cell 1 
7 : (b) Cell 2 
> Practice Exercise (c) Cell 3 
Consider three voltaic cells, each similar to the one shown (d) Cells 1 and 2 
in Figure 20.5. In each voltaic cell, one half-cell contains a (e) All three cells 


1.0 M Fe(NO3)2(aq) solution with an Fe electrode. The con- 
tents of the other half-cells are as follows: 


Cell 1: a 1.0 M CuCl)(aq) solution with a Cu electrode 
Cell 2: a 1.0 MNiCl,(aq) solution with a Ni electrode 
Cell 3: a 1.0 M ZnCl,(aq) solution with a Zn electrode 


Among the most frequently used oxidizing agents are the halogens, O2, and oxyan- 
ions such as MnO, , CrO, and NO; , whose central atoms have high positive oxida- 
tion states. As seen in Table 20.1, all these species have large positive values of Eea and 
therefore easily undergo reduction. 

The lower the tendency for a half-reaction to occur in one direction, the greater the 
tendency for it to occur in the opposite direction. Thus, the half-reaction with the most neg- 
ative reduction potential in Table 20.1 is the one most easily reversed and run as an oxidation. 
Being at the bottom of Table 20.1, Li*(aq) is the most difficult species in the list to reduce 
and is therefore the poorest oxidizing agent listed. Although Li*(aq) has little tendency 
to gain electrons, the reverse reaction, oxidation of Li(s) to Li*(aq), is highly favorable. 
Thus, Li is the strongest reducing agent among the substances listed in Table 20.1. (Note 
that, because Table 20.1 lists half-reactions as reductions, only the substances on the 
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Go Figure 


y 


Easiest to reduce, 
strongest oxidizing agent 


Most difficult to reduce, 
weakest oxidizing agent 


A Figure 20.11 Relative strengths of oxidizing and reducing agents. 


reactant side of these equations can serve as oxidizing agents; only those on the product 
side can serve as reducing agents.) 

Commonly used reducing agents include H; and the active metals, such as the alkali 
metals and the alkaline earth metals. Other metals whose cations have negative Era 
values—Zn and Fe, for example—are also used as reducing agents. Solutions of reducing 
agents are difficult to store for extended periods because of the ubiquitous presence of 
Oo, a good oxidizing agent. 

The information contained in Table 20.1 is summarized graphically in Figure 20.11. 
For the half-reactions at the top of Table 20.1 the substances on the reactant side of the 
equation are the most readily reduced species in the table and are therefore the strongest 
oxidizing agents. Substances on the product side of these reactions are the most difficult 
to oxidize and so are the weakest reducing agents in the table. Thus, Figure 20.11 shows 
F,(g) as the strongest oxidizing agent and F (aq) as the weakest reducing agent. Con- 
versely, the reactants in half-reactions at the bottom of Table 20.1, such as Li*(aq) are the 
most difficult to reduce and so are the weakest oxidizing agents, while the products of 
these reactions, such as Li(s), are the most readily oxidized species in the table and so are 
the strongest reducing agents. 

This inverse relationship between oxidizing and reducing strength is similar to the 
inverse relationship between the strengths of conjugate acids and bases. 


Can an acidic solution oxidize a piece of aluminum? 


Most positive values of Eeg 


Most difficult to oxidize, 
A weakest reducing agent 


Increasing strength of oxidizing agent 
Increasing strength of reducing agent 


e 
A+ (aq) +3e —— 


Li” (aq) +e  ——> 


Easiest to oxidize, 
strongest reducing agent 


Most negative values of Eea | 
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= Sample Exercise 20.8 


\ Determining Relative Strengths of Oxidizing Agents 


Using Table 20.1, rank the following ions in the order of increasing strength as oxidizing agents: NO; (aq), Ag*(aq), Cr207 (aq). 


SOLUTION 
Analyze We are asked to rank the abilities of several ions to act as Plan The more readily an ion is reduced (the more positive its E fea 
oxidizing agents. value), the stronger it is as an oxidizing agent. 
Solve 
From Table 20.1, we have: NO; (aq) + 4H*(aq) + 3 © > NO(g) + 2 H20(1) ted = +0.96 V 
Ag*(aq) + € —> Ag(s) Sed = +0.80 V 
CrO (aq) + 14H*(aq) + 6 © —> 2Cr**(aq) +7 H20(1) Ea = +1.33 V 
Because the standard reduction potential of 
Cr,07" is the most positive, CrO 7 is the stron- 
gest oxidizing agent of the three. The rank order is: Agt < NO; < CrO 
> Practice Exercise (a) Cl (aq) (b) Cly(g) (c) O2(g) (d) H*(aq) (e) Na*(aq) 
Based on the data in Table 20.1, which of the following spe- 
cies would you expect to be the strongest oxidizing agent? 
Self-Assessment Exercise 
20.13 The standard reduction potential of Ni” (aq) is 
Eea = —0.28 V, and that of Fe**(aq) is E° ea = —0.44 V. Ina 
Ni-Fe voltaic cell, which electrode is the cathode, Ni or Fe? 
(a) Fe 
(b) Ni 
Exercises 
20.14 (a) Which electrode of a voltaic cell, the cathode or the 20.17 Given the following half-reactions and associated standard 
anode, corresponds to the higher potential energy for the reduction potentials: 


electrons? (b) What are the units for electrical potential? 
How does this unit relate to energy expressed in joules? 


AuBry (aq) + 3.e7 > Au(s) + 4 Br (aq) 


20.15 A voltaic cell that uses the reaction red = —0.86 V 
ie 7 j Eu?t(aq) + © —> Eu” (aq) 
PdCl (aq) + Cd(s) > Pd(s) + 4 CI (aq) + Cd?*(aq) Sox! ue 
red — ~ Us 
has a measured standard cell potential of +1.03 V. (a) Write 10~(aq) + H,O(1) + 2 e7 > I-(aq) + 2 OH~(aq) 


the two half-cell reactions. (b) By using data from Appendix 


o 


E, determine E%a for the reaction involving Pd. (c) Sketch Frea = +0.49 V 


the voltaic cell, label the anode and cathode, and indicate (a) Write the equation for the combination of these half- 

the direction of electron flow. cell reactions that leads to the largest positive emf and 
20.16 Using data in Appendix E, calculate the standard emf for calculate the value. (b) Write the equation for the combina- 

each of the following reactions: tion of half-cell reactions that leads to the smallest positive 

(a) H,(g) + F(8) — 2H*(aq) + 2 F (aq) emf and calculate that value. 

(b) Cu” (aq) + Ca(s) > Cu(s) + Ca?” (aq) 20.18 A voltaic cell consists of a strip of cadmium metal in a 


ay a solution of Cd(NO3)> in one beaker, and in the other bea- 
(©) 3 Fe“ (aq) — Fe(s) + 2 Fe (aq) ker a platinum electrode is immersed in a NaCl solution, 
(d) 2 ClO; (aq) + 10 Br (aq) + 12 H*(aq) —> Clo(g) + with Cl, gas bubbled around the electrode. A salt bridge 

5 Br,(1) + 6 H,O(I) connects the two beakers. (a) Which electrode serves as 
the anode, and which as the cathode? (b) Does the Cd 
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electrode gain or lose mass as the cell reaction proceeds? 
(c) Write the equation for the overall cell reaction. (d) What 
is the emf generated by the cell under standard conditions? 


From each of the following pairs of substances, use data in 
Appendix E to choose the one that is the stronger oxidizing 
agent: 


(a) Cl,(g) or Br2(1) 

(b) Zn?*(aq) or Cd?*(aq) 
(c) Cl (aq) or ClO; (aq) 
(d) H202(aq) or O3(g) 


20.20 Is each of the following substances likely to serve as an oxi- 


20.21 


dant or a reductant: (a) Ce**(aq), (b) Ca(s), (c) ClO; (aq), 
(d) N20;(8)? 


The standard reduction potential for the reduction of 
RuO,s (aq) to RO? (aq) is +0.59 V. By using Appendix E, 
which of the following substances can oxidize RuO? (aq) 
to RuO, (aq) under standard conditions: Br,(/), BrO; (aq), 
Mn”* (aq), O2(g), Sn” (aq)? 


ƏS191ƏXJ }UIUSSƏSSY-JİƏŞ 0} SIƏMSUY 


y 
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Surprisingly, electric cars have been around since the end of the nineteenth century, 
however with a limited range and high battery cost they could not compete with the 
internal combustion engine. Recently, the development of new lithium ion battery tech- 
nology and the falling cost of lithium has meant that electric vehicles are now edging 
into the domestic car market. The cost of the batteries remains a significant factor but in 
the decade since 2010 this has dropped by 600%. Electric vehicles have engine efficien- 
cies of around 70%, significantly higher than either petrol or diesel engines which use 
only around 15-20% of the fuel energy content to move the vehicle. You can read more 
on electric vehicles in the Chemistry Put to Work box on page 987. 

In this section, we examine the relationship between redox potentials and AG, and 


by the end you should be able to 


e Relate E° to AG? and K. 


We have observed that voltaic cells use spontaneous redox reactions to produce 
a positive cell potential. Given half-cell potentials, we can determine whether a given 
redox reaction is spontaneous. In this endeavor, we can use a form of Equation 20.8 that 
describes redox reactions in general, not just reactions in voltaic cells: 


E° = E% (reduction process) 


— Eka (Oxidation process) [20.10] 
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In writing the equation this way, we have dropped the subscript “cell” to indicate that the 
calculated emf does not necessarily refer to a voltaic cell. Also, we have generalized the 
standard reduction potentials by using the general terms reduction and oxidation rather 
than the terms specific to voltaic cells, cathode and anode. We can now make a general 
statement about the spontaneity of a reaction and its associated emf, E: A positive value of E 
indicates a spontaneous process; a negative value of E indicates a nonspontaneous process. We use 
E to represent the emf under nonstandard conditions and E° to indicate the standard emf. 

We can use standard reduction potentials to understand the activity series of 
metals. Recall that any metal in the activity series (Table 4.5) is oxidized by the ions 
of any metal below it. We can now recognize the origin of this rule based on standard 
reduction potentials. The activity series is based on the oxidation reactions of the met- 
als, ordered from strongest reducing agent at the top to weakest reducing agent at the 
bottom. (Thus, the ordering is inverted relative to that in Table 20.1.) For example, nickel 
lies above silver in the activity series, making nickel the stronger reducing agent. Because 
a reducing agent is oxidized in any redox reaction, nickel is more easily oxidized than 


Nw Sample Exercise 20.9 
D Determining Spontaneity 


(a) Cu(s) + 2H*(aq) —> Cu? (aq) + H2(8) 
(b) Clo(g) + 21-(aq) —> 2CI(aq) + l2(8) 


Plan To determine whether a redox reaction is spontaneous under 
standard conditions, we first need to write its reduction and 


Use Table 20.1 to determine whether the following reactions are spontaneous under standard conditions. 


for the reaction. If a reaction is spontaneous, its standard emf 
must be a positive number. 
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SOLUTION 
Analyze We are given two reactions and must determine whether oxidation half-reactions. We can then use the standard reduction 
each is spontaneous. potentials and Equation 20.10 to calculate the standard emf, E°, 


reactions and use them to calculate E° using Equation 20.10: 


Because E° is negative, the reaction is not spontaneous in the 
direction written. Copper metal does not react with acids 
as written in Equation (a). The reverse reaction, however, is 


Solve 
am 7 = 
(a) We first must identify the oxidation and reduction half- pea A eg) es Ha(s) 
reactions that when combined give the overall reaction. Oxidation: Cu(s) —> Cu?*(aq) + 2e7 
We look up standard reduction potentials for both half- E? = Eveq (reduction process) — Eveq (oxidation process) 


= (OV) — (0.34 V) = —-0.34V 


spontaneous and has a positive E° value: Cu?*(aq) + H2(g) 
Thus, Cu? can be reduced by Hp. 


> Cu(s) +2H*(aq) E° = +0.34V 


Oxidation: 


(b) We follow a procedure analogous to that in (a): Reduction: Cla(g) + 2€ —> 2CI (aq) 
2T (aq) — h(s)+2 e 


Because the value of E° is positive, this reaction is sponta- 
neous and could be used to build a voltaic cell. 


Which of the following elements is capable of oxidizing elements 
Fe**(aq) ions to Fe**(aq) ions: chlorine, bromine, iodine? 


In this case: E° = (1.36 V) — (0.54 V) = +0.82 V 


> Practice Exercise (a) I, (b) Cl, (c) Cl, and I, (d) Cl, and Br; (e) all three 
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A Figure 20.12 Michael Faraday. Faraday 
(1791-1867) was born in England, a child 
of a poor blacksmith. At the age of 14 he 
was apprenticed to a bookbinder who gave 
him time to read and to attend lectures. In 
1812 he became an assistant in Humphry 
Davy’s laboratory at the Royal Institution. 
He succeeded Davy as the most famous and 
influential scientist in England, making an 
amazing number of important discoveries, 
including his formulation of the quantitative 
relationships between electrical current 

and the extent of chemical reaction in 
electrochemical cells. 


silver. In a mixture of nickel metal and silver cations, therefore, we expect a displace- 
ment reaction in which the silver ions are displaced in the solution by nickel ions: 


Ni(s) + 2 Ag*(aq) —> Ni?” (aq) + 2 Ag(s) 


In this reaction, Ni is oxidized and Ag* is reduced. Therefore, the standard emf for the 
reaction is 


BS Evea (Ag’7/Ag) ~~ red(Ni?7/ Ni) 
= (+0.80 V) — (-0.28 V) = +1.08 V 


The positive value of E° indicates that the displacement of silver by nickel resulting from 
oxidation of Ni metal and reduction of Ag* is a spontaneous process. Remember that 
although we multiply the silver half-reaction by 2, the reduction potential is not multiplied. 


Emf, Free Energy, and the Equilibrium Constant 


The change in the Gibbs free energy, AG, is a measure of the spontaneity of a process 
that occurs at constant temperature and pressure. The emf, E, of a redox reaction also 
indicates whether the reaction is spontaneous. The relationship between emf and the 
free-energy change is 


AG = —nFE [20.11] 


In this equation, n is a positive number without units that represents the number of moles 
of electrons transferred according to the balanced equation for the reaction, and F is the 
Faraday constant, named after Michael Faraday ( Figure 20.12): 


F = 96,485 C/mol = 96,485J/V mol 


The Faraday constant is the quantity of electrical charge on 1 mol of electrons. 

The units of AG calculated with Equation 20.11 are J/mol. As in Equation 19.19, we 
use “per mole” to mean per mole of reaction as indicated by the coefficients in the bal- 
anced equation. 

Because both n and F are positive numbers, a positive value of E in Equation 20.11 
leads to a negative value of AG. Remember: A positive value of E and a negative value of AG 
both indicate a spontaneous reaction. When the reactants and products are all in their stan- 
dard states, Equation 20.11 can be modified to relate AG° and E°. 


AG° = —nFE° [20.12] 


Because AG” is related to the equilibrium constant, K, for a reaction by the expres- 
sion AG? = —RT In K (Equation 19.20), we can relate E° to K by solving Equation 20.12 
for E° and then substituting the Equation 19.20 expression for AG°. 


AG® — —-RTInK _ RT 
—nF —nF nF 


E= InK [20.13] 


Figure 20.13 summarizes the relationships among E°, AG”, and K. 


V Go Figure 


What does the variable n represent in the AG° and E° 
equations? 


AG? = =n FES acy 
; NG =-RT InK 


ae 


o — RT 
E° = nF nK 


A Figure 20.13 Relationships of E°, A G°, and K. Any one of these important parameters can 
be used to calculate the other two. The signs of E° and AG° determine the direction in which 
the reaction proceeds under standard conditions. The magnitude of K determines the relative 
amounts of reactants and products in an equilibrium mixture. 
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Na Sample Exercise 20.10 
| Using Standard Reduction Potentials to Calculate AG° and K 


(a) Use the standard reduction potentials in Table 20.1 to calculate the standard free energy change, AG°, and the equilibrium 
constant, K, at 298 K for the reaction 


4 Ag(s) + O(g) + 4H*(aq) —> 4Ag*(aq) + 2H20(/) 


(b) Suppose the reaction in part (a) is written 


2 Ag(s) + Z O2(g) + 2H*(aq) — 2Ag*(aq) + H20(/) 


What are the values of E°, AG°, and K when the reaction is written in this way? 


SOLUTION 
Analyze We are asked to determine AG? and K for a redox reaction, Plan We use the data in Table 20.1 and Equation 20.10 to 
using standard reduction potentials. determine E° for the reaction and then use E° in Equation 20.12 
to calculate AG°. We can then use either Equation 19.20 or 
Equation 20.13 to calculate K. 
Solve 
(a) We first calculate E° by breaking the equa- Reduction: O(g) + 4H*(aq) +4e —> 2H,O(I) red = +1.23 V 
tion into two half-reactions and obtaining are + E an gh 
Eea Values from Table 20.1 (or Appendix F): Orianan: 4Ag(s) 4Ag (aq) +4e Erea = +0.80 V 
Even though the second half-reaction has 
4 Ag, we use the E feq value directly from Ta- 
ble 20.1 because emf is an intensive property. 
Using Equation 20.10, we have: E? = (1.23 V) — (0.80 V) = 0.43 V 


The half-reactions show the transfer of four 
electrons. Thus, for this reaction n = 4. We 
now use Equation 20.12 to calculate AG*: AG? = —nFE° 


= —(4)(96,485 J/V mol)(+0.43 Y) 
= -1.7 x 10°J/mol = —170kJ/mol 


Now we need to calculate the equilibrium AG = —RTInK 


constant, K, using AG° = RT In K. Because 5 
AG° is a large negative number, which =17 X 10 J/mol =—(8.314]/K mol) (238 K) nK 


means the reaction is thermodynamically —1.7 x 105J/mot 
very favorable, we expect K to be large. Ink —(8.314J/K mol) (298 K) 
In K = 69 
K=9x 10” 
(b) The overall equation is the same as that in Reduction: 5 O.(g) + 2H*(aq) +2e€ —> H,O(1) Ea = +1.23 V 


part (a), multiplied by 3. The half-reactions 


are: Oxidation: 2 Ag(s) —> 2Ag*(aq)+2e@ E%ąa = +0.80V 


The values of E{.g are the same as they were 

in part (a); they are not changed by multiply- 

ing the half-reactions by 4. Thus, E° has the 

same value as in part (a): E° = +0.43 V. No- 

tice, though, that the value of n has changed 

ton = 2, which is one-half the value in part 

(a). Thus, AG° is half as large as in part (a): AG° = —(2)(96,485 J/V-mol)(+0.43 Y) = —83 kJ/mol 


The value of AG? is half that in part (a) 
because the coefficients in the chemical 
equation are half those in (a). 


Now we can calculate K as before: —8.3 x 104J/mol = —(8.314J/K mol)(298 K) In K 


K= 4 x 104 
Continued 
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Comment E° is an intensive quantity, so multiplying a chemical 
equation by a certain factor will not affect the value of E°. Multi- 
plying an equation will change the value of n, however, and hence 
the value of AG°. The change in free energy, in units of J/mol of 
reaction as written, is an extensive quantity. The equilibrium con- 
stant is also an extensive quantity. 


> Practice Exercise 
For the reaction 


3 Ni?" (aq) + 2 Cr(OH)3(s) + 10 OH (aq) —> 
3 Ni(s) + 2 CrO? (aq) + 8 H,O(1) 


AG° = +87 kJ/mol. Given the standard reduction potential 
of Ni?” (aq) in Table 20.1, what value do you calculate for the 
standard reduction potential of the half-reaction 


CrO2-(aq) + 4H,O(I) + 3e° —> Cr(OH)3(s) + 5 OH~(aq)? 
(a) —0.43V (b)—-0.28V (c)0.02V (d) -0.13V (e)-0.15V 


A CLOSER LOOK Qa itera (rai 


For any spontaneous process, AG is a measure of the maximum use- 
ful work, Wmax, that can be extracted from the process: AG = Wmax- 
Because AG = —nFE, the maximum useful electrical work obtainable 
from a voltaic cell is 


Wmax ~ —NFE ce [20.14] 


Because cell emf, Ecen, is always positive for a voltaic cell, Wmax is neg- 
ative, indicating that work is done by a system on its surroundings, as 
we expect for a voltaic cell. 

As Equation 20.14 shows, the more charge a voltaic cell moves 
through a circuit (that is, the larger nF is) and the larger the emf 
pushing the electrons through the circuit (that is, the larger En is), 
the more work the cell can accomplish. In Sample Exercise 20.10, 
we calculated AG? = —170kJ/mol for the reaction 4Ag(s) + 
O.(g) + 4H*(aq) —> 4 Ag*(aq) + 2 H20(1). Thus, a voltaic cell uti- 
lizing this reaction could perform a maximum of 170 kJ of work in con- 
suming 4 mol Ag, 1 mol O, and 4 mol H*. 


Self-Assessment Exercise 


20.22 Foracellin which E° > 0 V, which statement is true? 
(a) AG? > Qand Kis > 1 
(b) AG? < Oand Kis > 1 


Exercises 


20.23 For each of the following reactions, write a balanced 
equation, calculate the standard emf, calculate AG° at 
298 K, and calculate the equilibrium constant K at 298 K. 
(a) Aqueous iodide ion is oxidized to I,(s) by Hg+ (aq). 
(b) In acidic solution, copper(I) ion is oxidized to copper(II) 
ion by nitrate ion. (c) In basic solution, Cr(OH)3(s) is oxi- 
dized to CrO (aq) by ClO~(aq). 

If the equilibrium constant for a two-electron redox reac- 
tion at 298 K is 2.2 x 105, calculate the corresponding AG° 
and F°. 


Using the standard reduction potentials listed in Appendix 
E, calculate the equilibrium constant for each of the fol- 
lowing reactions at 298 K: 


(a) Cu(s) + 2 Ag*(aq) —> Cu?*(aq) + 2 Ag(s) 


20.24 


20.25 


If a reaction is not spontaneous, AG is positive and E is negative. 
To force a nonspontaneous reaction to occur in an electrochemical 
cell, we need to apply an external potential, Eext, that exceeds | Ecen |- 
For example, if a nonspontaneous process has E = —0.9 V, then the 
external potential Eext must be greater than +0.9 V in order for the 
process to occur. We will examine such nonspontaneous processes in 
Section 20.9. 

Electrical work can be expressed in energy units of watts times 
time. The watt (W) is a unit of electrical power (that is, rate of energy 
expenditure): 


1W = 1J/s 


Thus, a watt-second is a joule. The unit employed by electric util- 
ities is the kilowatt-hour (kWh), which equals 3.6 10°: 


3600 s we) 6 
IK K = 3.6 x 10°J 


1W 
Related Exercises: 20.27, 20.87 


1kWh = (1000 W) (1 w( 


(c) AG°>OandO0<K<1 
(d) AG°< Oand0<K<1 


(b) 3 Ce**(aq) + Bi(s) + H20(1) 
BiO*(aq) + 2 H*(aq) 

(©) NoHs'(aq) + 4 Fe(CN)«° (aq) —> N2(8) + 
5 H*(aq) + 4 Fe(CN) ¢* (aq) 


At 298 K a cell reaction has a standard cell potential of 
+0.63 V. The equilibrium constant for the reaction is 
3.8 x 101°. What is the value of n for the reaction? 


Consider the voltaic cell illustrated in Figure 20.5, which is 
based on the cell reaction 


> 3 Ce**(aq) + 


20.26 


20.27 


Zn(s) + Cu?*(aq) —> Zn?*(aq) + Cu(s) 


Under standard conditions, what is the maximum electri- 
cal work, in joules, that the cell can accomplish if 50.0 g of 
copper is formed? 


ƏS191ƏXJ JUBWSSASSy-}]9S 0} SIƏMSUY 
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20.6 | Cell Potentials under 
Nonstandard Conditions 


Many metabolic processes involve redox reactions, which not only store energy but allow its 
release in a controlled and efficient manner. One such example is photosynthesis, in which 
absorption of a photon by chlorophyll triggers release of an electron in photosystem I. This 
electron cascades down an electron transport chain, ultimately reducing nicotinamide ade- 
nine dinucleotide phosphate (NADP) to NADPH, used by all cells as a reducing agent. The 
electron lost by photosystem I is replaced by photosystem II on oxidation of water to oxy- 
gen and hydrogen ions. Of course, the process is much more complex than suggested here, 
but is based on redox reactions and concentration gradients, which we can understand. 
By the end of this section, you should be able to 


e Calculate emf under nonstandard conditions. 


We have seen how to calculate the emf of a cell when the reactants and products 
are under standard conditions. As a voltaic cell is discharged, however, reactants are 
consumed and products are generated, so concentrations change. The emf progressively 
drops until E = 0, at which point we say the cell is “dead.” In this section, we examine 
how the emf generated under nonstandard conditions can be calculated by using an 
equation first derived by Walther Nernst (1864-1941), a German chemist who estab- 
lished many of the theoretical foundations of electrochemistry. 


The Nernst Equation 


The effect of concentration on cell emf can be obtained from the effect of concentration 
on free-energy change. Recall that the free-energy change for any chemical reaction, AG, 
is related to the standard free-energy change for the reaction, AG°: 


AG = AG°+RTInQ [20.15] 


The quantity Q is the reaction quotient, which has the form of the equilibrium expres- 
sion except that the concentrations are those that exist in the reaction mixture at a given 
moment. 

Substituting AG = —nFE (Equation 20.11) into Equation 20.15 gives 


—nFE = —nFE°+ RTInQ 


Solving this equation for E gives the Nernst equation: 


RT 
E= f= — ; 
p- in [20.16] 
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This equation is customarily expressed in terms of the base-10 logarithm: 


_ 2.303 RT 


E = E° 
nF 


logQ [20.17] 
At T = 298K, the quantity 2.303 RT/F equals 0.0592, with units of volts, and so the 
Nernst equation simplifies to 


EEN oo 


logQ (T= 298K) [20.18] 


We can use this equation to find the emf E produced by a cell under nonstandard condi- 
tions or to determine the concentration of a reactant or product by measuring E for the 
cell. For example, consider the following reaction: 


Zn(s) + Cu?*(aq) —> Zn” (aq) + Cu(s) 


2+) ; 


In this case n = 2 (two electrons are transferred from Zn to Cu“"), and the standard emf is 


+1.10 V. Thus, at 298 K the Nernst equation gives 
0.0592V__ [Zn”*] 


E=1.10V 2 log 


[20.19] 


Recall that pure solids are excluded from the expression for Q. According to Equation 
20.19, the emf increases as [Cu*] increases and as [Zn?*] decreases. For example, when 
[Cu?*] is 5.0 Mand [Zn?*] is 0.050 M, we have 


0.0592 V 0.050 
E=1.10V 7 tog ( on) 
0.0592 V 
= 1.10V ~ (—2.00) = 1.16V 


Thus, increasing the concentration of reactant Cu?" and decreasing the concentration of 
product Zn” relative to standard conditions increases the emf of the cell relative to stan- 
dard conditions (E° = +1.10V). 

The Nernst equation helps us understand why the emf of a voltaic cell drops as the 
cell discharges. As reactants are converted to products, the value of Q increases, so the 
value of E decreases, eventually reaching E = 0. Because AG = —nFE (Equation 20.11), 
it follows that AG = 0 when E = O. Recall that a system is at equilibrium when AG = 0. 
Thus, when E = 0, the cell reaction has reached equilibrium, and no net reaction occurs. 

In general, increasing the concentration of reactants or decreasing the con- 
centration of products increases the driving force for the reaction, resulting in a 
higher emf. Conversely, decreasing the concentration of reactants or increasing the 
concentration of products causes the emf to decrease from its value under standard 
conditions. 


a Sample Exercise 20.11 
s Cell Potential under Nonstandard Conditions 


Calculate the emf at 298 K generated by a voltaic cell in which the reaction is 
C0 (aq) + 14 H*(aq) + 617 (aq) —> 2Cr3*(aq) + 3 lo(s) + 7 H20(/) 


when 
[Cr207] = 2.0 M, [HĦ] = 1.0 M, [I7] = 1.0 M, and [Crt] = 1.0 x 10° M 
SOLUTION 
Analyze We are given a chemical equation for a voltaic cell and the Plan To calculate the emf of a cell under nonstandard conditions, 
concentrations of reactants and products under which it operates. we use the Nernst equation in the form of Equation 20.18. 


We are asked to calculate the emf of the cell under these nonstan- 
dard conditions. 
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Solve 


We calculate E° for the cell from standard reduction potentials 
(Table 20.1 or Appendix E). The standard emf for this reaction was 
calculated in Sample Exercise 20.6: E° = 0.79 V. As that exercise 
shows, six electrons are transferred from reducing agent to oxidiz- 
ing agent, son = 6. The reaction quotient, Q, is: 


port? 
[C07 ][H*]* 1] 


(1.0 x 105)? 
(2.0)(1.0)'4 (1.0)6 


5.0 x 107! 


Using Equation 20.18, we have: 


Check This result is qualitatively what we expect: Because the 
concentration of CrO (a reactant) is greater than 1 M and 
the concentration of Cr?" (a product) is less than 1 M, the emf 
is greater than E°. Because Q is about 10°19, log Qis about —10. 
Thus, the correction to E° is about 0.06 xX 10/6, which is 0.1, in 
agreement with the more detailed calculation. 


> Sample Exercise 20.12 


P Calculating Concentrations in a Voltaic Cell 


E=0.79V (2252Y) og(s.0 x 101) 


0.79V (02) 10.30) 


0.79 V +0.10 V = 0.89 V 


> Practice Exercise 


Consider a voltaic cell whose overall reaction is 
Pb?” (aq) + Zn(s) > Pb(s) + Zn?*(aq). What is the emf 


generated by this voltaic cell when the ion concentrations are 
[Pb?*] = 1.5 x 10° M and [Zn**] = 0.55 M? 
(a) 0.71 V (b) 0.56 V (c) 0.49 V (d) 0.79 V (e) 0.64 V 


If the potential of a Zn-H; cell (like that in Figure 20.9) is 0.45 V at 25 °C when [Zn**] = 1.0 M and Py, = 100.0 kPa, what is 
the pH of the cathode solution? 


SOLUTION 


Analyze We are given a description of a voltaic cell, its emf, the 
concentration of Zn?*, and the partial pressure of H, (both prod- 
ucts in the cell reaction). We are asked to calculate the pH of the 
cathode solution, which we can calculate from the concentration 
of H*, a reactant. 


Solve 
The cell reaction is: 


Plan We write the equation for the cell reaction and use standard 
reduction potentials to calculate E° for the reaction. After deter- 
mining the value of n from our reaction equation, we solve the 
Nernst equation, Equation 20.18, for Q. We use the equation for 
the cell reaction to write an expression for Q that contains [H*] to 
determine [H*]. Finally, we use [H™] to calculate pH. 


Zn(s) + 2H*(aq) —> Zn?*(aq) + H2(g) 


The standard emf is: 


E° = Eka (reduction) — Eea (oxidation) 


= 0V —- (-0.76V) = +0.76 V 


Because each Zn atom loses two electrons, 


n=2 


Using Equation 20.18, we can solve for Q: 


0.76V 22532 v logQ 


Q = 10'°5 = 3 x 10” 


0.45 V 


Zn” ]Pa 1.0)100.0 
Q has the form of the equilibrium constant for the reaction: Q L ie) 3 x 10!° 
[H+] [H+]? 
101.3 
Solving for [H*], we have: H+ = ——~— = 3.4 x 10°° 
olving for [H*], we have [H*] 3 x 1010 


[H*] = V3.4 x 10°=6 x 105M 


Finally, we use [ H*] to calculate the pH of the cathode solution. 


pH = log[H*] = —log(6 x 1075) = 4.2 
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Comment A voltaic cell whose cell reaction involves H* can be used is Sn’*(aq) + 2e —> Sn(s). What is the concentration of 
to measure [H*] or pH. A pH meter is a specially designed voltaic cell Sn** if Zn?” is 2.5 X 10° M and the cell emf is 0.660 V? Use 
with a voltmeter calibrated to read pH directly. the reduction potentials in Appendix E that are reported to 


three significant figures. (a) 3.3 x 10-*M (b) 1.9 x 107M 
(©) 9.0 x 10°M (d) 6.9 x 10-4M (e) 7.6 x 103M 


> Practice Exercise 
Consider a voltaic cell where the anode half-reaction is 
Zn(s) —> Zn?*(aq) + 2 e~ and the cathode half-reaction 


Concentration Cells 


In the voltaic cells we have looked at thus far, the reactive species at the anode has been 
different from the reactive species at the cathode. Cell emf depends on concentration, 
however, so a voltaic cell can be constructed using the same species in both half-cells 
as long as the concentrations are different. A cell based solely on the emf generated 
because of a difference in a concentration is called a concentration cell. 

An example of a concentration cell is diagrammed in Figure 20.14(a). One half-cell 
consists of a strip of nickel metal immersed in a 1.00 x 10° M solution of Ni” (aq). 
The other half-cell also has an Ni(s) electrode, but it is immersed in a 1.00 M solution 
of Ni” (aq). The two half-cells are connected by a salt bridge and by an external wire 
running through a voltmeter. The half-cell reactions are the reverse of each other: 


Anode: Ni(s) — Ni” (aq) + 2 e fed = —0.28 V 
Cathode: Ni?*(aq) + 2e° —> Ni(s) Sed = —0.28 V 
Although the standard emf for this cell is zero, 
Even = Efeq (cathode) — Era (anode) = (—0.28 V) — (—0.28 V) = OV 
the cell operates under nonstandard conditions because the concentration of Ni? (aq) is 
not 1 Min both half-cells. In fact, the cell operates until [Ni2* Janoae = [Ni2* ]eathoae» Oxida- 
tion of Ni(s) occurs in the half-cell containing the more dilute solution, which means this 


is the anode of the cell. Reduction of Ni?*(aq) occurs in the half-cell containing the more 
concentrated solution, making it the cathode. The overall cell reaction is therefore 


Anode: Ni(s) —> Ni?” (aq, dilute) + 2 e7 
Cathode: Ni?” (aq, concentrated) + 2 e —> Ni(s) 
Overall: Ni?” (aq, concentrated) —> Ni?*(aq, dilute) 


YW. Go Figure Which electrode, if any, gains mass as the reaction proceeds? 


[INi?*] = 0.5 M [Ni2*] = 0.5 M 
(a) (b) 

A Figure 20.14 Concentration cell based on Ni?* —Ni cell reaction. (a) Concentrations of Ni**( aq) 

in the two half-cells are unequal, and the cell generates an electrical current and a voltage. (b) The 


cell operates until [Ni2* ] is the same in the two half-cells, at which point the cell has reached 
equilibrium and the emf goes to zero. 
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< Figure 20.15 An electric eel. Differences 
in ion concentrations, mainly Na” and K*, 
in special cells called electrocytes produce 
an emf on the order of 0.1 V. By connecting 
thousands of these cells in series, these 
South American fish are able to generate 
short electric pulses as high as 500 V. 


We can calculate the emf of a concentration cell by using the Nernst equation. For 


this particular cell, we see that n = 2. The expression for the reaction quotient for the 
overall reaction is Q = [Ni?* ]giute/[Ni7* ]concentratea: Thus, the emf at 298 K is 


yep 22992V ogg 
nN 
0.0592 V [Ni?* Jaitute 0.0592V, 1.00 x 103M 
0 log 22+ log 
2 [Ni ]concentrated 2 1.00 M 
= +0.089 V 


This concentration cell generates an emf of nearly 0.09 V, even though E° = 0. The differ- 


ence in concentration provides the driving force for the cell. When the concentrations in 


the two half-cells become the same, Q = landE = 0. 


The idea of generating a potential by a concentration difference is the basis for 


the operation of pH meters. It is also a critical aspect in biology. For example, nerve 
cells in the brain generate a potential across the cell membrane by having different 


concentrations of ions on the two sides of the membrane. Electric eels use cells called 


electrocytes that are based on a similar principle to generate short, but intense, pulses 
of electricity to stun prey and dissuade predators (Figure 20.15). The regulation of 
the heartbeat in mammals, as discussed in the following Chemistry and Life box, is 
another example of the importance of electrochemistry to living organisms. 


CHEMISTRY AND LIFE [GGEROLEI GEOR AET 


The human heart is a marvel of efficiency and dependability. In a typ- 
ical day, an adult’s heart pumps more than 7000 L of blood through 
the circulatory system, usually with no maintenance required 
beyond a sensible diet and lifestyle. We generally think of the heart 
as a mechanical device, a muscle that circulates blood via regularly 
spaced muscular contractions. However, more than two centuries 
ago, two pioneers in electricity, Luigi Galvani (1729-1787) and Ales- 
sandro Volta (1745-1827), discovered that the contractions of the 
heart are controlled by electrical phenomena, as are nerve impulses 
throughout the body. The pulses of electricity that cause the heart to 
beat result from a remarkable combination of electrochemistry and 
the properties of semipermeable membranes. 

Cell walls are membranes with variable permeability with 
respect to a number of physiologically important ions (especially 


Nat, Kt, and Ca?"). The concentrations of these ions are different for 
the fluids inside the cells (the intracellular fluid, or ICF) and outside 
the cells (the extracellular fluid, or ECF). In cardiac muscle cells, for 
example, the concentrations of K* in the ICF and ECF are typically 
about 135 millimolar (mM) and 4 mM, respectively. For Na*, however, 
the concentration difference between the ICF and ECF is opposite to 
that for K*; typically, [Na*];cp = 10 mM and [Na*]pcp = 145 mM. 
The cell membrane is initially permeable to K” ions but is much 
less so to Na* and Ca?*. The difference in concentration of K* ions 
between the ICF and ECF generates a concentration cell. Even though 
the same ions are present on both sides of the membrane, there is a 
potential difference between the two fluids that we can calculate using 
the Nernst equation with E° = 0. At physiological temperature (37 °C) 
the potential in millivolts for moving K* from the ECF to the ICF is 
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[K*] ICF 
[K"]ecr 


135 mM 
4 mM 
In essence, the interior of the cell and the ECF together serve as a vol- 
taic cell. The negative sign for the potential indicates that work is re- 

quired to move K* into the ICE 

Changes in the relative concentrations of the ions in the ECF 
and ICF lead to changes in the emf of the voltaic cell. The cells of 
the heart that govern the rate of heart contraction are called the 
pacemaker cells. The membranes of the cells regulate the concen- 
trations of ions in the ICF, allowing them to change in a systematic 
way. The concentration changes cause the emf to change in a cyclic 
fashion, as shown in Figure 20.16. The emf cycle determines the 


o  2.30RT 
E=E nF log 


= 0 - (61.5 mV) iog ( ) = -94 mV 


Electrical potential —> 


Time ——> 


A Figure 20.16 Changes in electrical potential in the human heart. 
Variation of the electrical potential caused by changes of ion 
concentrations in the pacemaker cells of the heart. 


Sample Exercise 20.13 


b 


Va Determining pH Using a Concentration Cell 


rate at which the heart beats. If the pacemaker cells malfunction 
because of disease or injury, an artificial pacemaker can be surgi- 
cally implanted. The artificial pacemaker contains a small battery 
that generates the electrical pulses needed to trigger the contrac- 
tions of the heart. 

During the late 1800s, scientists discovered that the electrical 
impulses that cause the contraction of the heart muscle are strong 
enough to be detected at the surface of the body. This observation 
formed the basis for electrocardiography, noninvasive monitoring 
of the heart by using a complex array of electrodes on the skin to 
measure voltage changes during heartbeats. A typical electrocar- 
diogram is shown in Figure 20.17. It is quite striking that, although 
the heart’s major function is the mechanical pumping of blood, it is 
most easily monitored by using the electrical impulses generated by 
tiny voltaic cells. 
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A Figure 20.17 A typical electrocardiogram. The printout records the 
electrical events monitored by electrodes attached to the body surface. 


A voltaic cell is constructed with two hydrogen electrodes. Electrode 1 has Py, = 100.0 kPa and an unknown concentration of 
H*(aq). Electrode 2 is a standard hydrogen electrode (Py, = 100.0 kPa, [H*] = 1.00 M). At 298 K the measured cell potential 
is 0.211 V, and the electrical current is observed to flow from electrode 1 through the external circuit to electrode 2. What is the 


pH of the solution at electrode 1? 


SOLUTION 


Analyze We are given the potential of a concentration cell and the 
direction in which the current flows. We also have the concentra- 
tions or partial pressures of all reactants and products except for 
[H*] in half-cell 1, which is our unknown. 


Solve 
Using the Nernst equation, we have: 


Plan We can use the Nernst equation to determine Q and then use 
Qto calculate the unknown concentration. Because this is a con- 
centration cell, Et. = OV. 


0.211V =0- 2052Y tog Q 


= -7.13 


log Q = -(0.211 V oaz) 


Q=1078%=7.4x 108 


Because electrons flow from electrode 1 to electrode 2, elec- 
trode 1 is the anode of the cell and electrode 2 is the cathode. 
The electrode reactions are therefore as follows, with the 
concentration of H*(aq) in electrode 1 represented with the 
unknown x: 


Electrode 1: H2(g, 100.0 kPa) —> 2H*(aq,xM)+2e Eig = 0 
Electrode 2: 2 H*(aq, 1.00 M) + 2e —> H,(g, 100.0 kPa) 


Erea =0 


Overall: 2 H*(aq, 1.00 M) —> 2H*(aq, x M) 
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[H* (aq, x M)? 
[H* (aq, 1.00 M)]? 


Thus, Q 


x2 


(1.00)? 
x = [HĦ] = V7.4 x 10° = 2.7 x 107+ 


pH = —log[H*] = —log(2.7 x 10-4) = 3.57 


=x=7.4x 10% 


At electrode 1, therefore, the pH of the solution is: 


> Practice Exercise 
A concentration cell is constructed with two Zn(s)—Zn?*(aq) 
half-cells. In one half-cell [Zn?*] = 1.35 M, and in the other 
[Zn?*] = 3.75 x 10 *M. (a) Which half-cell is the anode? 


Comment The concentration of H* at electrode 1 is lower than 
that in electrode 2, which is why electrode 1 is the anode 

of the cell: The oxidation of H; to H*(aq) increases [H*] at 
electrode 1. 


(b) What is the emf of the cell? 


Self-Assessment Exercise 


20.28 A voltaic cell consisting of a Ni/Ni** half—cell and Sn/Sn2+ 
half-cell is constructed with the following initial concentra- 
tions: [Ni2*] = 1.0 M; [Sn2*] = 1.0 M. What is the concentra- 
tion of ions in each half cell when the potential = 0.12 V? 


Exercises 


20.29 A voltaic cell is constructed with all reactants and prod- 
ucts in their standard states. Will the concentration of the 
reactants increase, decrease, or remain the same as the cell 
operates? 


20.30 A voltaic cell utilizes the following reaction: 
Al(s) + 3 Ag*(aq) — Al°*(aq) + 3 Ag(s) 


What is the effect on the cell emf of each of the following 
changes? (a) Water is added to the anode half-cell, dilut- 
ing the solution. (b) The size of the aluminum electrode is 
increased. (c) A solution of AgNO; is added to the cathode 
half-cell, increasing the quantity of Ag” but not changing 
its concentration. (d) HCl is added to the AgNO; solution, 
precipitating some of the Ag* as AgCl. 


20.31 A voltaic cell utilizes the following reaction and operates at 
298 K: 
3 Ce**(aq) + Cr(s) — 3 Ce?*(aq) + Cr?” (aq) 


(a) What is the emf of this cell under standard conditions? 
(b) What is the emf of this cell when [Ce**] = 3.0M, 
[Ce**] = 0.10 M, and [Cr3*] = 0.010 M? (c) What is the 
emf of the cell when [Ce**] = 0.010 M, [Ce**] = 2.0M, 
and [Cr?*] = 1.5 M? 


20.32 A voltaic cell utilizes the following reaction: 
2 Fe**(aq) + Ho(g) —> 2 Fe**(aq) + 2 H*(aq) 


20.33 


20.34 


(a) [Ni2*] = 1.7 Mand [Sn?*] =0.27 M 
(b) [Ni2*] = 1.4 Mand [Sn2*] = 0.57 M 


(a) What is the emf of this cell under standard conditions? 
(b) What is the emf for this cell when [Fe?*] = 3.50 M, Fy,= 
96.3 kPa, [Fe?*] = 0.0010 M, and the pH in both half-cells 
is 4.00? 


A voltaic cell is constructed with two silver-silver chlo- 
ride electrodes, each of which is based on the following 
half-reaction: 


AgCl(s) +e —> Ag(s) + Cl (aq) 


The two half-cells have [C17] = 0.0150M and [CIF ]= 
2.55 M, respectively. (a) Which electrode is the cathode of 
the cell? (b) What is the standard emf of the cell? (c) What 
is the cell emf for the concentrations given? (d) For each 
electrode, predict whether [Cl] will increase, decrease, or 
stay the same as the cell operates. 


A voltaic cell is constructed that is based on the following 
reaction: 


Sn?*(aq) + Pb(s) 


> Sn(s) + Pb?*(aq) 


(a) If the concentration of Sn?* in the cathode half-cell is 
1.00 M and the cell generates an emf of +0.22 V, what is 
the concentration of Pb** in the anode half-cell? (b) If the 
anode half-cell contains [S0] = 1.00 M in equilibrium 
with PbSO4(s), what is the Ksp of PbSO4? 
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A Figure 20.18 Combining batteries. When 
batteries are connected in series, as in most 
flashlights, the total voltage is the sum of 
the individual voltages. 


20.7 | Batteries and Fuel Cells 


Batteries are the most familiar devices for converting between electrical and chemical 
energies. Objects like laptop computers, cell phones, pacemakers, and countless other 
devices rely on batteries to provide the electricity needed for operation. 

A considerable amount of effort is currently focused on research and development 
of new batteries, particularly for powering electric vehicles, for storage of solar energy 
and power tools. New batteries are needed that are lighter, can charge faster, deliver more 
power, and have longer lifetimes. At the heart of such developments are the oxidation- 
reduction reactions that power batteries. 

By the end of this section, you should be able to 


e Identify the components of common batteries 


A battery is a portable, self-contained electrochemical power source that con- 
sists of one or more voltaic cells. For example, the 1.5 V batteries used to power torches 
and many consumer electronic devices are single voltaic cells. Greater voltages can be 
achieved by using multiple cells, as in 12 V vehicle batteries. When cells are connected 
in series (which means the cathode of one attached to the anode of another), the 
battery produces a voltage that is the sum of the voltages of the individual cells. 
(Figure 20.18). Battery electrodes are marked following the convention of Figure 20.6— 
plus for cathode and minus for anode. 

Although any spontaneous redox reaction can serve as the basis for a voltaic cell, 
making a commercial battery that has specific performance characteristics requires con- 
siderable ingenuity. The substances oxidized at the anode and reduced by the cathode 
determine the voltage, and the usable life of the battery depends on the quantities of 
these substances packaged in the battery. Usually, a barrier analogous to the porous bar- 
rier of Figure 20.6 separates the anode and cathode half-cells. 

Different applications require batteries with different properties. The battery 
required to start a car, for example, must be capable of delivering a large electrical cur- 
rent for a short time period, whereas the battery that powers a heart pacemaker must 
be very small and capable of delivering a small but steady current over an extended 
time period. Some batteries are primary cells, meaning they cannot be recharged 
and must be either discarded or recycled after the voltage drops to zero. A secondary 
cell can be recharged from an external power source after its voltage has dropped. 
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As we consider some common batteries, notice how the principles we have discussed 
so far help us understand these important sources of portable electrical energy. 


Lead-Acid Battery 


A 12 V lead-acid automotive battery consists of six voltaic cells in series, each producing 
2 V. The cathode of each cell is lead dioxide (PbO,) packed on a lead grid (Figure 20.19). 
The anode of each cell is lead. Both electrodes are immersed in sulfuric acid. 

The reactions that occur during discharge are 


Cathode: PbO>(s) + HSO% (aq) + 3H*(aq) + 2€ —> PbSO,(s) + 2 H2O(/) 
Anode: Pb(s) + HSOg (aq) —> PbSO,(s) + H*(aq) + 2 e7 


Overall: PbO2(s) + Pb(s) + 2 HSO, (aq) + 2H*(aq) —> 2 PbSO,(s) + 2H2O(1) [20.20] 
W Go Figure 


The standard cell potential can be obtained from the standard reduction 
potentials in Appendix E: 


What is the oxidation state of lead in the 


Even = Erea (cathode) — Ea (anode) = (+1.69 V) — (—0.36V) = +2.05 V cathode of this battery? 


The reactants Pb and PbO, are the electrodes. Because these reactants are 
solids, there is no need to separate the cell into half-cells; the Pb and PbO, 
cannot come into contact with each other unless one electrode touches 
another. To keep the electrodes from touching, wood or glass-fiber spacers 
are placed between them (Figure 20.19). Using a reaction whose reactants 
and products are solids has another benefit. Because solids are excluded from 
the reaction quotient Q, the relative amounts of Pb(s), PbO2(s), and PbSO,(s) 
have no effect on the voltage of the lead storage battery, helping the battery 
maintain a relatively constant voltage during discharge. The voltage does 
vary somewhat with use because the concentration of HSO; varies with the 
extent of discharge. As Equation 20.20 indicates, HSO; is consumed during 
the discharge. 


A major advantage of the lead-acid battery is that it can be recharged. During Lead grid filled with FSO, 
: : ee spongy lead (anode) electrolyte 
recharging, an external source of energy is used to reverse the direction of the cell 
reaction, regenerating Pb(s) and PbO,(s): Lead grid filled with 
PbO, (cathode) 


2 PbSO,4(s) + 2 H2O(1) —> PbO,(s) + Pb(s) + 2 HSOg (aq) + 2 H* (aq) 
A Figure 20.19 A 12 V automotive lead-acid 
battery. Each anode/cathode pair in this schematic 
cutaway produces a voltage of about 2 V. Six pairs 
of electrodes are connected in series, producing 
12 V. 


In a vehicle, the alternator provides the energy necessary for recharging the bat- 
tery. Recharging is possible because PbSO, formed during discharge adheres to the 
electrodes. As the external source forces electrons from one electrode to the other, 
the PbSO, is converted to Pb at one electrode and to PbO, at the other. 


Alkaline Battery W Go Figure 


What substance is oxidized as the 
battery discharges? 


The most common primary (nonrechargeable) battery is the alkaline battery 
(Figure 20.20). The anode is powdered zinc metal immobilized in a gel in contact with 
a concentrated solution of KOH (hence, the name alkaline battery). The cathode is 
a mixture of MnO,(s) and graphite, separated from the anode by a porous fabric. 
The battery is sealed in a steel can to reduce the risk of any of the concentrated KOH 
escaping. 

The cell reactions are complex but can be approximately represented as follows: 


Separator 


Cathode: 2 MnO;(s) + 2 H20(1) + 2e —> 2MnO(OH)(s) + 2 OH (aq) 


Anode: Zn(s) + 2OH™(aq) —> Zn(OH)2(s) + 2e 
node n(s) (aq) n(OH)z(s)+ 2e Cathode (MnO, 


Anode l hi 
(Zn plus KOH) Plus graphite) 


Nickel-Cadmium and Nickel-Metal Hydride Batteries 


The tremendous growth in high-power-demand portable electronic devices in the 
last decade has increased the demand for lightweight, readily rechargable batteries. 


A Figure 20.20 Cutaway view of a 
miniature alkaline battery. 
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One relatively common rechargeable battery is the nickel-cadmium (nicad) battery. 
During discharge, cadmium metal is oxidized at the anode while nickel oxyhydroxide 
[NiO(OH)(s) ] is reduced at the cathode: 


Cathode: 2 NiO(OH)(s) + 2H,O(1) + 2e° —> 2 Ni(OH)2(s) + 2 OH (aq) 
Anode: Cd(s) + 2OH (aq) —> Cd(OH)2(s) + 2e 


As in the lead-acid battery, the solid reaction products adhere to the electrodes, which 
permits the electrode reactions to be reversed during charging. A single nicad voltaic cell 
has a voltage of 1.30 V. Nicad battery packs typically contain three or more cells in series 
to produce the higher voltages needed by most electronic devices. 

Although nickel-cadmium batteries have a number of attractive characteristics, 
the use of cadmium as the anode introduces significant limitations. Because cadmium 
is toxic, these batteries must be recycled. The toxicity of cadmium has led to a decline in 
their popularity from a peak annual production level of approximately 1.5 billion bat- 
teries in the early 2000s. Cadmium also has a relatively high density, which increases 
battery weight, an undesirable characteristic for use in portable devices and electric 
vehicles. These shortcomings have fueled the development of the nickel-metal hydride 
(NiMH) battery. The cathode reaction is the same as that for nickel-cadmium batteries, 
but the anode reaction is very different. The anode consists of a metal alloy, typically 
with AM; stoichiometry, where A is lanthanum (La) or a mixture of metals from the 
lanthanide series, and M is mostly nickel alloyed with smaller amounts of other tran- 
sition metals. On charging, water is reduced at the anode to form hydroxide ions and 
hydrogen atoms that are absorbed into the AM; alloy. When the battery is operating 
(discharging), the hydrogen atoms are oxidized and the resulting H” ions react with 
OH ions to form H,O. 


Lithium-Ion Batteries 


Currently, most portable electronic devices, including cell phones and laptop comput- 
ers, are powered by rechargeable lithium-ion (Li-ion) batteries. Because lithium is a very 
light element, Li-ion batteries achieve a greater specific energy density—the amount of 
energy stored per unit mass—than nickel-based batteries. Because Li* has a very large 
negative standard reduction potential (Table 20.1), Li-ion batteries produce a higher volt- 
age per cell than other batteries. A Li-ion battery based on (LiCoO,) cathode produces a 
maximum voltage of 3.7 V per cell, nearly three times higher than the 1.3 V per cell that 
nickel-cadmium and nickel-metal hydride batteries generate. As a result, a Li-ion battery 
can deliver more power than other batteries of comparable size, which leads to a higher 
volumetric energy density—the amount of energy stored per unit volume. 

The technology of Li-ion batteries is based on the ability of Li* ions to be 
inserted into and removed from certain layered solids. In most commercial cells, 
the anode is made of graphite, which contains layers of sp? bonded carbon atoms 
[Figure 12.29(b)]. The cathode is made of a transition metal oxide that also has a 
layered structure, typically lithium cobalt oxide (LiCoO2). The two electrodes are 
separated by an electrolyte, which functions like a salt bridge by allowing Li* ions to 
pass through it. When the cell is being charged, cobalt ions are oxidized and Li* ions 
migrate out of LiCoO, and into the graphite. During discharge, when the battery is 
producing electricity for use, the Li* ions spontaneously migrate from the graphite 
anode through the electrolyte to the cathode, enabling electrons to flow through 
the external circuit (Figure 20.21). 


Hydrogen Fuel Cells 


The thermal energy released by burning fuels can be converted to electrical energy. The 
thermal energy may convert water to steam, for instance, which drives a turbine that 
in turn drives an electrical generator. Typically, a maximum of only 40% of the energy 
from combustion is converted to electricity in this manner; the remainder is lost as heat. 
The direct production of electricity from fuels by a voltaic cell could, in principle, yield 


W Go Figure 


battery charges? 


Current collector 


The graphite anode contains layers of carbon 
atoms (black spheres). Lit can move in and 
out of the space between the layers. 


Electrolyte 
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When a Li-ion battery is fully discharged, the cathode has an empirical 
formula of LiCoO,. What is the oxidation number of cobalt in this state? 
Does the oxidation number of the cobalt increase or decrease as the 


Cathode 


Current collector 


The cathode contains cobalt oxide layers (blue 
spheres = Co, red spheres = O). Lit can move 
in and out of the space between the layers. 


A Figure 20.21 Schematic of a Li-ion battery. When the battery is discharging (operating), Li* ions 
move out of the anode and migrate through the electrolyte where they enter the spaces between the 
cobalt oxide layers, reducing the cobalt ions. To recharge the battery, electrical energy is used to 
drive the Li* back to the anode, oxidizing the cobalt ions in the cathode. 


CHEMISTRY PUT TO WORK Batteries for Hybrid and Electric Vehicles 


There has been a tremendous growth over the last two decades in 
the development of electric vehicles. This growth has been driven by 
a desire to reduce the use of fossil fuels and lower emissions. Today 
both hybrid electric vehicles and fully electric vehicles are commer- 
cially available. Hybrid electric vehicles can be powered either by 
electricity from batteries or by a conventional combustion engine, 
while fully electric vehicles are powered exclusively by the batter- 
ies (Figure 20.22). Hybrid electric vehicles can be further divided 
into plug-in hybrids, which require the owner to charge the battery 
by plugging it into a conventional outlet, or regular hybrids, which 
use regenerative braking and power from the combustion engine to 
charge the batteries. 

Among the many technological advances needed to make elec- 
tric vehicles practical, none is more important than advances in 
battery technology. Batteries for electric vehicles must have a high 
specific energy density, to reduce the weight of the car, as well as 
a high volumetric energy density, to minimize the space needed 
for the battery pack. A plot of energy densities for various types 
of rechargeable batteries is shown in Figure 20.23. The lead-acid 
batteries used in petrol- and diesel-powered automobiles are reli- 
able and inexpensive, but their energy densities are far too low for 


A Figure 20.22 Electric car. This Tesla electric automobile can go 
about 320 kilometers after 30 minutes of charging at this station. 


Continued 
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Volumetric energy density (W-h/L) 


A Figure 20.23 Energy densities of various types of batteries. 
The higher the volumetric energy density, the smaller the 
amount of space needed for the batteries. The higher the 
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practical use in an electric vehicle. Nickel-metal hydride batteries 
offer roughly three times higher energy density and until recently 
were the batteries of choice for commercial hybrid vehicles, such as 
the Toyota Prius. 

Fully electric vehicles and plug-in hybrids use Li-ion batteries 
because they offer the highest energy density of all commercially 
available batteries. As Li-ion battery technology has advanced, 
these batteries have started to displace the nickel-metal hydride 
batteries used in hybrid electric cars. Concern over safety is one 
factor that has delayed implementation of Li-ion batteries in 
commercial automobiles. In rare cases overheating and/or over- 
charging can cause Li-ion batteries to combust. Most electric 
vehicles now use Li-ion batteries where the LiCoO, cathode has 
been replaced by a cathode made from lithium manganese spinel 
(LiMn,0,). Batteries made with LiMn,O, cathodes have several 
advantages. They are not prone to thermal runaway events that 


Lighter "m can lead to combustion, they tend to have longer lifetimes, and 


150 


manganese is less expensive and more environmentally friendly 
than cobalt. However, they do have one important shortcom- 
200 250 ing—the capacity of batteries made from LiMn20; is only about 
two-thirds that of batteries with LiCoO, cathodes. Scientists and 
engineers are intensively looking for new materials that will lead 
to further improvements in the energy density, cost, lifetime, and 
safety of batteries. 
Related Exercises: 20.39, 20.59, 20.97 


specific energy density, the smaller the mass of the batteries. 
A Watt-hour (W-h) is equivalent to 3.6 x 10° Joules. 


a higher rate of conversion of chemical energy to electrical energy. Voltaic cells that per- 
form this conversion using conventional fuels, such as Hz and CHy, are called fuel cells. 
Fuel cells are not batteries because they are not self-contained systems—the fuel must be 
continuously supplied to generate electricity. 

The most common fuel cell systems involve the reaction of H2(g) and O2(g) to form 
H,O(/). These cells can generate electricity twice as efficiently as the best internal com- 
bustion engine. Under acidic conditions, the reactions are 


Cathode: O(g) +4Ht+4e —> 2H,0(1) 
Anode: 2H2(g) —> 4H*+4e 
Overall: 2 H2(g) + O2(g) —> 2 H20(1) 


These cells employ hydrogen gas as the fuel and oxygen gas from air as the oxidant and 
generate about 1 V. 

Fuel cells are often named for either the fuel or the electrolyte used. In the 
hydrogen-PEM fuel cell (the acronym PEM stands for either proton-exchange mem- 
brane or polymer-electrolyte membrane), the anode and cathode are separated by 
a membrane that is permeable to protons but not to electrons (Figure 20.24). The 
membrane therefore acts as the salt bridge. The electrodes are typically made from 
graphite. 

The hydrogen-PEM cell operates at around 80°C. At this temperature, the 
electrochemical reactions would normally occur very slowly, and so small islands of plat- 
inum are deposited on each electrode to catalyze the reactions. The high cost and relative 
scarcity of platinum are two factors that limit wider use of hydrogen-PEM fuel cells. 

In order to power a vehicle, multiple cells must be assembled into a fuel cell stack. 
The amount of power generated by a stack depends on the number and size of the fuel 
cells in the stack and on the surface area of the PEM. 

Much fuel cell research today is directed toward improving electrolytes and catalysts 
and developing cells that use fuels such as hydrocarbons and alcohols, which are less dif- 
ficult to handle and distribute than hydrogen gas. 


y 


Go Figure 


Electrons flow through an 
external circuit to produce 


electricity. 


Voltmeter 


H2(9) is oxidized 
to form H+. 


O, , H,O out 


Protons produced at 
the anode migrate 
through the PEM. 


What half-reaction occurs at the cathode? 


Pt catalysts speed 
reactions at both 
electrodes. 
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O2(g) is reduced and reacts 
with protons to form H20(9). 


A Figure 20.24 A hydrogen-PEM fuel cell. The proton-exchange membrane (PEM) allows H* ions 
generated by H2 oxidation at the anode to migrate to the cathode, where H20 is formed. 


Self-Assessment Exercise 


20.35 


Which statement is true? 
(a) Primary batteries can be recharged. 


(b) The terminal of a battery marked with a plus is where the 
oxidation reaction occurs. 

(c) Batteries containing solid reactants have a constant 
voltage during discharge. 


Exercises 


20.36 


20.37 


During the discharge of an alkaline battery, 4.50 g of Zn 
is consumed at the anode of the battery. (a) What mass of 
MnO; is reduced at the cathode during this discharge? (b) 
How many coulombs of electrical charge are transferred 
from Zn to MnO,? 


Mercuric oxide dry-cell batteries are often used where a 
flat discharge voltage and long life are required, such as 
in watches and cameras. The two half-cell reactions that 
occur in the battery are 


HgO(s) + H2O(1) + 2e7 > Hg(l) + 2 OH (aq) 
Zn(s) + 2 OH (aq) —> ZnO(s) + H2O(1) + 2e7 


20.38 


(a) Write the overall cell reaction. (b) The value of Eea for 
the cathode reaction is +0.098 V. The overall cell potential 
is +1.35 V. Assuming that both half-cells operate under 
standard conditions, what is the standard reduction poten- 
tial for the anode reaction? (c) Why is the potential of the 
anode reaction different than would be expected if the reac- 
tion occurred in an acidic medium? 


In some applications nickel-cadmium batteries have been 
replaced by nickel-zinc batteries. The overall cell reaction 
for this relatively new battery is: 


2 H,O(1) + 2 NiO(OH)(s) + Zn(s) 
—> 2.Ni(OH)9(s) + Zn(OH)(s) 
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(a)What is the cathode half-reaction? (b)What is the 
anode half-reaction? (c) A single nickel-cadmium cell has 
a voltage of 1.30 V. Based on the difference in the standard 
reduction potentials of Cd?* and Zn?*, what voltage would 
you estimate a nickel-zinc battery will produce? (d) Would 
you expect the specific energy density of a nickel-zinc bat- 
tery to be higher or lower than that of a nickel-cadmium 
battery? 


Li-ion batteries used in automobiles typically use a 
LiMn,O, cathode in place of the LiCoO, cathode found 
in most Li-ion batteries. (a) Calculate the mass percent 


20.40 


lithium in each electrode material. (b) Which material has 
a higher percentage of lithium? Does this help to explain 
why batteries made with LiMn,O, cathodes deliver less 
power on discharging? (c) In a battery that uses a LiCoO, 
cathode, approximately 50% of the lithium migrates from 
the cathode to the anode on charging. In a battery that 
uses a LiMn,O, cathode, what fraction of the lithium in 
LiMn20, would need to migrate out of the cathode to 
deliver the same amount of lithium to the graphite anode? 


(a) What is the difference between a battery and a fuel cell? 
(b) Can the “fuel” of a fuel cell be a solid? 
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The rusting of iron is a familiar corrosion process that carries a significant economic 
impact. Rust has a higher volume then iron, and this can destroy the structural integrity 
of iron-reinforced constructions if appropriate corrosion protection is not in place. One 
estimate suggests that up to 20% of the iron produced annually in the United States is 
used to replace iron objects that have been discarded because of rust damage. This can be 
particularly problematic in iron boats, where sea water acts as a good electrolyte and the 
site of corrosion is often hidden from view by the water. One method of protecting the 
iron is to attach a more active metal, usually zinc, to the hull, which will corrode prefer- 
entially, and may be easier to inspect for electrochemical corrosion than the entire hull 
of a ship. 

In this section, we examine the undesirable redox reactions that lead to corrosion 
of metals. Corrosion reactions are spontaneous redox reactions in which a metal 
is attacked by some substance in its environment and converted to an unwanted 
compound. 

By the end of this section, you should be able to 


e Appreciate the factors affecting corrosion and how to prevent corrosion 


For nearly all metals, oxidation is thermodynamically favorable in air at room tem- 
perature. When oxidation of a metal object is not inhibited, it can destroy the object. 
Oxidation can form an insulating protective oxide layer, however, that prevents further 


reaction of the underlying metal. Based on the standard reduction potential for Al**, for 
example, we expect aluminum metal to be readily oxidized. The many aluminum soft- 
drink and beer cans that litter the environment are ample evidence, however, that alu- 
minum undergoes only very slow chemical corrosion. The exceptional stability of this 
active metal in air is due to the formation of a thin protective coat of oxide—a hydrated 
form of Al,O3;—on the metal surface. The oxide coat is impermeable to O, or H2O and so 
protects the underlying metal from further corrosion. 

Magnesium metal is similarly protected, and some metal alloys, such as stainless 
steel, likewise form protective impervious oxide coats. 


Corrosion of Iron (Rusting) 


Rusting of iron requires both oxygen and water, and the process can be accelerated by 
other factors such as pH, presence of salts, contact with metals more difficult to oxidize 
than iron, and stress on the iron. The corrosion process involves oxidation and reduc- 
tion, and the metal conducts electricity. Thus, electrons can move through the metal 
from a region where oxidation occurs to a region where reduction occurs, as in voltaic 
cells. Because the standard reduction potential for reduction of Fe?” (aq) is less positive 
than that for reduction of Op, Fe(s) can be oxidized by O2(g): 


Cathode: O2(g) + 4H* (aq) + 4e€ —> 2H,0(1) red = 1.23 V 
Anode: Fe(s) — Fe**(aq)+2e Eka = —0.44V 


A portion of the iron, often associated with a dent or region of strain, can serve as an 
anode at which Fe is oxidized to Fe”* (Figure 20.25). The electrons produced in the oxi- 
dation migrate through the metal from this anodic region to another portion of the sur- 
face, which serves as the cathode where O; is reduced. The reduction of O, requires H’*, 
so lowering the concentration of H* (increasing the pH) makes O; reduction less favor- 
able. Iron in contact with a solution whose pH is greater than 9 does not corrode. 

The Fe?” formed at the anode is eventually oxidized to Fe**, which forms the 
hydrated iron(II) oxide known as rust:* 


4 Fe**(aq) + Oo(g) + 4 H20(1) + x H2O(1) —> 2 Fe20; x H,O(s) + 8 H*(aq) 


V Go Figure What is the oxidizing agent in this corrosion reaction? 


Water 
Fe oxidized at anode drop f} Fe2+ oxidized to Fe3+, 
region of metal - rust (Fe203) forms. 


O: € Oo reduced at 
cathode region 


P ç 
ze 
Fe —>Fe?* + p 
Sa O, + 4H* +4e° —> 2 H,O 


or 
O, + 2H,O + 4e°—> AO 


Electrons from Fe 
oxidation migrate to 
region acting as cathode. 


A Figure 20.25 Corrosion of iron in contact with water. One region of the iron acts as the cathode, 
and another region acts as the anode. 


*Frequently, metal compounds obtained from aqueous solution have water associated with 
them. For example, copper(II) sulfate crystallizes from water with 5 mol of water per mole of 
CuSO,. We represent this substance by the formula CuSO,- 5H20. Such compounds are called 
hydrates. Rust is a hydrate of iron(III) oxide with a variable amount of water of hydration. We 
represent this variable water content by writing the formula Fe,O3 + xH,O. 


SECTION 20.8 Corrosion 
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lron is not oxidized 


(cathode). 


Zinc coating is 
oxidized (anode). 


Zn —> Zn2* + 2e7 


| 
; SE 


O, + 4H* +4e —>2H,0 


A Figure 20.26 Cathodic protection of iron in contact with zinc. The standard reduction potentials 
are Erea, re = —0.44 V, Eea, zn2* = —0.76 V, making the zinc more readily oxidized. 


Because the cathode is generally the area having the largest supply of O3, rust often 
deposits there. If you look closely at a shovel after it has stood outside in the moist air 
with wet dirt adhered to its blade, you may notice that pitting has occurred under the 
dirt but that rust has formed elsewhere, where O is more readily available. The enhanced 
corrosion caused by the presence of salts is usually evident on cars in areas where roads 
are heavily salted during winter. Like a salt bridge in a voltaic cell, the ions of the salt pro- 
vide the electrolyte necessary to complete the electrical circuit. 


Preventing Corrosion of Iron 


Objects made of iron are often covered with a coat of paint or another metal to protect 
against corrosion. Covering the surface with paint prevents oxygen and water from 
reaching the iron surface. If the coating is broken, however, and the iron is exposed to 


Ground Soil 
electrolyte 


Iron pipe, 
cathode 


Insulated 
copper wire 


Soldered 
connection 


Sacrificial 
magnesium anode 


A Figure 20.27 Cathodic protection of an iron pipe. A mixture of 
gypsum, sodium sulfate, and clay surrounds the sacrificial magnesium 
anode to promote conductivity of ions. 


oxygen and water, corrosion begins as the iron is oxidized. 

With galvanized iron, which is iron coated with a thin layer 
of zinc, the iron is protected from corrosion even after the sur- 
face coat is broken. The standard reduction potentials are 


Fe?*(aq) + 2e° —> Fe(s) Ega = —0.44V 


Zn**(aq) +2e€° —> Zn(s) E%a = —0.76V 


Because E2.q for Fe?” is less negative (more positive) than E%q for 
Zn**, Zn(s) is more readily oxidized than Fe(s). Thus, even if the 
zinc coating is broken and the galvanized iron is exposed to oxy- 
gen and water, as in Figure 20.26, the zinc serves as the anode 
and is corroded (oxidized) instead of the iron. The iron serves as 
the cathode at which O; is reduced. 

Protecting a metal from corrosion by making it the cath- 
ode in an electrochemical cell is known as cathodic protec- 
tion. The metal that is oxidized while protecting the cathode 
is called the sacrificial anode. Underground pipelines and stor- 
age tanks made of iron are often protected against corrosion 
by making the iron the cathode of a voltaic cell. For example, 
pieces of a metal that is more easily oxidized than iron, such as 
magnesium (Ea = —2.37 V), are buried near the pipe or stor- 
age tank and connected to it by wire (Figure 20.27). In moist soil, 
where corrosion can occur, the sacrificial metal serves as the 
anode, and the pipe or tank experiences cathodic protection. 
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Self-Assessment Exercise 


20.41 Based on the values in Table 20.1, which of these metals (c) Cu 
could provide cathodic protection to iron: Ag, Zn, Cu, Ni? (d) Ni 
(a) Ag 
(b) Zn 
Exercises 


20.42 


20.43 


20.44 


(a) Write the anode and cathode reactions that cause the 
corrosion of iron metal to aqueous iron(II). (b) Write the 
balanced half-reactions involved in the air oxidation of 
Fe?" (aq) to Fe203* 3 HO(s). 

An iron object is plated with a coating of tin (Sn) to protect 
against corrosion. Does the tin protect iron by cathodic 
protection? 


Copper corrodes to cuprous oxide, CuO, or cupric oxide, 
CuO, depending on environmental conditions. (a) What is 


20.9 | Electrolysis 


N >C 


the oxidation state of copper in cuprous oxide? (b) What is 
the oxidation state of copper in cupric oxide? (c) Copper 
peroxide is another oxidation product of elemental copper. 
Suggest a formula for copper peroxide based on its 
name. (d) Copper(III) oxide is another unusual oxidation 
product of elemental copper. Suggest a chemical formula 
for copper(II) oxide. 
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There are many materials around us that combine the structural or economic proper- 
ties of one material with the decorative or corrosion-resistive properties of another. For 
example, a chrome plating on iron to give a highly resistant, shiny surface or the plating 
of gold onto copper for connectors used in the electronics industry and the silver plating 
onto a copper-nickel-zinc alloy for decorative purposes. These examples use an electrical 
current to drive a nonspontaneous process. The same principle is used for the extraction 
of some metals from their ore. 
By the end of this section, you should be able to 


e Describe, quantitatively, the reactions occurring in an electrolytic cell 


Voltaic cells are based on spontaneous redox reactions. It is also possible for non- 
spontaneous redox reactions to occur, however, by using electrical energy to drive them. 
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CL(g) Na(/) 


\S Molten NaCl 3 


2C) —> Clg) + 2e7 


2 Na‘ (I) + 2e——> 2 Na(l) 


A Figure 20.28 Electrolysis of molten sodium 
chloride. Pure NaCl melts at 801 °C. 


For example, electricity can be used to decompose molten sodium chloride into its com- 
ponent elements Na and Cl). Such processes driven by an outside source of electrical 
energy are called electrolysis reactions and take place in electrolytic cells. 

An electrolytic cell consists of two electrodes immersed either in a molten salt or in 
a solution. A battery or some other source of electrical energy acts as an electron pump, 
pushing electrons into one electrode and pulling them from the other. Just as in voltaic 
cells, the electrode at which reduction occurs is called the cathode, and the electrode at 
which oxidation occurs is called the anode. 

In the electrolysis of molten NaCl, Na* ions gain electrons and are reduced to Na at 
the cathode, Figure 20.28. As Na* ions near the cathode are depleted, additional Na‘ ions 
migrate in. Similarly, there is net movement of Cl ions to the anode where they are oxi- 
dized. The electrode reactions for the electrolysis are 


Cathode: 2Na‘(l) +2e€ —> 2Na(I) 
Anode: 2Cl (1) — Ch(g) + 2e 
Overall: 2Na‘(l) +2 Cl (1) —> 2Na(I) + Cly(g) 


Notice how the energy source is connected to the electrodes in Figure 20.28. The positive 
terminal is connected to the anode and the negative terminal is connected to the cath- 
ode, which forces electrons to move from the anode to the cathode. 

Because of the high melting points of ionic substances, the electrolysis of molten 
salts requires very high temperatures. Do we obtain the same products if we electrolyze 
the aqueous solution of a salt instead of the molten salt? Frequently, the answer is no 
because water itself might be oxidized to form O, or reduced to form H; rather than the 
ions of the salt. 

In our examples of the electrolysis of NaCl, the electrodes are inert; they do not react 
but merely serve as the surface where oxidation and reduction occur. Several practical 
applications of electrochemistry, however, are based on active electrodes—electrodes 
that participate in the electrolysis process. Electroplating, for example, uses electrolysis to 
deposit a thin layer of one metal on another metal to improve beauty or resistance to 
corrosion. Examples include electroplating nickel or chromium onto steel and electro- 
plating a precious metal like silver onto a less expensive one. 

Figure 20.29 illustrates an electrolytic cell for electroplating nickel onto a piece of 
steel. The anode is a strip of nickel metal, and the cathode is the steel. The electrodes 
are immersed in a solution of NiSO,(aq). When an external voltage is applied, reduction 
occurs at the cathode. The standard reduction potential of Ni?* (E?.g = —0.28 V) is less 
negative than that of H2O (E fa = —0.83 V), so Ni” is preferentially reduced, depositing 
a layer of nickel metal on the steel cathode. 


W COMA what is E° for this cell? 


Voltage source 


Nickel 
anode 


Anode Cathode 
Ni(s) — Ni’ (ag) + 2 e7 Ni?* (aq) + 2 e7 —> Ni(s) 


A Figure 20.29 Electrolytic cell with an active metal electrode. Nickel dissolves from the anode to 
form Ni?+(aq). At the cathode, Ni?+(aq) is reduced and forms a nickel “plate” on the steel cathode. 


At the anode, the nickel metal is oxidized. To explain this behavior, we need to 
compare the substances in contact with the anode, H2O and NiSO,(aq), with the anode 
material, Ni. For the NiSO,(aq) solution, neither Ni?* nor SO? can be oxidized (because 
both already have their elements in their highest common oxidation state). Both the 
H,0 solvent and the Ni atoms in the anode, however, can undergo oxidation: 


2H,O(1) —> 0,(g) + 4H*(aq) + 4e Frog = +1.23 V 
Ni(s) — Ni?*(aq) + 2e ea = —0.28 V 


We saw in Section 20.4 that the half-reaction with the more negative Eq undergoes 
oxidation more readily. (Remember Figure 20.11: The strongest reducing agents, which 
are the substances oxidized most readily, have the most negative Eq values.) Thus, it is 
the Ni(s), with its Eea = —0.28 V, that is oxidized at the anode rather than the H20. If 
we look at the overall reaction, it appears as if nothing has been accomplished. However, 
this is not true because Ni atoms are transferred from the Ni anode to the steel cathode, 
plating the steel with a thin layer of nickel atoms. 

The standard emf for the overall reaction is 


Eten = Erea (cathode) — Eka (anode) = (—0.28 V) — (—0.28 V) = 0 


Because the standard emf is zero, only a small emf is needed to cause the transfer of nickel 
atoms from one electrode to the other. 


Quantitative Aspects of Electrolysis 


The stoichiometry of a half-reaction shows how many electrons are needed to achieve 
an electrolytic process. For example, the reduction of Na” to Na is a one-electron process: 


Nat +e —— Na 


Thus, 1 mol of electrons plates out 1 mol of Na metal, 2 mol of electrons plate out 2 mol 
of Na metal, and so forth. Similarly, 2 mol of electrons are required to produce 1 mol of Cu 
from Cu?*, and 3 mol of electrons are required to produce 1 mol of Al from Al**: 


Cu2* +2e — > Cu 
AP*+3e — Al 


For any half-reaction, the amount of substance reduced or oxidized in an electrolytic cell 
is directly proportional to the number of electrons passed into the cell. 

The quantity of charge passing through an electrical circuit, such as that in an elec- 
trolytic cell, is generally measured in coulombs. As noted in Section 20.5, the charge on 
1 mol of electrons is 96,485 C. A coulomb is the quantity of charge passing a point in a 
circuit in 1 s when the current is 1 ampere (A). Therefore, the number of coulombs pass- 
ing through a cell can be obtained by multiplying the current in amperes by the elapsed 
time in seconds. 


coulombs = amperes X seconds [20.21] 


Figure 20.30 shows how the quantities of substances produced or consumed in elec- 
trolysis are related to the quantity of electrical charge used. The same relationships can 
also be applied to voltaic cells. In other words, electrons can be thought of as “reagents” 
in electrolysis reactions. 


a Sample Exercise 20.14 
PF Relating Electrical Charge and Quantity of Electrolysis 
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Quantity of charge 
(coulombs) = 
current (amperes) 
x time (seconds) 


Faraday 
constant 


Moles of electrons 


Balanced 
half-reaction 


Moles of 
substance oxidized 
or reduced 


Formula 
weight 


Grams of 
substance oxidized 
or reduced 


A Figure 20.30 Relationship between charge 
and amount of reactant and product in 
electrolysis reactions. 


Calculate the number of grams of aluminum produced in 1.00 h by the electrolysis of molten AlCl if the electrical current is 


10.0 A. 

SOLUTION 

Analyze We are told that AIC]; is electrolyzed to form Al and asked Plan Figure 20.30 provides a roadmap for this problem. Using the 
to calculate the number of grams of Al produced in 1.00 h with current, time, a balanced half-reaction, and the atomic weight of 
10.0 A. aluminum we can calculate the mass of Al produced. 


Continued 
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Solve 


First, we calculate the coulombs of electrical 
charge passed into the electrolytic cell (note 
that 10.0 A = 10.0 C/s): 


Coulombs = amperes X seconds = (10.0 C/sy(1.008( 


3600 5 


) = 3.60 x 10*C 


Second, we calculate the number of moles of 


electrons that pass into the cell: Moles e~ 


1mole 


4 
(3.60 x 10 2 are 


) = 0.373 mole 


Third, we relate number of moles of elec- 
trons to number of moles of aluminum 
formed, using the half-reaction for the 
reduction of Al**: 


AP++3e — Al 


Thus, 3 mol of electrons are required to form 
1 mol of Al: 


Moles Al = 


1 mol Al 


= 0.124 mol Al 
rmo) 


(0.373 mote)( 


Finally, we convert moles to grams: 


Grams Al = (0.124 molAl) ( 


27.0gAl 


aay = 3.36gAl 


Or, we could have combined all of the above 
steps: 


» Practice Exercise 


How much time is needed to deposit 1.0 g of chromium 
metal from an aqueous solution of CrCl; using a current 
of 1.5 A? 


Grams Al = (3.60 x 108@)( 


A85 E) Sore) (mora 


96,485 Z) \ 3 mote | 33588! 


(a) 3.8 x 10s (b) 21 min (c) 62 min (d) 139 min 
(e) 3.2 x 10° min 


CHEMISTRY PUT TO WORK ACA AAA a meni 


Many processes used to produce or refine metals are based 
on electrolysis. Collectively, these processes are referred to as 
electrometallurgy. Electrometallurgical procedures can be broadly 
differentiated according to whether they involve electrolysis of a 
molten salt or of an aqueous solution. 

Electrolytic methods using molten salts are important for 
obtaining the more active metals, such as sodium, magnesium, and 
aluminum. These metals cannot be obtained from aqueous solution 
because water is more easily reduced than the metal ions. The stan- 
dard reduction potentials of water under both acidic (Eea = 0.00 V) 
and basic (Ea = —0.83 V) conditions are more positive than 
those of Na*(E%.q = —2.71 V), Mg% (E%q = —2.37V), and Al** 
(Evea = —1.66V). 

Historically, obtaining aluminum metal has been a challenge. 
It is obtained from bauxite ore, which is chemically treated to con- 
centrate aluminum oxide (Al,O3). The melting point of aluminum 
oxide is above 2000 °C, which is too high to permit its use as a molten 
medium for electrolysis. 

The electrolytic process used commercially to produce alu- 
minum is the Hall-Héroult process, named after its inventors, 
Charles M. Hall and Paul Héroult. Hall (1863-1914) (Figure 20.31) 
began working on the problem of reducing aluminum in about 1885 
after he had learned from a professor of the difficulty of reducing ores 
of very active metals. Before the development of an electrolytic pro- 
cess, aluminum was obtained by a chemical reduction using sodium 
or potassium as the reducing agent, a costly procedure that made alu- 
minum metal expensive. As late as 1852, the cost of aluminum was 
$545 per pound, far greater than the cost of gold. During the Paris 


A Figure 20.31 Charles M. Hall as a young man. 


Exposition in 1855, aluminum was exhibited as a rare metal, even 
though it is the third most abundant element in Earth’s crust. 

Hall, who was 21 years old when he began his research, utilized 
handmade and borrowed equipment in his studies and used a wood- 
shed near his Ohio home as his laboratory. In about a year’s time, he 
developed an electrolytic procedure using an ionic compound that 
melts to form a conducting medium that dissolves Al2O3 but does 
not interfere with the electrolysis reactions. The ionic compound he 
selected was the relatively rare mineral cryolite (Na3AlF,). Héroult, 
who was the same age as Hall, independently made the same 


discovery in France at about the same time. Because of the research 
of these two unknown young scientists, large-scale production of 
aluminum became commercially feasible, and aluminum became 
a common and familiar metal. Indeed, the factory that Hall subse- 
quently built to produce aluminum evolved into Alcoa Corporation. 

In the Hall-Héroult process, Al,O3 is dissolved in molten cryo- 
lite, which melts at 1012 °C and is an effective electrical conductor 
(Figure 20.32). Graphite rods are employed as anodes and are con- 
sumed in the electrolysis: 


Anode: C(s) + 207 (1) —> CO,(g) + 4e 


Cathode: 3e + APH) — A) 


A large amount of electrical energy is needed in the Hall-Héroult 
process, with the result that many aluminum plants are close to cheap 
sources of electricity, such as hydroelectric power plants. Because 
recycled aluminum requires only 5% of the energy needed to produce 
“new” aluminum, considerable energy savings can be realized by 
increasing the amount of aluminum recycled. Approximately 65% of 
aluminum beverage containers are recycled in the United States. 
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Graphite 
anodes 


k si Al,O3 
Eo dissolved 
in molten 
I cryolite 
a = 
Molten Carbon-lined 
aluminum iron cathode 
metal 


A Figure 20.32 The Hall-Héroult process. Because molten 
aluminum is denser than the mixture of cryolite (Na3AIF.) and 
Al203, the metal collects at the bottom of the cell. 


Self-Assessment Exercise 


20.45 Anelectrolytic cell contains a solution of MCl,. A total charge (a) V 
of 3610 C is passed through the cell, depositing 0.648 g (b) Cr 
of the metal, M, at the cathode. What is the identity of the 
metal, M? (c) Mn 

(d) Co 
Exercises 


20.46 (a) What is an electrolytic cell? (b) The negative terminal of 
a voltage source is connected to an electrode of an electro- 
lytic cell. Is the electrode the anode or the cathode of the 
cell? Explain. (c) The electrolysis of water is often done with 
a small amount of sulfuric acid added to the water. What is 
the role of the sulfuric acid? (d) Why are active metals such 
as Al obtained by electrolysis using molten salts rather than 
aqueous solutions? 


20.47 Metallic magnesium can be made by the electrolysis of 
molten MgCl). (a) What mass of Mg is formed by passing 
a current of 4.55 A through molten MgCl, for 4.50 days? 
(b) How many minutes are needed to plate out 25.00 g Mg 
from molten MgCl, using 3.50 A of current? 


20.48 Elemental calcium is produced by the electrolysis of mol- 
ten CaCl). (a) What mass of calcium can be produced 


Sample Integrative Exercise 


by this process if a current of 7.5 x 10° A is applied for 
48 h? Assume that the electrolytic cell is 68% efficient. 
(b) What is the minimum voltage needed to cause the 
electrolysis? 


20.49 A mixture of copper and gold metals that is subjected to 
electrorefining contains tellurium as an impurity. The stan- 
dard reduction potential between tellurium and its lowest 
common oxidation state, Te*", is 


Te**(aq) +4e@ —> Te(s) Ea = 0.57 V 


Given this information, describe the probable fate of tellu- 
rium impurities during electrorefining. Do the impurities 
fall to the bottom of the refining bath, unchanged, as cop- 
per is oxidized, or do they go into solution as ions? If they 
go into solution, do they plate out on the cathode? 


$9SI919Xq JUBWSSASsSy-}[9S 0} SIaMSUY 


y 


Putting Concepts Together 


The Ksp at 298 K for iron(II) fluoride is 2.4 x 10°©. (a) Write a half-reaction that gives the likely products of the two-electron 
reduction of FeF,(s) in water. (b) Use the Ksp value and the standard reduction potential of Fe**(aq) to calculate the standard 
reduction potential for the half-reaction in part (a). (c) Rationalize the difference between the reduction potential in part (a) and 


the reduction potential for Fe?*(aq). 


Continued 


998 CHAPTER 20 Electrochemistry 


SOLUTION 

Analyze We are going to combine what we know about equi- reaction FeF, + 2e —— ?. For (b) we need to write the chemical 
librium constants and electrochemistry to obtain reduction equation associated with the K,, and see how it relates to E° for 
potentials. the reduction half-reaction in (a). For (c) we need to compare E° 


Plan For (a) we need to determine which ion, Fe?* or F7, is more 


from (b) with the value for the reduction of Fe**. 


likely to be reduced by two electrons and complete the overall 


Solve 


(a) Iron(II) fluoride is an ionic substance that 
consists of Fe?* and F` ions. We are asked to 
predict where two electrons could be added 
to FeF,. We cannot envision adding the elec- 
trons to the F ions to form F°”, so it seems 
likely that we could reduce the Fe?* ions to 
Fe(s). We therefore predict the half-reaction: 


FeF,(s) + 2e —> Fe(s) + 2F (aq) 


(b) The K,, for FeF, refers to the following equi- 
librium: 


We were also asked to use the standard 
reduction potential of Fe?*, whose half- 
reaction and standard reduction potentials 
are listed in Appendix E: 


FeF,(s) —= Fe?*(aq)+2F (aq) Kp = [Fe**][F-]}* = 2.4 x 10 


According to Hess’s law, if we can add chemical 
equations to get a desired equation, then we 
can add their associated thermodynamic 

state functions, like AH or AG, to determine 
the thermodynamic quantity for the desired 
reaction. So we need to consider whether the 
three equations we are working with can be 
combined in a similar fashion. Notice that if we 
add the Ksp reaction to the standard reduction 
half-reaction for Fe?*, we get the half-reaction 
we want: 


Reaction 3 is still a half-reaction, so we do 
see the free electrons. 


If we knew AG” for reactions 1 and 2, we 
could add them to get AG” for reaction 3. 
We can relate AG? to E° by AG? = —nFE° 
(Equation 20.12) and to K by AG° = -RT 
In K (Equation 19.20; see also Figure 20.13). 
Furthermore, we know that K for reaction 1 
is the K,, of FeF,, and we know E° for 
reaction 2. Therefore, we can calculate AG° 
for reactions 1 and 2: 


(Recall that 1 volt is 1 joule per coulomb.) 


i FeF,(s) ——> Fe?*(aq) + 2 F~ (aq) 
2. Fe?*(aq) + 2e —> Fe(s) 
Overall: 3.  FeF,(s) +2e —> Fe(s) + 2F (aq) 
Reaction 1: 


AG? = —RTInK = -(8.314J/K mol)(298 K) In(2.4 x 1076) = 3.21 x 10*J/mol 
Reaction 2: 
AG? = —nFE° = —(2)(96,485 @/mol)(—0.440J/€) = 8.49 x 10*J/mol 


Then AG” for reaction 3, the one we want, is 
the sum of the AG° values for reactions 1 and 2: 


We can convert this to E° from the relation- 
ship AG? = —nFE°: 


3.21 x 10*J/mol + 8.49 x 10*J/mol = 1.17 x 10°J/mol 


1.17 x 10°J/mol = —(2)(96,485 C/mol)E° 
1.17 x 10°J/mot 
—(2)(96,485 C/mol) 


o 


0.606J/C = —0.606 V 


(c) The standard reduction potential for 
FeF,(—0.606 V) is more negative than that 
for Fe?*(—0.440 V), telling us that the re- 
duction of Fef; is the less favorable process. 
When Fef; is reduced, we not only reduce 
the Fe”* but also break up the ionic solid. 
Because this additional energy must be over- 
come, the reduction of FeF, is less favorable 
than the reduction of Fe”. 


NT 


Chapter Summary and Key Terms 


OXIDATION STATES AND OXIDATION-REDUCTION REACTIONS 
(INTRODUCTION AND SECTION 20.1) In this chapter, we have 
focused on electrochemistry, the branch of chemistry that relates elec- 
tricity and chemical reactions. Electrochemistry involves oxidation- 
reduction reactions, also called redox reactions. These reactions 
involve a change in the oxidation state of one or more elements. In 
every oxidation-reduction reaction one substance is oxidized (its 
oxidation state, or number, increases) and one substance is reduced 
(its oxidation state, or number, decreases). The substance that is oxi- 
dized is referred to as a reducing agent, or reductant, because it causes 
the reduction of some other substance. Similarly, the substance that 
is reduced is referred to as an oxidizing agent, or oxidant, because it 
causes the oxidation of some other substance. 


BALANCING REDOX EQUATIONS (SECTION 20.2) An oxidization- 
reduction reaction can be balanced by dividing the reaction into 
two half-reactions, one for oxidation and one for reduction. A half- 
reaction is a balanced chemical equation that includes electrons. In 
oxidation half-reactions, the electrons are on the product (right) side 
of the equation. In reduction half-reactions, the electrons are on the 
reactant (left) side of the equation. Each half-reaction is balanced 
separately, and the two are brought together with proper coefficients 
to balance the electrons on each side of the equation, so the elec- 
trons cancel when the half-reactions are added. 


VOLTAIC CELLS (SECTION 20.3) A voltaic (or galvanic) cell uses a 
spontaneous oxidation-reduction reaction to generate electricity. 
In a voltaic cell the oxidation and reduction half-reactions often 
occur in separate half-cells. Each half-cell has a solid surface called an 
electrode, where the half-reaction occurs. The electrode where oxi- 
dation occurs is called the anode, and the electrode where reduction 
occurs is called the cathode. The electrons released at the anode flow 
through an external circuit (where they do electrical work) to the 
cathode. Electrical neutrality in the solution is maintained by the 
migration of ions between the two half-cells through a device such 
as a salt bridge. 


CELL POTENTIALS UNDER STANDARD CONDITIONS (SEC- 
TION 20.4) A voltaic cell generates an electromotive force (emf) that 
moves the electrons from the anode to the cathode through the 
external circuit. The origin of emf is a difference in the electrical 
potential energy of the two electrodes in the cell. The emf of a cell 
is called its cell potential, E.. and is measured in volts (1 V = 1J/C). 
The cell potential under standard conditions is called the standard 
emf, or the standard cell potential, and is denoted Egen- 

A standard reduction potential, Eq, can be assigned for an individ- 
ual half-reaction. This is achieved by comparing the potential of the 
half-reaction to that of the standard hydrogen electrode (SHE), which is 
defined to have Ev. = OV. 

The standard cell potential of a voltaic cell is the difference be- 
tween the standard reduction potentials of the half-reactions that 
occur at the cathode and the anode: 


Even = Eea (cathode) — Eẹea (anode). 


The value of Eeu is positive for a voltaic cell. 

For a reduction half-reaction, E‘.q is a measure of the ten- 
dency of the reduction to occur; the more positive the value for 
Eea, the greater the tendency of the substance to be reduced. Sub- 
stances that are easily reduced act as strong oxidizing agents; thus, 
E‘eq provides a measure of the oxidizing strength of a substance. 
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Substances that are strong oxidizing agents produce products that 
are weak reducing agents and vice versa. 


FREE ENERGY AND REDOX REACTIONS (SECTION 20.5) The emf, 
E, is related to the change in the Gibbs free energy, AG = —nFE, where 
nis the number of moles of electrons transferred during the redox 
process and F is the Faraday constant, defined as the quantity of electri- 
cal charge on one mole of electrons: F = 96,485 C/mol. Because E is 
related to AG, the sign of E indicates whether a redox process is spon- 
taneous: E > 0 indicates a spontaneous process, and E < 0 indicates 
a nonspontaneous one. Because AG is also related to the equilibrium 
constant for a reaction (AG° = —RT In K), we can relate E to K as well. 


CELL POTENTIALS UNDER NONSTANDARD CONDITIONS (SEC- 
TION 20.6) The emf of a redox reaction varies with temperature and 
with the concentrations of reactants and products. The Nernst equa- 
tion relates the emf under nonstandard conditions to the standard 
emf and the reaction quotient Q: 


E = E — (RT/nF) In Q = E — (0.0592/n) log Q 
The factor 0.0592 is valid when T = 298 K. A concentration cell is a 
voltaic cell in which the same half-reaction occurs at both the anode 
and the cathode but with different concentrations of reactants in 
each half-cell. At equilibrium, Q = Kand E = 0. 


BATTERIES AND FUEL CELLS (SECTION 20.7) A battery is a 
self-contained electrochemical power source that contains one or 
more voltaic cells. Batteries are based on a variety of different redox 
reactions. Batteries that cannot be recharged are called primary 
cells, while those that can be recharged are called secondary cells. 
The common alkaline dry cell battery is an example of a primary 
cell battery. Lead-acid, nickel-cadmium, nickel-metal hydride, and 
lithium-ion batteries are examples of secondary cells. Fuel cells are 
voltaic cells that utilize redox reactions in which reactants such as 
Hz have to be continuously supplied to the cell to generate voltage. 


CORROSION (SECTION 20.8) Electrochemical principles help us 
understand corrosion, undesirable redox reactions in which a metal 
is attacked by some substance in its environment. The corrosion of 
iron into rust is caused by the presence of water and oxygen, and it 
is accelerated by the presence of electrolytes, such as road salt. The 
protection of a metal by putting it in contact with another metal that 
more readily undergoes oxidation is called cathodic protection. Galva- 
nized iron, for example, is coated with a thin layer of zinc; because 
zinc is oxidized more readily than iron, the zinc serves as a sacrificial 
anode in the redox reaction. 


ELECTROLYSIS (SECTION 20.9) An electrolysis reaction, which is 
carried out in an electrolytic cell, employs an external source of elec- 
tricity to drive a nonspontaneous electrochemical reaction. The 
current-carrying medium within an electrolytic cell may be either a 
molten salt or an electrolyte solution. The electrodes in an electro- 
lytic cell can be inert or active, meaning that the electrode can be 
involved in the electrolysis reaction. Active electrodes are important 
in electroplating and in metallurgical processes. 

The quantity of substances formed during electrolysis can be 
calculated by considering the number of electrons involved in the 
redox reaction and the amount of electrical charge that passes into 
the cell. The amount of electrical charge is measured in coulombs 
and is related to the magnitude of the current and the time it flows 
(1C = 14A-s). 
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Learning Outcomes after studying this chapter, you should be able to: 


Identify oxidation, reduction, oxidizing agent, and reducing 
agent in a chemical equation. (Section 20.1) 
Related Exercises: 20.2, 20.62, 20.65 


Complete and balance redox equations using the method of 
half-reactions. (Section 20.2) Related Exercises: 20.9, 20.68 


Sketch a voltaic cell and identify its cathode, anode, and the 
directions in which electrons and ions move. (Section 20.3) 
Related Exercises: 20.12, 20.70 


Calculate standard emfs (cell potentials), E %n, from standard re- 
duction potentials. (Section 20.4) Related Exercises: 20.15, 20.16, 
20.17, 20.75, 20.76 


Use reduction potentials to predict whether a redox reaction is 
spontaneous. (Section 20.4) Related Exercises: 20.21, 20.82 


Relate Eg to AG? and equilibrium constants. (Section 20.5) 
Related Exercises: 20.23, 20.83 


Calculate emf under nonstandard conditions. (Section 20.6) 
Related Exercises: 20.32, 20.91 


Identify the components of common batteries. (Section 20.7) 
Related Exercises: 20.36, 20.94 


Describe the construction of a lithium-ion battery and explain 
how it works (Section 20.7) Related Exercises: 20.39, 20.97 


Describe the construction of a fuel cell and explain how it gen- 
erates electrical energy. (Section 20.7) 
Related Exercises: 20.40, 20.98 


Explain how corrosion occurs and how it is prevented by ca- 
thodic protection. (Section 20.8) Related Exercises: 20.42, 20.99 


Describe the reactions in electrolytic cells. (Section 20.9) 
Related Exercises: 20.46, 20.102 


Relate amounts of products and reactants in redox reactions to 
electrical charge. (Section 20.9) Related Exercises: 20.48, 20.104 


a 


Key Equations 


Even = Ea (cathode) — Era (anode) [20.8] 
AG = —nFE [20.11] 
E=E— 0-0592 V ogo (at 298 K) [20.18] 


Relating standard emf to standard reduction potentials of the re- 
duction (cathode) and oxidation (anode) half-reactions 


Relating free-energy change and emf 


The Nernst equation, expressing the effect of concentration on 
cell potential 


T a 
Exercises 


Visualizing Concepts 


20.50 Inthe Bronsted-Lowry concept of acids and bases, acid- 


20.51 


20.52 


base reactions are viewed as proton-transfer reactions. 
The stronger the acid, the weaker is its conjugate base. 
If we were to think of redox reactions in a similar way, 
what particle would be analogous to the proton? Would 
strong oxidizing agents be analogous to strong acids or 
strong bases? [Sections 20.1 and 20.2] 


You may have heard that “antioxidants” are good for your 
health. Is an “antioxidant” an oxidizing agent or a reduc- 
ing agent? [Sections 20.1 and 20.2] 


The diagram that follows represents a molecular view of a 
process occurring at an electrode in a voltaic cell. 


g 
Bo 

oo 

os 


(a) Does the process represent oxidation or reduction? 
(b) Is the electrode the anode or cathode? (c) Why are the 
atoms in the electrode represented by larger spheres than 
those in the solution? [Section 20.3] 


20.53 Assume that you want to construct a voltaic cell that uses 


the following half-reactions: 
A?” (aq) +2e° —> A(s) rea = —0.10 V 
B” (aq) + 2€ —> B(s) Cod = —1.10V 


You begin with the incomplete cell pictured here in which 
the electrodes are immersed in water. 


(a) What additions must you make to the cell for it to gen- 
erate a standard emf? (b) Which electrode functions as the 
cathode? (c) Which direction do electrons move through 
the external circuit? (d) What voltage will the cell generate 
under standard conditions? [Sections 20.3 and 20.4] 


20.54 


20.55 


20.56 


20.57 


Fe(s) 


20.58 


For a spontaneous reaction A(aq) + B(aq) 
B*(aq), answer the following questions: 


> A (aq) +4 


(a) If you made a voltaic cell out of this reaction, what half- 
reaction would be occurring at the cathode, and what 
half-reaction would be occurring at the anode? 

(b) Which half-reaction from (a) is higher in potential energy? 

(c) What is the sign of Egen? [Section 20.3] 

Consider the following table of standard electrode poten- 


tials for a series of hypothetical reactions in aqueous 
solution: 


Reduction Half-Reaction E°(V) 
A‘(aq) +e —> A(s) 11,8383 
B” (aq) +2e —> B(s) 0.87 
C*+ (ag) + e —> C”(ag) 0.12 
D3*(aq) +3 © — D(s) =1.59 


(a) Which substance is the strongest oxidizing agent? 
Which is weakest? 


(b) Which substance is the strongest reducing agent? 
Which is weakest? 


(c) Which substance(s) can oxidize C?*? [Sections 20.4 
and 20.5] 


Consider a redox reaction for which E° is a negative 
number. 


(a) What is the sign of AG” for the reaction? 


(b) Will the equilibrium constant for the reaction be larger 
or smaller than 1? 


(c) Can an electrochemical cell based on this reaction ac- 
complish work on its surroundings? [Section 20.5] 


Consider the following voltaic cell: 


Voltmeter 


(a) Which electrode is the cathode? 


(b) What is the standard emf generated by this cell? 


(c) What is the change in the cell voltage when the ion 
concentrations in the cathode half-cell are increased by 
a factor of 10? 


(d) What is the change in the cell voltage when the ion 
concentrations in the anode half-cell are increased by 
a factor of 10? [Sections 20.4 and 20.6] 


Consider the half-reaction Ag*(aq) +e —> Ag(s). 
(a) Which of the lines in the following diagram indicates 
how the reduction potential varies with the concentration 
of Ag*(aq)? (b) What is the value of Eqa when 
log[Ag*] = 0? [Section 20.6] 


20.59 


20.60 


Exercises 1001 


Ered 


The electrodes in a silver oxide battery are silver oxide 
(Ag20) and zinc. (a) Which electrode acts as the anode? 
(b) Which battery do you think has an energy density most 
similar to the silver oxide battery: a Li-ion battery, a nickel- 
cadmium battery, or a lead-acid battery? [Section 20.7] 


Bars of iron are put into each of the three beakers as shown 
here. In which beaker—A, B, or C—would you expect the 
iron to show the most corrosion ? [Section 20.8] 


Beaker B Beaker C 


Beaker A 
Pure water Dilute HCl(aq) Dilute NaOH(aq) 
pH = 7.0 solution solution 
pH = 4.0 pH = 10.0 


20.61 Magnesium, the element, is produced commercially by 


electrolysis from a molten salt (the “electrolyte”) using a 
cell similar to the one shown here. (a) What is the most 
common oxidation number for Mg when it is part of a salt? 
(b) Chlorine gas is evolved as voltage is applied in the cell. 
Knowing this, identify the electrolyte. (c) Recall that in an 
electrolytic cell the anode is given the + sign and the cath- 
ode is given the - sign, which is the opposite of what we see 
in batteries. What half-reaction occurs at the anode in this 
electrolytic cell? (d) What half-reaction occurs at the cath- 
ode? [Section 20.9] 


Voltage source 


Cl,(g) 


Carbon 
electrode 


Steel 
electrode 
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Oxidation-Reduction Reactions (Section 20.1) 


20.62 


20.63 


20.64 


20.65 


(a) What is meant by the term oxidation? (b) On which 
side of an oxidation half-reaction do the electrons appear? 
(c) What is meant by the term oxidant? (d) What is meant 
by the term oxidizing agent? 


Indicate whether each of the following statements is true 
or false: 


(a) If something is oxidized, it is formally losing electrons. 


(b) For the reaction Fe?*(aq) + Co**(aq) —> Fe” (aq) + 
Co**(aq), Fe**(aq) is the reducing agent and Co” (aq) 
is the oxidizing agent. 

(c) If there are no changes in the oxidation state of the re- 


actants or products of a particular reaction, that reac- 
tion is not a redox reaction. 


For each of the following balanced oxidation-reduction 
reactions, (i) identify the oxidation numbers for all the ele- 
ments in the reactants and products and (ii) state the total 
number of electrons transferred in each reaction. 


(a) 14H*(aq) + 2 Mn% (aq) + 5 NaBiO;(s) 

—> 7H,O(/) + 2MnO, + 5 Bit (aq) + 5 Na*(aq) 
(b) 2 KMnO,(aq) + 3 Na2SO3(aq) + H20(1) 

—> 2Mn0O,(s) + 3 NajSO,(aq) + 2 KOH(aq) 
(c) Cu(s) + 2 AgNO3(aq) —> 2 Ag(s) + Cu(NOs)2(aq) 


Indicate whether the following balanced equations involve 
oxidation-reduction. If they do, identify the elements that 
undergo changes in oxidation number. 


(a) 2NO,(g) + H202(aq) —> 2 HNO3(aq) 
(b) FeS(s) + 2 HCl(aq) —> FeCl,(aq) + H2S(g) 
(c) Fe(s) + 2HNO3(aq) —> H20(1) + 

2 NO2(8) + FeO(s) 


Balancing Oxidation-Reduction Reactions 
(Section 20.2) 


20.66 


20.67 


20.68 


The purification process of silicon involves the reaction 
of silicon tetrachloride vapor (SiCl4(g)) with hydrogen to 
1250°C to form solid silicon and hydrogen chloride. (a) 
Write a balanced equation for this reaction. (b) What is 
being oxidized, and what is being reduced? (c) Which sub- 
stance is the reductant, and which is the oxidant? 


Complete and balance the following half-reactions. In each 
case, indicate whether the half-reaction is an oxidation ora 
reduction. 


(a) CrO (aq) —> Cr?* (aq) (acidic solution) 

(b) Mn?*(aq) —> Mn0O3j(aq) (acidic solution) 

(c) (s) —> IO; (aq) (acidic solution) 

(d) S(s)(aq) —> H,S(g) (acidic solution) 

(e) NO; (aq) —> NO, (aq) (basic solution) 

(f) HO2(aq) —> OH (aq) (basic solution) 

Complete and balance the following equations, and iden- 

tify the oxidizing and reducing agents: 

(a) Cr207™ (aq) + (aq) — Cr**(aq) + IO; (aq) 
(acidic solution) 

(b) MnO; (aq) + CHOH (aq) —> Mn?*(aq) + 
HCOOH (aq) (acidic solution) 

(© b(s) + OCI (aq) — IO; (aq) + CI (aq) 
(acidic solution) 

(d) As,03(s) + NO; (aq) — H;AsO4(aq) + N203(aq) 
(acidic solution) 


(e) MnO, (aq) + Br (aq) —> MnO,(s) + BrO; (aq) 
(basic solution) 

(£) Pb(OH) 2 (aq) + ClO~(aq) —> PbO,(s) + CI (aq) 
(basic solution) 


Voltaic Cells (Section 20.3) 


20.69 


20.70 


Indicate whether each statement is true or false: (a) The 
cathode is the electrode at which oxidation takes place. 
(b) A galvanic cell is another name for a voltaic cell. 
(c) Electrons flow spontaneously from anode to cathode in 
a voltaic cell. 


A voltaic cell similar to that shown in Figure 20.5 is con- 
structed. One electrode half-cell consists of a magnesium 
strip placed in a solution of MgCl,, and the other has a nickel 
strip placed in a solution of NiCl,. The overall cell reaction is 


Mg(s) + Ni™ (aq) — Ni(s) + Mg” (aq) 


(a) What is being oxidized, and what is being reduced? 
(b) Write the half-reactions that occur in the two half-cells. 
(c) Which electrode is the anode, and which is the cathode? 
(d) Indicate the signs of the electrodes. (e) Do electrons flow 
from the magnesium electrode to the nickel electrode or 
from the nickel to the magnesium? (f) In which directions 
do the cations and anions migrate through the solution? 


Cell Potentials under Standard Conditions 
(Section 20.4) 


20.71 


20.72 


20.73 


20.74 


20.75 


20.76 


(a) What is the definition of the volt? (b) Do all voltaic cells 
produce a positive cell potential? 

(a) Write the half-reaction that occurs at an oxygen elec- 
trode in acidic aqueous solution when it serves as the cath- 
ode of a voltaic cell. (b) Write the half-reaction that occurs 
at an oxygen electrode in acidic aqueous solution when it 
serves as the anode of a voltaic cell. (c) What is standard 
about the standard oxygen electrode? 

(a) What conditions must be met for a reduction potential 
to be a standard reduction potential? (b) What is the standard 
reduction potential of a standard hydrogen electrode? (c) 
Why is it impossible to measure the standard reduction 
potential of a single half-reaction? 


A voltaic cell that uses the reaction 
TI*(aq) + 2 Cr?*(aq) — TI (aq) + 2 Cr? (aq) 


has a measured standard cell potential of +1.19 V. (a) Write 
the two half-cell reactions. (b) By using data from Appendix 
E, determine E%q for the reduction of Tl°*(aq) to Tl*(aq). 
(c) Sketch the voltaic cell, label the anode and cathode, and 
indicate the direction of electron flow. 


Using standard reduction potentials (Appendix E), calcu- 
late the standard emf for each of the following reactions: 


(a) Clh(g) + 21-(aq) — 2C (aq) + Ls) 
(b) Ni(s) + 2 Ce**(aq) — Ni?” (aq) + 2 Ce**(aq) 
(c) Fe(s) + 2 Fe**(aq) —> 3 Fe?*(aq) 
(d) 2NO3 (aq) + 8 H*(aq) + 3 Cu(s) —> 2NO(g) + 
4H,O(1) + 3 Cu?” (aq) 
The standard reduction potentials of the following half- 
reactions are given in Appendix E: 
Fe**(aq) + 20 —> Fe(s) 
Cd?*(aq) + 2e —> Cd(s) 
Sn**(aq) + 2€ —> Sn(s) 


Ag’(aq) +e —> Ag(s) 


20.77 


(a) Determine which combination of these half-cell reac- 
tions leads to the cell reaction with the largest positive cell 
potential and calculate the value. (b) Determine which 
combination of these half-cell reactions leads to the cell 
reaction with the smallest positive cell potential and calcu- 
late the value. 


A 1M solution of AgNO; is placed in a beaker with a strip 
of Ag metal. A 1 M solution of Cu(NO3)> is placed in a 
second beaker with a strip of Cu metal. A salt bridge con- 
nects the two beakers, and wires to a voltmeter link the two 
metal electrodes. (a) Which electrode serves as the anode, 
and which as the cathode? (b) Which electrode gains 
mass, and which loses mass as the cell reaction proceeds? 
(c) Write the equation for the overall cell reaction. (d) What 
is the emf generated by the cell under standard conditions? 


Strengths of Oxidizing and Reducing Agents 
(Section 20.4) 


20.78 


20.79 


20.80 


20.81 


20.82 


From each of the following pairs of substances, use data in 
Appendix E to choose the one that is the stronger reducing 
agent: 

(a) Al(s) or Mg(s) 

(b) Fe(s) or Ni(s) 

(c) H,(g, acidic solution) or Sn(s) 

(d) T (aq) or Br-(aq) 

By using the data in Appendix E, determine whether each 
of the following substances is likely to serve as an oxidant 
or a reductant: (a) H)(g, basic), (b) CrO (aq, acidic), 
(c) F,(g), (d) Li(s). 

(a) Assuming standard conditions, arrange the following 
in order of increasing strength as oxidizing agents in acidic 
solution: MnO, (aq), O3(g), HSO; (aq), Oo(g), HC1O(aq). 
(b) Arrange the following in order of increasing strength as 
reducing agents in basic solution: Cr(OH)3(s), Fe(s), Ca(s), 
H2(g), Mn(s). 

Based on the data in Appendix E, (a) which of the follow- 
ing is the strongest oxidizing agent, and which is the weak- 
est in acidic solution: Brz, H202, Zn, Cr,07~? (b) Which of 
the following is the strongest reducing agent, and which is 
the weakest in acidic solution: F~, Zn, N2H5*, Ip, NO? 


The standard reduction potential of Eu? (aq) is —0.43 V. 
Using Appendix E, which of the following substances is 
capable of reducing Eu**(aq) to Eu2*(aq) under standard 
conditions: Al, Co, H202, N2H5*, H2C204? 


Free Energy and Redox Reactions (Section 20.5) 


20.83 Given the following reduction half-reactions: 
Fe**(aq) + © —> Fe**(aq) Ega = +0.77 V 
S202 (aq) + 4H*(aq) + 2e° —> 2H,SO3(aq) E%q = +0.60 V 
N,O(g) + 2H*(aq) + 2 e > No(g) + H2O0(1) Eka = -1.77V 
VO3(aq) + 2H*(aq) + © —> VO**+H,0(1) Ea = +1.00V 


20.84 


20.85 


(a) Write balanced chemical equations for the oxidation 
of Fe” (aq) by S20 (aq), by N»O(aq), and by VO;*(aq). 
(b) Calculate AG” for each reaction at 298 K. (c) Calculate 
the equilibrium constant K for each reaction at 298 K. 


If the equilibrium constant for a one-electron redox reac- 
tion at 298 K is 2.2 x 10°, calculate the corresponding AG° 
and F°. 


Using the standard reduction potentials listed in Appendix 
E, calculate the equilibrium constant for each of the fol- 
lowing reactions at 298 K: 


20.86 


20.87 
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(a) Fe(s) + Ni (aq) — Fe?” (aq) + Ni(s) 
(b) Co(s) + 2H*(aq) — Co?*(aq) + H2(8) 
(c) 10 Br-(aq) + 2 MnO, (aq) + 16 H*(aq) —> 
2 Mn?*(aq) + 8 H,O(1) + 5 Br, (1) 
A cell has a standard cell potential of +0.257 V at 298 K. 
What is the value of the equilibrium constant for the reac- 
tion (a) ifn = 1? (b) ifn = 2? (c)ifn = 3? 
A voltaic cell is based on the reaction 


Sn(s) + Ip(s) — Sn” (aq) + 21T (aq) 


Under standard conditions, what is the maximum electri- 
cal work, in joules, that the cell can accomplish if 75.0 g of 
Sn is consumed? 


Cell EMF under Nonstandard Conditions 
(Section 20.6) 


20.88 


20.89 


20.90 


20.91 


20.92 


20.93 


(a) In the Nernst equation, what is the numerical value 
of the reaction quotient, Q, under standard conditions? 
(b) Can the Nernst equation be used at temperatures other 
than room temperature? 


What is the effect on the emf of the cell shown in Figure 
20.5, which has the overall reaction Zn(s) + Cu% (aq) 
—> Cu(s) + Zn?*(aq), for each of the following 
changes? (a) Zinc chloride is added to the anode half- 
cell. (b) Copper chloride is added to the anode half-cell. 
(c) The surface area of the anode is cut to half. (d) The cell 
operates for one hour. 


A voltaic cell is constructed that uses the following reaction 
and operates at 298 K: 


Zn(s) + Ni™ (aq) —> Zn?” (aq) + Ni(s) 


(a) What is the emf of this cell under standard conditions? 
(b) What is the emf of this cell when [Ni2*] = 3.00 M and 
[Zn?*] = 0.100 M? (c) What is the emf of the cell when 
[Ni2*] = 0.200 M and [Zn?*] = 0.900 M? 


A voltaic cell utilizes the following reaction: 
4 Fe**(aq) + Oo(g) + 4H*(aq) —> 4 Fe**(aq) + 2H,O(I) 


(a) What is the emf of this cell under standard conditions? 
(b) What is the emf of this cell when [Fe?*] = 1.3M, 
[Fe**] = 0.010 M, Py, = 50.0 kPa, and the pH of the solu- 
tion in the cathode half-cell is 3.50? 


A voltaic cell is constructed with two Cu?* — Cu elec- 
trodes. The two half-cells have [Cu?*] = 0.100M and 
[Cu?*] = 1.00 x 107M, respectively. (a) Which electrode 
is the cathode of the cell? (b) What is the standard emf of 
the cell? (c) What is the cell emf for the concentrations 
given? (d) For each electrode, predict whether [Cu?*] will 
increase, decrease, or stay the same as the cell operates. 


The cell in Figure 20.9 could be used to provide a measure of 
the pH in the cathode half-cell. Calculate the pH of the cath- 
ode half-cell solution if the cell emf at 298 K is measured to 
be +0.663 V when [Zn?*] = 0.10 M and Py, = 101.3 kPa. 


Batteries and Fuel Cells (Section 20.7) 


20.94 


20.95 


During a period of discharge of a lead-acid battery, 300 g 
of PbO,(s) from the cathode is converted into PbSO,(s). 
(a) What mass of Pb(s) is oxidized at the anode during this 
same period? (b) How many coulombs of electrical charge 
are transferred from Pb to PbO,? 


Heart pacemakers are often powered by lithium-silver 
chromate “button” batteries. The overall cell reaction is 


2 Li(s) + AgsCrO4(s) —> Li,CrO,(s) + 2 Ag(s) 
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(a) Lithium metal is the reactant at one of the electrodes 
of the battery. Is it the anode or the cathode? (b) Choose 
the two half-reactions from Appendix E that most closely 
approximate the reactions that occur in the battery. What 
standard emf would be generated by a voltaic cell based on 
these half-reactions? (c) The battery generates an emf of 
+3.5 V. How close is this value to the one calculated in part 
(b)? (d) Calculate the emf that would be generated at body 
temperature, 37 °C. How does this compare to the emf you 
calculated in part (b)? 


(a) Suppose that an alkaline battery was manufactured 
using cadmium metal rather than zinc. What effect would 
this have on the cell emf? (b) What environmental advan- 
tage is provided by the use of nickel-metal hydride batter- 
ies over nickel-cadmium batteries? 


In a Li-ion battery the composition of the cathode is 
LiCoO, when completely discharged. On charging, 
approximately 50% of the Li’ ions can be extracted from 
the cathode and transported to the graphite anode where 
they intercalate between the layers. (a) What is the com- 
position of the cathode when the battery is fully charged? 
(b) If the LiCoO, cathode has a mass of 10 g (when fully dis- 
charged), how many coulombs of electricity can be deliv- 
ered on completely discharging a fully charged battery? 


(a) Which reaction is spontaneous in the hydrogen fuel 
cell: hydrogen gas plus oxygen gas makes water, or water 
makes hydrogen gas plus oxygen gas? (b) Using the stan- 
dard reduction potentials in Appendix E, calculate the 
standard voltage generated by the hydrogen fuel cell in 
acidic solution. 


Corrosion (Section 20.8) 


20.99 


(a) Based on standard reduction potentials, would you 
expect copper metal to oxidize under standard conditions 
in the presence of oxygen and hydrogen ions? (b) When 
the Statue of Liberty was refurbished, Teflon spacers were 
placed between the iron skeleton and the copper metal on 
the surface of the statue. What role do these spacers play? 


20.100 


20.101 


(a) Aluminum metal is used as a sacrificial anode to protect 
offshore pipelines in salt water from corrosion. Why is the 
aluminum referred to as a “sacrificial anode”? (b) Looking 
in Appendix E, suggest what metal the pipelines could be 
made from in order for aluminum to be successful as a sac- 
rificial anode. 


Iron corrodes to produce rust, Fe,03, but other corrosion 
products that can form are Fe(O)(OH), iron oxyhydroxide, 
and magnetite, Fe;04. (a) What is the oxidation number 
of Fe in iron oxyhydroxide, assuming oxygen’s oxidation 
number is —2? (b) The oxidation number for Fe in mag- 
netite was controversial for a long time. If we assume that 
oxygen’s oxidation number is —2, and Fe has a unique 
oxidation number, what is the oxidation number for Fe 
in magnetite? (c) It turns out that there are two different 
kinds of Fe in magnetite that have different oxidation 
numbers. Suggest what these oxidation numbers are and 
what their relative stoichiometry must be, assuming oxy- 
gen’s oxidation number is —2. 


Electrolysis (Section 20.9) 


20.102 


20.103 


20.104 


20.105 


(a) What is electrolysis? (b) Are electrolysis reactions ther- 
modynamically spontaneous? (c) What process occurs at 
the anode in the electrolysis of molten NaCl? (d) Why is 
sodium metal not obtained when an aqueous solution of 
NaCl undergoes electrolysis? 


(a) A Cr**(aq) solution is electrolyzed, using a current of 
7.60 A. What mass of Cr(s) is plated out after 2.00 days? 
(b) What amperage is required to plate out 0.250 mol Cr 
from a Cr** solution in a period of 8.00 h? 


(a) Calculate the mass of Li formed by electrolysis of mol- 
ten LiCl by a current of 7.5 x 104 A flowing for a period of 
24 h. Assume the electrolytic cell is 85% efficient. (b) What 
is the minimum voltage required to drive the reaction? 


Metallic gold is collected from below the anode when a 
mixture of copper and gold metals is refined by electrolysis. 
Explain this behavior. 


Additional Exercises 


20.106 


20.107 


A disproportionation reaction is an oxidation-reduction 
reaction in which the same substance is oxidized and 
reduced. Complete and balance the following dispropor- 
tionation reactions: 


(a) Fe?*(aq) —> Fe(s) + Fe**(aq) 

(b) Br.(/) —> Br (aq) + BrO; (aq) (acidic solution) 
(c) Cré*(aq) —> CrO7 (aq) + Cr(s) (acidic solution) 
(d) NO(g) —> N2(g) + NO; (aq) (acidic solution) 


Acommon shorthand way to represent a voltaic cell is 
anode| anode solution | | cathode solution | cathode 


A double vertical line represents a salt bridge or a porous 
barrier. A single vertical line represents a change in phase, 
such as from solid to solution. (a) Write the half-reactions 
and overall cell reaction represented by Fe|Fe”*||Ag*|Ag; 
calculate the standard cell emf using data in Appendix E. 
(b) Write the half-reactions and overall cell reaction repre- 
sented by Zn| Zn? ||H*|Hz; calculate the standard cell emf 
using data in Appendix E and use Pt for the hydrogen elec- 
trode. (c) Using the notation just described, represent a cell 
based on the following reaction: 


ClO; (aq) + 3 Cu(s) + 6 H*(aq) 
—> CI (aq) + 3 Cu” (aq) + 3 H,O(I) 


20.108 


20.109 


Pt is used as an inert electrode in contact with the ClO; 
and CI. Calculate the standard cell emf given: ClO; (aq) + 
6 H*(aq) + 6€ —> CI (aq) + 3 H20(1); E° = 1.45 V. 

Predict whether the following reactions will be spon- 
taneous in acidic solution under standard conditions: 
(a) oxidation of Cu to Cu” by I, (to form I), (b) reduction 
of Fe?* to Fe by H; (to form H”), (c) reduction of I, to I~ by 
HO, (d) reduction of Ni?” to Ni by Sn?” (to form Sn*"). 


Gold exists in two common positive oxidation states, +1 
and +3. The standard reduction potentials for these oxida- 
tion states are 


+1.69 V 
+1.50 V 


Au” (aq) + e Ered 
Au**(aq) +3 © —> Au(s) Eka 


— Au(s) 


(a) Can you use these data to explain why gold does not tar- 
nish in the air? (b) Suggest several substances that should 
be strong enough oxidizing agents to oxidize gold metal. 
(c) Miners obtain gold by soaking gold-containing ores 
in an aqueous solution of sodium cyanide. A very soluble 
complex ion of gold forms in the aqueous solution because 
of the redox reaction 


4 Au(s) + 8 NaCN(aq) + 2 H,O(1) + O2(g) 
— 4Na[Au(CN), ](aq) + 4 NaOH(aq) 


20.110 


20.111 


What is being oxidized, and what is being reduced in this 
reaction? (d) Gold miners then react the basic aqueous 
product solution from part (c) with Zn dust to get gold 
metal. Write a balanced redox reaction for this process. 
What is being oxidized, and what is being reduced? 


A voltaic cell is constructed from an Cd?*(aq) — Cd(s) 
half-cell and an Ag*(aq) — Ag(s) half-cell. The initial con- 
centration of Cd?*(aq) in the Cd?” (aq) — Cd(s) half-cell 
is [Cd?*] = 0.0200 M. The initial cell voltage is +1.102 V. 
(a) By using data in Appendix E, calculate the standard emf 
of this voltaic cell. (b) Will the concentration of Cd?*(aq) 
increase or decrease as the cell operates? (c) What is the initial 
concentration of Ag*(aq) in the Agt(aq) — Ag(s) half-cell? 


A voltaic cell is constructed that uses the following half-cell 
reactions: 


Ag'(aq) + 2e€ —> Ag(s) 


I(s) +2e- — 2I (aq) 

The cell is operated at 298 K with [Ag] = 0.15 M and 
[T] = 0.035 M. (a) Determine E for the cell at these con- 
centrations. (b) Which electrode is the anode of the cell? 
(c) Is the answer to part (b) the same as it would be if the cell 
were operated under standard conditions? (d) With [Ag*] 
equal to 0.15 M, at what concentration of I” would the cell 
have zero potential? 


20.112 Using data from Appendix E, calculate the equilibrium con- 


20.113 


stant for the disproportionation of the iron(II) ion at room 
temperature: 


3 Fe?*(aq) —> Fe(s) + 2 Fe**(aq) 


(a) Write the reactions for the discharge and charge of a 
nickel-cadmium (nicad) rechargeable battery. (b) Given 
the following reduction potentials, calculate the standard 
emf of the cell: 


Cd(OH)o(s) + 2e > Cd(s) + 2 OH (aq) 


Ea = —0.76 V 


NiO(OH)(s) + H,O(1) + € —> Ni(OH)(s) + OH (aq) 
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Ea = +0.49 V 


(c) A typical nicad voltaic cell generates an emf of +1.30 V. 
Why is there a difference between this value and the one 
you calculated in part (b)? (d) Calculate the equilibrium 
constant for the overall nicad reaction based on this typical 
emf value. 


The capacity of batteries such as a lithium-ion battery is 
expressed in units of milliamp-hours (mAh). A typical bat- 
tery of this type yields a nominal capacity of 2000 mAh. 
(a) What quantity of interest to the consumer is being 
expressed by the units of mAh? (b) The starting voltage of 
a fresh lithium-ion battery is 3.60 V. The voltage decreases 


20.115 


20.116 


20.117 


20.118 


20.119 
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during discharge and is 3.20 V when the battery has delivered 
its rated capacity. If we assume that the voltage declines lin- 
early as current is withdrawn, estimate the total maximum 
electrical work the battery could perform during discharge. 


Disulfides are compounds that have S— S bonds, like per- 
oxides have O— O bonds. Thiols are organic compounds 
that have the general formula R— SH, where R is a generic 
hydrocarbon. The SH” ion is the sulfur counterpart of 
hydroxide, OH. Two thiols can react to make a disulfide, 
R—S—S—R. (a) What is the oxidation state of sulfur in 
a thiol? (b) What is the oxidation state of sulfur in a disul- 
fide? (c) If you react two thiols to make a disulfide, are you 
oxidizing or reducing the thiols? (d) If you wanted to con- 
vert a disulfide to two thiols, should you add a reducing 
agent or oxidizing agent to the solution? (e) Suggest what 
happens to the H’s in the thiols when they form disulfides. 


(a) How many coulombs are required to plate a layer of 
chromium metal 0.15 mm thick on an auto bumper with 
a total area of 0.40 m? from a solution containing CrO? 
The density of chromium metal is 7.20 g/cm*. (b) What 
current flow is required for this electroplating if the bumper 
is to be plated in 20.0 s? (c) If the external source has an 
emf of +5.5V and the electrolytic cell is 60% efficient, 
how much electrical energy is expended to electroplate the 
bumper? 


Magnesium is obtained by electrolysis of molten MgCl). 
(a) Why is an aqueous solution of MgCl, not used in the 
electrolysis? (b) Several cells are connected in parallel by 
very large copper bars that convey current to the cells. 
Assuming that the cells are 96% efficient in producing the 
desired products in electrolysis, what mass of Mg is formed 
by passing a current of 97,000 A for a period of 24 h? 


Calculate the number of kilowatt-hours of electricity 
required to produce 500 kg of aluminum by electrolysis of 
Al** if the applied voltage is 5.00 V and the process is 50% 
efficient. 


Some years ago a unique proposal was made to raise the 
Titanic. The plan involved placing pontoons within the 
ship using a surface-controlled submarine-type vessel. 
The pontoons would contain cathodes and would be 
filled with hydrogen gas formed by the electrolysis of 
water. It has been estimated that it would require about 
7 x 10° mol of H to provide the buoyancy to lift the ship 
(J. Chem. Educ., 1973, Vol. 50, 61). (a) How many cou- 
lombs of electrical charge would be required? (b) What 
is the minimum voltage required to generate H, and O; 
if the pressure on the gases at the depth of the wreckage 
(3 km) is 30 MPa? (c) What is the minimum electri- 
cal energy required to raise the Titanic by electrolysis? 
(d) What is the minimum cost of the electrical energy 
required to generate the necessary H3 if the electricity 
costs 85 cents per kilowatt-hour to generate at the site? 


C 
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The Haber process is the principal industrial route for con- 
verting nitrogen into ammonia: 


N2(8) + 3 H2(83) —> 2 NH3(g) 


(a) What is being oxidized, and what is being reduced? (b) 
Using the thermodynamic data in Appendix C, calculate 
the equilibrium constant for the process at room tempera- 
ture. (c) Calculate the standard emf of the Haber process at 
room temperature. 


In a galvanic cell the cathode is an Ag*(1.00 M)/Ag(s) 
half-cell. The anode is a standard hydrogen electrode 


20.122 


immersed in a buffer solution containing 0.10 M ben- 
zoic acid (CgH;COOH) and 0.050 M sodium benzoate 
(Cg6HsCOO Na*). The measured cell voltage is 1.030 V. 
What is the pK, of benzoic acid? 


Aqueous solutions of ammonia (NH3) and bleach (active 
ingredient NaOCl) are sold as cleaning fluids, but bottles 
of both of them warn: “Never mix ammonia and bleach, as 
toxic gases may be produced.” One of the toxic gases that 
can be produced is chloroamine, NH,,Cl. (a) What is the oxi- 
dation number of chlorine in bleach? (b) What is the oxida- 
tion number of chlorine in chloramine? (c) Is Cl oxidized, 
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reduced, or neither, upon the conversion of bleach to 
chloramine? (d) Another toxic gas that can be produced 
is nitrogen trichloride, NCI}. What is the oxidation num- 
ber of N in nitrogen trichloride? (e) Is N oxidized, reduced, 
or neither, upon the conversion of ammonia to nitrogen 
trichloride? 


20.123 A voltaic cellis based on Cu?*(aq) /Cu(s) and Br,(1) /Br (aq) 
half-cells. (a) What is the standard emf of the cell? (b) 
Which reaction occurs at the cathode and which at the 
anode of the cell? (c) Use S° values in Appendix C and the 
relationship between cell potential and free-energy change 
to predict whether the standard cell potential increases 
or decreases when the temperature is raised above 25 °C. 
(The standard entropy of Cu?” (aq) is $ = —99.6 J/K) 


20.124 Hydrogen gas has the potential for use as a clean fuel in 
reaction with oxygen. The relevant reaction is 


2 H2(8) + O2(g) — 2 H20(/) 


Consider two possible ways of utilizing this reaction as an 
electrical energy source: (i) Hydrogen and oxygen gases are 
combusted and used to drive a generator, much as coal is cur- 
rently used in the electric power industry; (ii) hydrogen and 
oxygen gases are used to generate electricity directly by using 
fuel cells that operate at 85 °C. (a) Use data in Appendix C to 
calculate AH? and AS° for the reaction. We will assume that 
these values do not change appreciably with temperature. 
(b) Based on the values from part (a), what trend would you 
expect for the magnitude of AG for the reaction as the tem- 
perature increases? (c) What is the significance of the change 
in the magnitude of AG with temperature with respect to the 
utility of hydrogen as a fuel? (d) Based on the analysis here, 
would it be more efficient to use the combustion method 
or the fuel-cell method to generate electrical energy from 
hydrogen? 


20.125 Cytochrome, a complicated molecule that we will represent 
as CyFe”*, reacts with the air we breathe to supply energy 
required to synthesize adenosine triphosphate (ATP). The 
body uses ATP as an energy source to drive other reactions 
(Section 19.7). At pH 7.0 the following reduction potentials 
pertain to this oxidation of CyFe?*: 


O2(g) + 4H*(aq) + 4€ —> 2H,0(I) red = +0.82 V 
CyFe**(aq) +€ —> CyFe?*(aq) 


(a) What is AG for the oxidation of CyFe?* by air? (b) If the 
synthesis of 1.00 mol of ATP from adenosine diphosphate 
(ADP) requires a AG of 37.7 kJ, how many moles of ATP are 
synthesized per mole of O3? 


20.126 The standard potential for the reduction of AgCl(s) is 
+0.222 V. 


Ea = +0.22V 


AgCl(s) +e —> Ag(s) + CI (aq) 


Using this value and the electrode potential for Ag*(aq), 
calculate the K,, for AgCI. 


20.127 The K, value for Agl(s) is 8.3 x 107". By using this value 
together with an electrode potential from Appendix E, 
determine the value of the standard reduction potential for 
the reaction 


Agl(s) +e —> Ag(s) +T (aq) 


20.128 A student designs an ammeter (device that measures elec- 
trical current) that is based on the electrolysis of water into 
hydrogen and oxygen gases. When electrical current of 
unknown magnitude is run through the device for 90 min, 
32.5 mL of water-saturated H,(g) is collected. The tempera- 
ture of the system is 20°C, and the atmospheric pressure is 
101.3 kPa. What is the magnitude of the average current in 
amperes? 


Design an Experiment 


You are asked to construct a voltaic cell that would simulate an al- 
kaline battery by providing an electrical output of 1.50 V at the be- 
ginning of its discharge. After you complete it, your voltaic cell will 
be used to power an external device that draws a constant current 
of 0.50 amperes for 2.0 hours. You are given the following supplies: 
electrodes of each transition metal from manganese to zinc, the 
chloride salts of the +2 transition metal ions from Mn?* to Zn?* 
(MnCly, FeClz, CoClz, NiClz, CuCl, and ZnCl,), two 100 mL bea- 
kers, a salt bridge, a voltmeter, and wires to make electrical connec- 
tions between the electrodes and the voltmeter. (a) Sketch out your 


voltaic cell labeling the metal used for each electrode and the type 
and concentration of the solutions in which each electrode is im- 
mersed. Be sure to describe how many grams of the salt are dissolved 
and the total volume of solution in each beaker. (b) What will be 
the concentrations of the transition metal ion in each solution at 
the end of the 2 h discharge? (c) What voltage will the cell register 
at the end of the discharge? (d) How long would your cell run before 
it died because the reactant in one of the half-cells was completely 
consumed? Assume the current stays constant throughout the 
discharge. 


All energy that fuels life on Earth comes ultimately from sunlight. Life on Earth could 
not exist without energy from the sun, but where does the sun get its energy? Stars, 
including our sun, use nuclear reactions that involve changes in atomic nuclei to 


generate their energy. For example, the sun produces energy by fusing hydrogen atoms 
to form helium, releasing vast amounts of energy in the process. The fusion of hydrogen 
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to form helium is the dominant nuclear reaction for most of a star’s lifetime. Towards 
the end of its life, the hydrogen in the star’s core is exhausted and the helium atoms 
fuse to form progressively heavier elements. A select few stars end their lives in dramatic 
supernova explosions. The nuclear reactions that occur when a star goes supernova are 
responsible for the existence of all naturally occurring elements heavier than nickel. 

Nuclear chemistry is the study of nuclear reactions, with an emphasis on their uses 
in chemistry and their effects on biological systems. Nuclear chemistry affects our lives 
in many ways, particularly in energy and medical applications. In rad iation therapy, for 
example, gamma rays from a radioactive substance such as cobalt-60 are directed to can- 
cerous tumors to destroy them. Positron emission tomography (PET) is one example of 
a medical diagnostic tool that relies on decay of a radioactive element injected into the 
body. 

The emanation of gamma rays from cobalt-60 is an example of a nuclear reaction, 
in which a change in matter originates in the nucleus of an atom. When nuclei change 
spontaneously, emitting radiation, they are said to be radioactive. 

Radioactivity is also used to help determine the mechanisms of chemical reactions, 
to trace the movement of atoms in biological systems and the environment and to date 
historical artifacts. 

Nuclear reactions are also used to generate electricity. Roughly 15% of the electric- 
ity generated worldwide comes from nuclear power plants, though the percentage varies 
from one country to the next. 

The use of nuclear energy for power generation is a controversial social and political 
issue because of the public’s conceptions about the safety of nuclear reactors and, more 
importantly, the difficulty of disposing of nuclear reactor waste. 

At the end of this section, you should be able to 


e Write balanced nuclear equations 


To understand nuclear reactions, we must review and develop some ideas introduced in 
Section 2.3: 


e Two types of subatomic particles reside in the nucleus: protons and neutrons. We will 
refer to these particles as nucleons. 

e All atoms of a given element have the same number of protons; this number is the 
element’s atomic number. 

e Atoms ofa given element can have different numbers of neutrons, which means they 
can have different mass numbers. The mass number is the total number of nucleons 
in the nucleus. 

e Atoms with the same atomic number but different mass numbers are known as isotopes. 


The different isotopes of an element are distinguished by their mass numbers. 
For example, the three naturally occurring isotopes of uranium are uranium-234, 
uranium-235, and uranium-238, where the numerical suffixes represent the mass num- 
bers. These isotopes are also written 235U, *a3U, and 785U, where the superscript is the 
mass number and the subscript is the atomic number.* 

Different isotopes of an element have different natural abundances. For example, 
99.3% of naturally occurring uranium is uranium-238, 0.7% is uranium-235, and only 
a trace is uranium-234. Different isotopes of an element also have different stabilities. 
Indeed, the nuclear properties of any given isotope depend on the number of protons 
and neutrons in its nucleus. 

A nuclide is a nucleus containing a specified number of protons and neutrons. 
Nuclides that are radioactive are called radionuclides, and atoms containing these 
nuclei are called radioisotopes. 


*As noted in Section 2.3, we often do not explicitly write the atomic number of an isotope be- 
cause the element symbol is specific to the atomic number. In studying nuclear chemistry, how- 
ever, it is often useful to include the atomic number in order to help us keep track of changes in 
the nuclei. 
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Nuclear Equations 


Most nuclei in nature are stable and remain intact indefinitely. Radionuclides, however, 
are unstable and spontaneously emit particles and electromagnetic radiation. Emis- 
sion of radiation is one of the ways in which an unstable nucleus is transformed into a 
more stable one that has less energy. The emitted radiation is the carrier of the excess 
energy. Uranium-238, for example, is radioactive, undergoing a nuclear reaction emit- 
ting helium-4 nuclei. The helium-4 particles are known as alpha (a) particles, and a 
stream of them is called alpha radiation. When a 735U nucleus loses an alpha particle, the 
remaining fragment has an atomic number of 90 and a mass number of 234. The element 
with atomic number 90 is Th, thorium. Therefore, the products of uranium-238 decom- 
position are an alpha particle and a thorium-234 nucleus. We represent this reaction by 
the nuclear equation 


*33U —> 736Th + 3He [21.1] 


When a nucleus spontaneously decomposes in this way, it is said to be radioactive and to 
have decayed or to have undergone radioactive decay. Because an alpha particle is involved 
in this reaction, scientists also describe the process as alpha decay or alpha emission. 

In Equation 21.1 the sum of the mass numbers is the same on both sides of the equa- 
tion (238 = 234 + 4). Likewise, the sum of the atomic numbers on both sides of the 
equation is equal (92 = 90 + 2). Mass numbers and atomic numbers must be balanced 
in all nuclear equations. 

The radioactive properties of the nucleus in an atom are independent of the chemi- 
cal state of the atom. In writing nuclear equations, therefore, we are not concerned with 
the chemical form (element or compound) of the atom in which the nucleus resides. 


\a Sample Exercise 21.1 
li Predicting the Product of a Nuclear Reaction 


What product is formed when radium-226 undergoes alpha emission? 


SOLUTION and 
Analyze We are asked to determine the nucleus that results when 
radium-226 loses an alpha particle. Hence, 


Plan We can best do this by writing a balanced nuclear reaction for 
the process. 


of 88. The complete chemical symbol for radium-226 is therefore 
26Ra. An alpha particle is a helium-4 nucleus, and so its symbol is 
He. The alpha particle is a product of the nuclear reaction, and so 


Practice Exercise 
the equation is of the form ee 


726Ra —> 4X + 4He emission? 


where A is the mass number of the product nucleus and Z is its 
atomic number. Mass numbers and atomic numbers must bal- 
ance, so 


(d) Thorium-236 


226=A+4 


Types of Radioactive Decay 


The three most common kinds of radiation given off when a radionuclide decays are 
alpha (a), beta (8), and gamma (y) radiation. Table 21.1 summarizes some of the import- 
ant properties of these types of radiation. 


Alpha Radiation As described earlier, alpha radiation consists of a stream of helium-4 
nuclei known as alpha particles, which we denote as 3He or simply a. 


88 =Z+2 


A = 222 and Z = 86 


226Ra —> 722Rn + $He 


(a) Plutonium-234 (b) Uranium-234 (c) Uranium-238 


(e) Neptunium-237 
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Again, from the periodic table, the element with Z = 86 is radon 
Solve The periodic table shows that radium has an atomic number (Rn). The product, therefore, is 4¢Rn, and the nuclear equation is 


What product forms when plutonium-238 undergoes alpha 
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TABLE 21.1 Properties of Alpha, Beta, and Gamma Radiation 
Type of Radiation 


Property a B y 

Charge Drala l= 0 

Mass 6.64x10%4g 9.11x10%¢g 0 

Relative penetrating power 1 100 10,000 

Nature of radiation 4He nuclei Electrons High-energy photons 


Beta Radiation Beta radiation consists of streams of beta (£) particles, which are 
high-speed electrons emitted by an unstable nucleus. Beta particles are represented in 
nuclear equations by _fe or more commonly by £~. The superscript 0 indicates that the 
mass of the electron is exceedingly small relative to the mass of a nucleon. The sub- 
script —1 represents the negative charge of the beta particle, which is opposite that of 
the proton. 

Iodine-131 is an isotope that undergoes decay by beta emission: 


131] —> lixe + le [21.2] 


We see from this equation that beta decay causes the atomic number of the reactant to 
increase from 53 to 54, which means a proton was created. Therefore, beta emission is 
equivalent to the conversion of a neutron ($n or simply n) to a proton (}H or simply p): 


én — HH + le or n—pt+B [21.3] 


Just because an electron is emitted from a nucleus in beta decay, we should not think that the 
nucleus is composed of these particles any more than we consider a match to be composed 
of sparks simply because it gives them off when struck. The beta-particle electron comes into 
being only when the nucleus undergoes a nuclear reaction. Furthermore, the speed of the 
beta particle is sufficiently high that it does not end up in an orbital of the decaying atom. 


Gamma Radiation Gamma (y) radiation (or gamma rays) consists of high-energy pho- 
tons (that is, electromagnetic radiation of very short wavelength). It changes neither the 
atomic number nor the mass number of a nucleus and is represented as either by or sim- 
ply y. Gamma radiation usually accompanies other radioactive emission because it repre- 
sents the energy lost when the nucleons in a nuclear reaction reorganize into more stable 
arrangements. Often gamma rays are not explicitly shown when writing nuclear equations. 


Positron Emission and Electron Capture Two other types of radioactive decay are 
positron emission and electron capture. A positron, represented as fe, or simply as £+, 
is a particle that has the same mass as an electron (thus, we use the letter e and super- 
script 0 for the mass) but the opposite charge (represented by the +1 subscript).* 

The isotope carbon-11 decays by positron emission: 


Mc — Up + „le [21.4] 


Positron emission causes the atomic number of the reactant in this equation to decrease 
from 6 to 5. In general, positron emission has the effect of converting a proton to a neu- 
tron, thereby decreasing the atomic number of the nucleus by 1 while not changing the 
mass number: 


tp —> in+.f8e or p— n+ pt [21.5] 


Electron capture is the capture by the nucleus of an electron from the electron 
cloud surrounding the nucleus, as in this rubidium-81 decay: 


SIRb + _fe (orbital electron) —> §¢Kr [21.6] 


*The positron has a very short life because it is annihilated when it collides with an electron, 
producing gamma rays: ,fe + fe — 28y. 
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TABLE 21.3 Types of Radioactive Decay TABLE 21.2 Particles Found in 

o angen, Changen Nuclear Reactions 

we NuclearEauation Momie Number Mass Number parc Symbol 
Alpha emission 4x —> 44y + $He =z =% Neutron linorn 
Beta emission 4X —> AY + %e +1 Unchanged Proton 1H or p 
Positron emission Ax —> 74Y + 9 =I Unchanged Electron noe 

_Hlectroncapture* $X + fe —>z:4Y 1 Unchanged Alpha particle 3He or a 

*The electron captured comes from the electron cloud surrounding the nucleus. Beta particle Se or 8 

Positron fe or B* 


Because the electron is consumed rather than formed in the process, it is shown on the 
reactant side of the equation. Electron capture, like positron emission, has the effect of 
converting a proton to a neutron: 


Ip + %e — in [21.7] 

Table 21.2 summarizes the symbols used to represent the particles commonly 

encountered in nuclear reactions. The various types of radioactive decay are summarized 
in Table 21.3. 


Wa Sample Exercise 21.2 
PT Writing Nuclear Equations 


Analyze We must write balanced nuclear equations in which the 
masses and charges of reactants and products are equal. 


Plan We can begin by writing the complete chemical symbols for 
the nuclei and decay particles that are given in the problem. 


Solve > Practice Exercise 
The radioactive decay of 


steps, called a radioactive 
*BoHg + -fe — 2X produced in this chain is 


(a) The information given in the question can be summarized as 


The mass numbers must have the same sum on both sides of 


the equation: thorium-232? 


(a) Alpha decay followed 


Thus, the product nucleus must have a mass number of 201. 
Similarly, balancing the atomic numbers gives 


80-1=Z transformation. 


Thus, the atomic number of the product nucleus must be 79, 
which identifies it as gold (Au): 


“Hg + fe — Bau 


(b 


wa 


In this case, we must determine what type of particle is emit- 
ted in the course of the radioactive decay: 


Th —> 73iPa + 2X 


Write nuclear equations for (a) mercury-201 undergoing electron capture; (b) thorium-231 decaying to protactinium-231. 


SOLUTION From 231 = 231 + Aand 90 = 91 + Z, wededuce A = Oand 
Z = —1. According to Table 21.2, the particle with these char- 
acteristics is the beta particle (electron). We therefore write 


Th —> BPa + fe or 784Th — > Bipa + 6 


thorium-232 occurs in multiple 
decay chain. The second product 
actinium-228. Which of the fol- 


lowing processes could lead to this product starting with 


by beta emission 


201+ 0=A (b) Beta emission followed by electron capture 

(c) Positron emission followed by alpha decay 

(d) Electron capture followed by positron emission 

(e) More than one of these is consistent with the observed 


Self-Assessment Exercise 


21.1 Carbon-11 decays by positron emission and is one radioiso- (a) ic —> Uc 4 
tope used in PET scans. What is the nuclear equation for its (b) UC 11B 
6 25 


+ fe 


decay? 
l (b) WC — N 


0, 
r +e 
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ns 
Exercises 


21.2 Indicate the number of protons and neutrons in the fol- (c) fluorine-18 emits beta particle; (d) carbon-14 decays by 
lowing nuclei: (a) 743Bi, (b) 749Pb, (c) uranium-235. beta emission. 
21.3 What do these symbols stand for? (a) 3y, (b) 3He, (c) dn. 21.5 What particle is produced during the following decay 


processes: (a) actinium-215 decays to francium-211; 
(b) boron-13 decays to carbon-13; (c) holmium-151 decays 
to terbium-147; (d) carbon-11 decays to boron-11? 


21.4 Write balanced nuclear equations for the following trans- 
formations: (a) polonium-210 emits alpha particle; 
(b) neptunium-235 undergoes electron capture; 
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21.2 | Patterns of Nuclear Stability 


Static - Energy 1 - Ant Energy 1 -Post 


Static - Energy1 - LPO 


One of the most useful radionuclides in diagnostic medicine is technetium-99m, 
°°™T¢, The ‘m’ stands for ‘metastable, indicating that the isotope is in an excited state. 
The excess energy the isotope contains is emitted as easily detectable gamma rays in the 
absence of alpha or beta particles. The isotope can be used to study the brain, heart, thy- 
roid, lungs, liver, kidneys (pictured), blood, and in the detection of bone cancer. This 
wide applicability and a short lifetime mean that nearly 95% decays to ?’Tc in 24 hours, 
by which time most of it has been flushed from the body. In turn, technetium-99 is 
unusual because it emits £ radiation in the absence of y radiation and this, in combina- 
tion with a long half-life, makes it useful for the calibration of some types of equipment. 
In this section, we look at nuclear stability. Some nuclides, such as 12C and !3C are sta- 
ble, whereas others, such as 14C, are unstable and undergo radioactive decay. Why does a 
small difference in the number of neutrons affect the stability of a nuclide? No single rule 
allows us to predict whether a particular nucleus is radioactive and, if it is, how it might 
decay. However, several empirical observations can help us predict the stability of a nucleus. 
By the end of this section, you should be able to 


e Predict nuclear stability and expected type of nuclear decay from the neutron- 
to-proton ratio of an isotope. 
e Write balanced nuclear equations for nuclear transmutation 
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Neutron-to-Proton Ratio 


Because like charges repel each other, it may seem surprising that a large number of pro- 
tons can reside within the small volume of the nucleus. At close distances, however, a 
strong force of attraction, called the strong nuclear force, exists between nucleons. Neu- 
trons are intimately involved in this attractive force. 

All nuclei other than }H contain neutrons. As the number of protons in a nucleus 
increases, there is an ever greater need for neutrons to counteract the proton-proton 
repulsions. Stable nuclei with atomic numbers up to about 20 have approximately equal 
numbers of neutrons and protons. For nuclei with atomic number above 20, the num- 
ber of neutrons exceeds the number of protons. Indeed, the number of neutrons neces- 
sary to create a stable nucleus increases more rapidly than the number of protons. Thus, 
the neutron-to-proton ratios of stable nuclei increase with increasing atomic number, as 
illustrated by the following isotopes: 1C (n/p = 1), manganese, 33Mn (n/p = 1.20), and 
gold, '9Au (n/p = 1.49). 

Figure 21.1 shows all known isotopes of the elements up to Z = 100 plotted accord- 
ing to their numbers of protons and neutrons. Notice how the plot goes above the line 
for 1:1 neutron-to-proton for heavier elements. The dark blue dots in the figure represent 
stable (nonradioactive) isotopes, the remainder being radioactive isotopes. The region 
of the graph covered by these dark blue dots is known as the belt of stability. The belt of 
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YW. Go Fi gure Estimate the optimal number of neutrons for a nucleus containing 70 protons. 
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A Figure 21.1 Stable and radioactive isotopes as a function of numbers of neutrons and protons in 
a nucleus. The stable nuclei (dark blue dots) define a region known as the belt of stability. 


mode = beta emission ”) Nuclei below belt of stability, 
dominant decay mode = positron 
emission or electron capture 
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stability ends at element 83 (bismuth), which means that all nuclei with 84 or more protons 
are radioactive. For example, all isotopes of uranium, Z = 92, are radioactive. 

Different radionuclides decay in different ways. The type of decay that occurs 
depends largely on a nuclide’s neutron-to-proton ratio and how it compares with the 
ratio of nearby nuclei that lie within the belt of stability. We can envision three general 
situations, which are labeled 1, 2, and 3, in Figure 21.1. 


1. Nuclei above the belt of stability (high neutron-to-proton ratios). These 
neutron-rich nuclei can lower their ratio and thereby move toward the belt of stabil- 
ity by emitting a beta particle because beta emission decreases the number of neu- 
trons and increases the number of protons (Equation 21.3). 


2. Nuclei below the belt of stability (low neutron-to-proton ratios). These 
proton-rich nuclei can increase their ratio and so move closer to the belt of stabil- 
ity by either positron emission or electron capture because both decays increase the 
number of neutrons and decrease the number of protons (Equations 21.5 and 21.7). 
Positron emission is more common among lighter nuclei. Electron capture becomes 
increasingly common as the nuclear charge increases. 


3. Nuclei with atomic numbers = 84. These heavy nuclei tend to undergo alpha 


emission, which decreases both the number of neutrons and the number of protons 
by two, moving the nucleus diagonally toward the belt of stability. 


> Sample Exercise 21.3 


D Predicting Modes of Nuclear Decay 


Predict the mode of decay of (a) carbon-14, (b) xenon-118. 


SOLUTION of stability have higher neutron-to-proton ratios than 
xenon-118. The nucleus can increase this ratio by either posi- 


Analyze We are asked to predict the modes of decay of two nuclei. aa 
tron emission or electron capture: 


Plan To do this, we must locate the respective nuclei in Figure 21.1 118 118 0 
: cee : ae 53} Xe —> “531+ 47e 
and determine their positions with respect to the belt of stability 
in order to predict the most likely mode of decay. llŝxe + le — 181 
Solve In this case, both modes of decay are observed. 
(a) Carbon is element 6. Thus, carbon-14 has 6 protons and Comment Keep in mind that our guidelines do not always work. 
14 — 6 = 8 neutrons, giving it a neutron-to-proton ratio of For example, thorium-233, which we might expect to undergo 
1.25. Elements with Z < 20 normally have stable nuclei that alpha decay, actually undergoes beta emission. Furthermore, a few 
contain approximately equal numbers of neutrons and pro- radioactive nuclei lie within the belt of stability. Both 146Nd and 
tons (n/p = 1). Thus, carbon-14 is located above the belt of 148Nd, for example, are stable and lie in the belt of stability. 14Na, 
stability, and we expect it to decay by emitting a beta particle however, which lies between them, is radioactive. 
to decrease the n/p ratio: 
C — YN + -fe > Practice Exercise 
This is indeed the mode of decay observed for carbon-14, a Which of the following radioactive nuclei is most likely to 
reaction that lowers the n/p ratio from 1.25 to 1.0. decay via emission of a 8” particle? 
: (a) nitrogen-13 (b) magnesium-23 (c) rubidium-83 
(b) Xenon is element 54. Thus, xenon-118 has 54 protons and (d) iodine-131 (e) neptunium-237 


118 — 54 = 64 neutrons, giving it an n/p ratio of 1.18. 
According to Figure 21.1, stable nuclei in this region of the belt 


Radioactive Decay Chains 


Some nuclei cannot gain stability by a single emission. Consequently, a series of 
successive emissions occurs as shown for uranium-238 in Figure 21.2. Decay con- 
tinues until a stable nucleus—lead-206 in this case—is formed. A series of nuclear 
reactions that begins with an unstable nucleus and terminates with a stable one is 
known as a radioactive decay chain or a nuclear disintegration series. Three 
such series occur in nature: uranium-238 to lead-206, uranium-235 to lead-207, and 
thorium-232 to lead-208. All of the decay processes in these series are either alpha 
emissions or beta emissions. 
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W Go Figure Write the nuclear equation for the step shown for the first 
decay of Th. 


Each blue arrow Each red arrow 
represents decay by represents decay by 
alpha emission. beta emission. 


238 
236 l 
234 Th->Pa>-U 
232 
230 
228 
226 
224 
222 
220 
218 
216 
214 Pb->Bi+Po 
212 
210 Pb ->Bi—Po 
208 
206 Pb 
204 


Mass number 


81 82 83 84 85 86 87 88 89 90 91 92 93 
Tl Pb Bi Po At Rn Fr Ra Ac Th Pa U Np 


Atomic number 


A Figure 21.2 Nuclear decay chain for uranium-238. The decay continues until the stable 
nucleus @°°Pb is formed. 


Further Observations 
Two further observations can help us to predict stable nuclei: 


e Nuclei with the magic numbers of 2, 8, 20, 28, 50, or 82 protons or 2, 8, 20, 28, 50, 
82, or 126 neutrons are generally more stable than nuclei that do not contain these 
numbers of nucleons. 

e Nuclei with even numbers of protons, neutrons, or both are more likely to be stable 
than those with odd numbers of protons and/or neutrons. Approximately 60% of 
stable nuclei have an even number of both protons and neutrons, whereas less than 
2% have odd numbers of both (Table 21.4). 


These observations can be understood in terms of the shell model of the nucleus, in 
which nucleons are described as residing in shells analogous to the shell structure for 
electrons in atoms. Just as certain numbers of electrons correspond to stable filled-shell 
electron configurations, so too do certain numbers (known as magic numbers) of nucle- 
ons represent filled shells in nuclei. 

There are several examples of the stability of nuclei with magic numbers of nucle- 
ons. For example, the radioactive series in Figure 21.2 ends with the stable 78$Pb nucleus, 
which has a magic number of protons (82). Another example is the observation that tin, 
which has a magic number of protons (50), has ten stable isotopes, more than any other 
element. 
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TABLE 21.4 Number of Stable 
Isotopes with Even and Odd 


Numbers of Protons and 


Neutrons 


Number of 
Stable Isotopes 
157 

53 


Proton 
Number 


Even 
Even 
Odd 
Odd 


Neutron 
Number 


Even 
Odd 
Even 
Odd 
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VY CA Among the elements shown here, how many have an even number of 
protons and fewer than three stable isotopes? How many have an odd 
number of protons and more than two stable isotopes? 


Number of 5 
stable isotopes He 
Elements with two (2) 
4 or fewer stable isotopes 5 6 7 9 
Li | Be B C |N F 
(2) Elements with three (2) | @ 


or more stable isotopes 


A Figure 21.3 Number of stable isotopes for elements 1-54. 


Evidence also suggests that pairs of protons and pairs of neutrons have a special sta- 
bility, analogous to the pairs of electrons in molecules. This evidence accounts for the 
observation that stable nuclei with an even number of protons and/or neutrons are 
far more numerous than those with odd numbers. The preference for even numbers of 
protons is illustrated in Figure 21.3, which shows the number of stable isotopes for all 
elements up to Xe. Notice that once we move past nitrogen, the elements with an odd 
number of protons invariably have fewer stable isotopes than their neighbors with an 
even number of protons. 


Nuclear Transmutations 


Thus far we have examined nuclear reactions in which a nucleus decays spontaneously. 
A nucleus can also change identity if it is struck by a neutron or by another nucleus. 
Nuclear reactions induced in this way are known as nuclear transmutations. 

In 1919, Ernest Rutherford performed the first conversion of one nucleus into 
another, using alpha particles emitted by radium to convert nitrogen-14 into oxygen-17: 


UN + 3He — YO + jH or YN+a—> O +p [21.8] 


Such reactions have allowed scientists to synthesize hundreds of radioisotopes in the 
laboratory. 

A shorthand notation often used to represent nuclear transmutations lists the tar- 
get nucleus, the bombarding particle and the ejected particle in parentheses, followed 
by the product nucleus. Using this condensed notation we see that, Equation 21.8 
becomes 


Target Product 
nucleus nucleus 
14 17 
7N(a, p) 30 
Bombarding Ejected 


particle particle 
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= Sample Exercise 21.4 
\ Writing a Balanced Nuclear Equation 


Write the balanced nuclear equation for the process summarized as 7ZAl(n, a) {{Na. 


LUTION : ; 

SOLUTI > Practice Exercise 

Analyze We must go from the condensed descriptive form of the Consider the following nuclear transmutation: 738U(n, B-)X. 
reaction to the balanced nuclear equation. What is the identity of nucleus X? 

Plan We arrive at the balanced equation by writing n and a, each (a) 88Np (b)%32U (c) 783U* (dd) 788TH (e) 763Np 


with its associated subscripts and superscripts. 


Solve The n is the abbreviation for a neutron (òn), and a represents 
an alpha particle (He). The neutron is the bombarding particle, and 
the alpha particle is a product. Therefore, the nuclear equation is 


{5Al + bn —> 7{Na + 3He or Al +n —> ĉa +a 


V 
Alternating e a 


Accelerating Charged voltage source 
Particles 


Path of particle 


Alpha particles and other positively 
charged particles must move very 
fast to overcome the electrostatic 
repulsion between them and the tar- 
get nucleus. The higher the nuclear 
charge on either the bombarding par- 
ticle or the target nucleus, the faster 
the bombarding particle must move 
to bring about a nuclear reaction. 
Many methods have been devised to 
accelerate charged particles, using 
strong magnetic and electrostatic 
fields. These particle accelera- 
tors, popularly called “atom smash- (a) 
ers,” bear such names as cyclotron and 
synchrotron. 

A common theme of all parti- 
cle accelerators is the need to create 
charged particles so that they can be 
manipulated by electric and magnetic 
fields. In addition, the region through 
which the particles move must be kept 
at high vacuum so that they do not col- 
lide with any gas-phase molecules. 

Figure 21.4(a) shows a multistage 
linear accelerator. A charged particle, 
such as a proton, is accelerated through 
a series of tubes of increasing length. 
The electrical charge on the tubes is 
changed from positive to negative, so 
that the particle is always attracted to 
the tube it is approaching and repelled 
by the one it is leaving. As a result, the 
particle accelerates until it has suffi- 
cient kinetic energy to smash into a 
target nucleus. Figure 21.4(b) shows 
the Stanford linear accelerator, whichis (b) 
3.2 km in length. A Figure 21.4 The linear accelerator. 


Proton source Target 
Evacuated tube 
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Alternating 
voltage source 


Path of Proton source 
proton beam Gh) 


Evacuated chamber 


—— Path of 


particle 
Magnet ~ Target 
(top magnet 
not shown) 
(a) Semicircular halves 


(b) 
A Figure 21.5 The cyclotron. 


Figure 21.5(a) shows a cyclotron. In 
this device, charged particles move in 
a spiral path within two D-shaped elec- 
trodes. Alternating charges on the elec- 
trodes accelerate the particles, while 
magnets above and below the device 
constrain the particles to a spiral path 
of increasing radius. In a synchrotron, the 
magnetic fields are synchronized so that 
the particle moves in a circular rather 
than a spiral path. Figure 21.5(b) shows 
the Fermi National Accelerator Lab at 
Batavia, Illinois, which has a circumfer- 
ence of 6.3 km. 


Reactions Involving 
Neutrons 


Most synthetic isotopes used in med- 
icine and scientific research are made 
using neutrons as the bombarding par- 
ticles. Because neutrons are neutral, 
they are not repelled by the nucleus. 
Consequently, they do not need to be 
accelerated to cause nuclear reactions. 
The neutrons are produced in nuclear 
reactors (see Section 21.5). For example, 
cobalt-60, which is used in cancer radi- 
ation therapy, is produced by neutron 
capture. Iron-58 is placed in a nuclear 
reactor and bombarded by neutrons 
to trigger the following sequence of 
reactions: 


38Fe + In —> 32Fe [21.9] 
32Fe —> 39Co + fe [21.10] 
38Co + bn —> $9Co [21.11] 


Transuranium Elements 


Nuclear transmutations have been 
used to produce the elements with 
atomic number above 92, collectively 
known as the transuranium ele- 
ments because they follow uranium 


in the periodic table. Elements 93 (neptunium, Np) and 94 (plutonium, Pu) were pro- 
duced in 1940 by bombarding uranium-238 with neutrons: 


238U + bn —> 2330 —> 732Np + Le [21.12] 


233Np —> 73%Pu + e [21.13] 


Elements with still larger atomic numbers are normally formed in small quantities 
in particle accelerators. Curium-242, for example, is formed when a plutonium-239 tar- 
get is bombarded with accelerated alpha particles: 


239 


94Pu + 4He —> 


242Cm + dn [21.14] 


SECTION 21.2 Patterns of Nuclear Stability 1019 


New advances in the detection of the decay patterns of single atoms have led to recent 
additions to the periodic table. Between 1994 and 2010, elements 110 through 118 were 
discovered via the nuclear reactions that occur when nuclei of much lighter elements 
collide with high energy. For example, in 1996 a team of European scientists based in 
Germany synthesized element 112, copernicium, Cn, by bombarding a lead target con- 
tinuously for three weeks with a beam of zinc atoms: 


238Pb + 38Zn —> 77$Cn + gn 


[21.15] 


Amazingly, their discovery was based on the detection of only one atom of 
the new element, which decays after roughly 100 us by alpha decay to form 
darmstadtium-273 (element 110). Within one minute, another five alpha decays 
take place producing fermium-253 (element 100). The finding has been verified in 
both Japan and Russia. 
Because experiments to create new elements are very complicated and produce only 
a very small number of atoms of the new elements, they need to be carefully evaluated 
and reproduced before the new element is made an official part of the periodic table. 
The International Union for Pure and Applied Chemistry (IUPAC) is the inter- 
national body that authorizes names of new elements after their experimental dis- 
covery and confirmation. According to the IUPAC, new elements can be named after 
a mythological concept, a mineral, a place or country, a property, or a scientist. In 
2016, IUPAC approved the following names and symbols for elements 113, 115, 117, 
and 118, as suggested by their discoverers: nihonium, Nh, for element 113; mos- 
covium, Mc, for element 115; tennessine, Ts, for element 117; and organesson, Og, for 
element 118. 


Self-Assessment Exercises 


21.6 Cobalt-60 is used in radiotherapy, in industrial radiography, 


and in sterilizing food and equipment. Which nuclear equa- 
tion represents the likely decay route of Co-60? (Hint: You 
may find it useful to refer to Figure 21.1) 


3Mn + 3a 
SONI + Ve 


SoFe + fe 


(a) 57Co —> 
(b) 57Co —> 


(c) 3Co —> 


21.7 Which nuclear equation represents the nuclear trans- 
mutation: '4C(n,p)1JB 


@ UC + jn — ip + UB 
(b) iC + Ip — in + UB 
(© B+ Ip — In + UC 


Exercises 


21.8 


21.9 


21.10 


Each of the following nuclei undergoes either beta decay 
or positron emission. Predict the type of emission for each: 
(a) 38Sr, (b) 88Sr, (c) potassium-40, (d) sulfur-30. 

One nuclide in each of these pairs is radioactive. Predict 
which is radioactive and which is stable: (a) 48Ca and 33Ca, 
(b) ?C and MC, (c) lead-206 and thorium-230. Explain 
your choice in each case. 


Despite the similarities in the chemical reactivity of ele- 
ments in the lanthanide series, their abundances in Earth’s 
crust vary by two orders of magnitude. This graph shows 
the relative abundance as a function of atomic number. 
Which of the following statements best explains the saw- 
tooth variation across the series? 


(a) The elements with an odd atomic number lie above the 
belt of stability. 


(b) The elements with an odd atomic number lie below 
the belt of stability. 


(c) The elements with an even atomic number have a 
magic number of protons. 


(d) Pairs of protons have a special stability. 


Log of abundance in Earth’s crust 


(parts per billion by mass) 


w 


2 
56 


58 


60 62 64 66 


Atomic number 


68 70 72 


21.11 Which of the following nuclides would you expect to be 


radioactive: 38Fe, $9Co, 7{Nb, mercury-202, radium-226? 
Justify your choices. 
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A radioactive decay series that begins with 232Th ends 
with formation of the stable nuclide 788Pb. How many 
alpha-particle emissions and how many beta-particle emis- 


sions are involved in the sequence of radioactive decays? 


In 1930 the American physicist Ernest Lawrence designed 
the first cyclotron in Berkeley, California. In 1937 Lawrence 
bombarded a molybdenum target with deuterium ions, 
producing for the first time an element not found in nature. 
What was this element? Starting with molybdenum-96 as 
your reactant, write a nuclear equation to represent this 
process. 


21.14 


21.15 


Complete and balance the following nuclear equations by 
supplying the missing particle: 

(a) “Ag + le — ? 

(b) 165g —> 3He +? 

(c) 7k{Po0 —> 743Pb + ? 

(d) 19B + ? — 3Li + $He 


(e) Rn —> 3He + ? 


Write balanced equations for each of the following 
nuclear reactions: (a) 73U(n, y)733U, (b) 1$0(p, a) 3N, 
(c) SO(n, 6) SF. 


(q) 9be 


y 


(e) 242 
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The discovery of radiocarbon dating around 1950 had a profound effect on archaeol- 
ogy. For the first time, it was possible to obtain the date of an organic object (for exam- 
ple, cloth, bone, parchment, or charcoal from a fire) without reference to stratigraphy. 
It also made possible the comparison of sites that were distant from one another 
showing that the same innovation could arise independently in two or more places. It 
had previously been thought that all innovations spread slowly across the pre-historic 
landscape as people migrated, traded, and invaded neighboring regions. 
By the end of this section, you should be able to 


e Use the half-life of selected radionuclides to calculate the ages of objects 


Some radioisotopes, such as uranium-238, are found in nature even though they are 
not stable. Other radioisotopes do not exist in nature but can be synthesized in nuclear 
reactions. To understand this distinction, we must realize that different nuclei undergo 
radioactive decay at different rates. Many radioisotopes decay essentially completely in 
fractions of a second, so we do not find them in nature. Uranium-238, on the other hand, 
decays very slowly. Therefore, despite its instability, we can still observe what remains 
from its formation in the early history of the universe. 

Radioactive decay is a first-order kinetic process. Recall that a first-order process has 
a characteristic half-life, which is the time required for half of any given quantity of a 
substance to react. Nuclear decay rates are commonly expressed in terms of half-lives. 
Each radioisotope has its own characteristic half-life. For example, strontium-90 has a 


half-life of 28.8 yr: 


sr — By + fe 


TABLE 21.5 The Half-Lives and Type of Decay 
for Several Radioisotopes 
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Isotope Half-Life (yr) Type of Decay 
Natural ZU 4.5 x 10° Alpha 
radioisotopes 

*33U 7.0 x 108 Alpha 

*3oTh 1.4 x 10° Alpha 

19K 1.3 x 10° Beta 

TO 5700 Beta 
Synthetic 23?Pu 24,000 Alpha 
radioisotopes 

Gs 30.2 Beta 

39Sr 28.8 Beta 

boul 0.022 Beta 


Thus, if we start with 10.0 g of strontium-90, only 5.0 g of that isotope remains after 


28.8 yr, 2.5 g remains after another 28.8 yr, and so on (Figure 21.6). 

Half-lives as short as millionths of a second and as long as billions 
of years are known. The half-lives of some radioisotopes are listed in 
Table 21.5. One important feature of half-lives for nuclear decay is 
that they are unaffected by external conditions such as temperature, 
pressure, or state of chemical combination. Unlike toxic chemicals, 
therefore, radioactive atoms cannot be rendered harmless by chemical 
reaction or by any other practical treatment. 


Radiometric Dating 


Because the half-life of any particular nuclide is constant, the half- 
life can serve as a “nuclear clock” to determine the age of objects. The 
method of dating objects based on their isotopes and isotope abun- 
dances is called radiometric dating. 

When carbon-14 is used in radiometric dating, the technique is 
known as radiocarbon dating. The procedure is based on the forma- 
tion of carbon-14 as neutrons created by cosmic rays in the upper 
atmosphere convert nitrogen-14 into carbon-14 (Figure 21.7). The 
14C reacts with oxygen to form CO, in the atmosphere, and this 
“labeled” CO; is taken up by plants and introduced into the food 
chain through photosynthesis. This process provides a small but 
reasonably constant source of carbon-14, which is radioactive and 
undergoes beta decay with a half-life of 5700 yr (to two significant 
figures): 


14C —> Yn + fe [21.17] 


Because a living plant or animal has a constant intake of car- 
bon compounds, it is able to maintain a ratio of carbon-14 to 
carbon-12 that is nearly identical with that of the atmosphere. 


YW Go Figure 


If we start with a 50.0-g sample, how much remains 
after three half-lives have passed? 
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A Figure 21.6 Decay of a 10.0 g sample of strontium-90 
(t2 = 28.8 yr). The 10 x 10 grids show how much of the 
radioactive isotope remains after various amounts of time. 
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WA Sample Exercise 21.5 
PF Calculation Involving Half-Lives 


The half-life of cobalt-60 is 5.27 yr. How much of a 1.000 mg sample of cobalt-60 is left after 15.81 yr? 


SOLUTION 


Analyze We are given the half-life for cobalt-60 and asked to calcu- 
late the amount of cobalt-60 remaining from an initial 1.000 mg 
sample after 15.81 yr. 


> Practice Exercise 
A radioisotope of technetium is useful in medical imaging 
techniques. A sample initially contains 80.0 mg of this iso- 
tope. After 24.0 h, only 5.0 mg of the technetium isotope 

Plan We will use the fact that the amount of a radioactive sub- remains. What is the half-life of the isotope? 

stance decreases by 50% for every half-life that passes. (a)3.0h (b)6.0h (c€)12.0h (d)16.0h (e)24.0h 


Solve Because 5.27 X 3 = 15.81, 15.81 yr is three half-lives for 
cobalt-60. At the end of one half-life, 0.500 mg of cobalt-60 
remains, 0.250 mg at the end of two half-lives, and 0.125 mg at 
the end of three half-lives. 


Once the organism dies, however, it no longer ingests carbon compounds to replen- 
ish the carbon-14 lost through radioactive decay. The ratio of carbon-14 to carbon-12 
therefore decreases. By measuring this ratio and comparing it with that of the atmo- 
sphere, we can estimate the age of an object. For example, if the ratio diminishes 
to half that of the atmosphere, we can conclude that the object is one half-life, or 
5700 yr, old. 


Ní TAICE How does 14CO, become incorporated into the mammalian food chain? 


i) Cosmic rays (largely protons) 
enter the atmosphere and collide 
with atoms, creating neutrons. 


l 7) Nitrogen atoms capture a neutron 
14 1 14 il 
7N + on ee iP and emit a proton, forming 14C. 
+4 


£ 14C atoms are incorporated in 
CO9, which is taken up by plants 
and made into more complex 
molecules through photosynthesis. 


P} Animals and people take in 14C 
by eating plants. 


Ð Once an organism dies, intake of 
14C ceases and its concentration 
decreases through beta emission 
to form 14N. 


A Figure 21.7 Creation and distribution of carbon-14. The ratio of carbon-14 to carbon-12 in a 
dead animal or plant is related to the time since death occurred. 
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This method cannot be used to date objects older than about 50,000 yr because after 
this length of time the radioactivity is too low to be measured accurately. 

In radiocarbon dating, a reasonable assumption is that the ratio of carbon-14 to 
carbon-12 in the atmosphere has been relatively constant for the past 50,000 yr. How- 
ever, because variations in solar activity control the amount of carbon-14 produced in 
the atmosphere, that ratio can fluctuate. We can correct for this effect by using other 
kinds of data. Recently, scientists have compared carbon-14 data with data from tree 
rings, corals, lake sediments, ice cores, and other natural sources to correct variations in 
the carbon-14 “clock” back to 26,000 yr. 

Other isotopes can be similarly used to date other types of objects. For example, 
it takes 4.5 x 10° yr for half of a sample of uranium-238 to decay to lead-206. The age 
of rocks containing uranium can therefore be determined by measuring the ratio of 
lead-206 to uranium-238. If the lead-206 had somehow become incorporated into the 
rock by normal chemical processes instead of by radioactive decay, the rock would also 
contain large amounts of the more abundant isotope lead-208. In the absence of large 
amounts of this “geonormal” isotope of lead, it is assumed that all of the lead-206 was at 
one time uranium-238. 

The oldest rocks found on Earth are approximately 3 x 10? yr old. This age indicates 
that Earth’s crust has been solid for at least this length of time. Scientists estimate that it 
required 1 x 10’ to 1.5 x 10° yr for Earth to cool and its surface to become solid, making 
the age of Earth 4.0 to 4.5 x 10? yr. 


Calculations Based on Half-Life 


The rate at which a sample decays is called its activity, and it is often expressed as 
number of disintegrations per unit time. The becquerel (Bq) is the SI unit for express- 
ing activity. A becquerel is defined as one nuclear disintegration per second. An older, 
but still widely used, unit of activity is the curie (Ci), defined as 3.7 x 101° disintegra- 
tions per second, which is the rate of decay of 1 g of radium. Thus, a 4.0 mCi sample of 
cobalt-60 undergoes 


3.7 X 10!° disintegrations/s 


.0 X 10-3 Gi x 
4.0 x 10 ° Gi IG 


1.5 x 10° disintegrations/s 


and so has an activity of 1.5 x 108 Bq. 

As a radioactive sample decays, the amount of radiation emanating from the sample 
decays as well. For example, the half-life of cobalt-60 is 5.27 yr. The 4.0 mCi sample of 
cobalt-60 would, after 5.27 yr, have a radiation activity of 2.0 mCi, or 7.5 X 107 Bq. 

Because radioactive decay is a first-order kinetic process, its rate is proportional to 
the number of radioactive nuclei Nin a sample: 


Rate = kN [21.18] 


The first-order rate constant, k, is called the decay constant and is related to the half-life: 


0.693 
ti/2 


k [21.19] 


Thus, if we know the value of either the half-life or the decay constant, we can calculate 
the value of the other. 
As we saw in Section 14.4, a first-order rate law can be expressed in the following form: 


N: 

na = —kt [21.20] 
In this equation tis the time interval of decay, k is the decay constant, No is the initial 
number of nuclei (at time zero), and N; is the number remaining after the time interval. 
Both the mass of a particular radioisotope and its activity are proportional to the num- 
ber of radioactive nuclei. Thus, either the ratio of the mass at any time t to the mass at 
time t = 0 or the ratio of the activities at time t and t = 0 can be substituted for N;/No 
in Equation 21.20. 
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a Sample Exercise 21.6 
lt Calculating the Age of Objects Using Radioactive Decay 


lead-206 is 4.5 X 10° yr. How old is the rock? 


SOLUTION 


Analyze We are asked to calculate the age of a rock containing 
uranium-238 and lead-206, given the half-life of the uranium-238 
and the relative amounts of the uranium-238 and lead-206. 


Plan Lead-206 is the product of the radioactive decay of 
uranium-238. We will assume that the only source of lead-206 in 


Solve Let’s assume that the rock currently contains 1.000 mg 
of uranium-238 and therefore 0.257 mg of lead-206. The 
amount of uranium-238 in the rock when it was first formed 
therefore equals 1.000 mg plus the quantity that has decayed 
to lead-206. Because the mass of lead atoms is not the same as 
the mass of uranium atoms, we cannot just add 1.000 mg and 
0.257 mg. We have to multiply the present mass of lead-206 
(0.257 mg) by the ratio of the mass number of uranium to that 
of lead, into which it has decayed. Therefore, the original mass 


of 785U was 


238 
Original 7388U = 1.000 mg + Zog (0-257 mg) 


= 1.297 mg 


Using Equation 21.19, we can calculate the decay constant for the 
process from its half-life: 
0.693 


apea O 


P Sample Exercise 21.7 


s Calculations Involving Radioactive Decay and Time 


A rock contains 0.257 mg of lead-206 for every milligram of uranium-238. The half-life for the decay of uranium-238 to 


the rock is from the decay of uranium-238, which has a known 
half-life. To apply first-order kinetics expressions (Equations 
21.19 and 21.20) to calculate the time elapsed since the rock was 
formed, we first need to calculate how much initial uranium-238 
there was for every 1 mg that remains today. 


Rearranging Equation 21.20 to solve for time, t, and substituting 
known quantities gives 
1, Ni 1 1.000 
In n 
k N 1.5% 10° Myr} 1.297 


1.7 x 10° yr 


> Practice Exercise 
Cesium-137, which has a half-life of 30.2 yr, isa component 
of the radioactive waste from nuclear power plants. If the 
activity due to cesium-137 in a sample of radioactive waste has 
decreased to 35.2% of its initial value, how old is the sample? 
(a) 1.04yr (b)15.4yr (c)31.5yr (d)45.5yr (e) 156 yr 


If we start with 1.000 g of strontium-90, 0.953 g will remain after 2.00 yr. (a) What is the half-life of strontium-90? (b) How 
much strontium-90 will remain after 5.00 yr? 


SOLUTION 


Analyze (a) Weare asked to calculate a half-life, t,/2, based 

on data that tell us how much of a radioactive nucleus has 
decayed in a time interval t = 2.00 yr and the information 

No = 1.000 g, N; = 0.953 g. (b) We are asked to calculate the 
amount of a radionuclide remaining after a given period of time. 


Solve 


(a) Equation 21.20 is solved for the decay constant, k, and then 
Equation 21.19 is used to calculate half-life, t; 2: 


Plan (a) We first calculate the rate constant for the decay, k, 
and then we use that to compute t;/2. (b) We need to calculate 
N, the amount of strontium present at time t, using the initial 
quantity, No, and the rate constant for decay, k, calculated in 
part (a). 


N, 1 0.953 g 
k In: n 
t No 2.00yr 1.000 g 
1 =t 
2.00 yt (—0.0481) = 0.0241 yr 
0.693 0.693 
nec ea a 


Continued 
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b) Again using Equation 21.20, with k = 0.0241 yr“, we have: 
(b) Ag g Eq y 


N;/ No is calculated from In(N;/No) = —0.120 using the e* or 
INV LN function of a calculator: 


Because Nọ = 1.000 g, we have: 


> Practice Exercise 


As mentioned in the previous Practice Exercise, cesium-137, 
a component of radioactive waste, has a half-life of 30.2 
yr. If a sample of waste has an initial activity of 15.0 Ci due 


N 

na = —kt = —(0.0241 yr=*)(5.00 yf) = —0.120 
0 

N, 

— = e12 = 0.887 

No 


N, = (0.887)No = (0.887)(1.000 g) = 0.887 g 


to cesium-137, how long will it take for the activity due to 
cesium-137 to drop to 0.250 Ci? 
(a) 0.728 yr (b)60.4yr (c)78.2yr (d)124yr (e)178 yr 


Self-Assessment Exercise 


21.16 A one-gram sample of carbon from peat moss has an activity 
of 0.350 mCi. A reference or modern standard sample yields 
0.446 mCi. What is the radiocarbon age of the peat moss giv- 
en a half-life of 4C = 5700 years? 


(a) Age = 880 yr old 
(b) Age = 1400 yr old 
(c) Age = 2000 yr old 


Exercises 


21.17 It has been suggested that strontium-90 (generated by 
nuclear testing) deposited in the hot desert will undergo 
radioactive decay more rapidly because it will be exposed to 
much higher average temperatures. (a) Is this a reasonable 
suggestion? (b) Does the process of radioactive decay have 
an activation energy, like the Arrhenius behavior of many 
chemical reactions (Section 14.5)? 


21.18 It takes 180 minutes for a 200 mg sample of an unknown 
radioactive substance to decay to 112 mg. What is the half- 
life of this substance? 


21.19 How much time is required for a 5.00 g sample of ”3Pa to 
decay to 0.625 g if the half-life for the beta decay of ?33Pa is 
27.4 days? 


21.20 lodine-131, which undergoes beta decay, has a half-life of 
8.02 days. (a) How many beta particles are emitted in 1 min 
by a 5.00 mg sample of 1°11? (b) What is the activity of the 
sample in Bq? 

21.21 A wooden artifact from an Indian temple has a C activity 
of 42 counts per minute as compared with an activity of 58.2 
counts per minute for a standard zero age. From the half-life 
of !4C decay, 5715 years, calculate the age of the artifact. 


21.22 Jodine-131 is used as a nuclear medicine to treat hyperthyroid- 
ism. The half-life of 13" is 8.04 days. How long will it take for a 
500 mg sample of !31I to decay into 1% of its original mass? 


ƏS131ƏX7 JUBWISSASsy-}]9S 0} SIaMSUY 
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21.4 | Detection of Radioactivity 


Domestic smoke alarms of the ‘ionization’ type contain a small amount of radioactive 
material (usually Am-241). This ionizes the air in a chamber in the alarm allowing a 
small current to flow. If there is smoke present, this disrupts the flow of ions, which 
triggers an alarm to sound. This is just one common device in which radionuclides are 
present. In order to ensure such devices are safe to have in the home the amount of 
radiation they emit is carefully regulated. In this section, we look at the ways to quan- 
tify radiation. By the end of this section, you should 


e Appreciate the two main ways to detect radioactivity 


A variety of methods have been devised to detect emissions from radioactive sub- 
stances. Henri Becquerel discovered radioactivity because radiation caused fogging of 
photographic plates, and since that time photographic plates and film have been used 
to detect radioactivity. The radiation affects photographic film in much the same way 
as X-rays do. The greater the extent of exposure to radiation, the darker the area of the 
developed negative. People who work with radioactive substances carry film badges to 
record the extent of their exposure to radiation (Figure 21.8). 


W CE which type of radiation—alpha, beta, or gamma—is likely to 
fog a film that is sensitive to X rays? 


The film strip is white The film strip is 
before exposure to darkened on exposure 
radiation. to radiation. 


Te rasan sponse 3y ~ 


Ot of he racer serae SO eh he 
i C 


A Figure 21.8 Badge dosimeters monitor the extent to which the individual has been exposed to 
high-energy radiation. The radiation dose is determined from the extent of darkening of the film 
in the dosimeter. 
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VY Go Figure Which property of the atoms of gas inside a Geiger counter is most 
relevant to the operation of the device? 


®® Current is amplified and measured 
as series of pulses. The greater the 
amount of radiation, the greater the 
number of pulses. 


Metal cylinder D Radiation (a-, B-, or y-rays) 
acting as Anode (+) penetrates thin window. 
cathode (—) 


y Argon gas 


Amplifier : y-ray 


and counter 


n Thin window 
voltage penetrated by 
radiation 


Radiation ionizes gaseous atoms 
(usually Ar or He), creating positively 
charged ions and electrons. 


Charged particles moving 
between anode and cathode 
create electric current. 


A Figure 21.9 Schematic drawing of a Geiger counter. 


Radioactivity can also be detected and measured by a Geiger counter. The operation 
of this device is based on the fact that radiation is able to ionize matter. The ions and 
electrons produced by the ionizing radiation permit conduction of an electrical current. 
The basic design of a Geiger counter is shown in Figure 21.9. A current pulse between the 
anode and the metal cylinder occurs whenever entering radiation produces ions. Each 
pulse is counted in order to estimate the amount of radiation. 

Some substances, called phosphors, emit light when radiation strikes or passes 
through them. The radioactivity excites the atoms, ions, or molecules of the phosphor to 
a higher energy state, and they release this energy as light as they return to their ground 
states. For example, ZnS responds this way to alpha radiation. An instrument called 
a scintillation counter detects and counts the flashes of light produced when radiation 
strikes the phosphor. The flashes of light are magnified electronically and counted to 
measure the amount of radiation. 


Radiotracers 


Because radioisotopes can be detected readily, they can be used to follow an element 
through its chemical reactions. The incorporation of carbon atoms from CO; into glucose 
during photosynthesis, for example, has been studied using CO, enriched in carbon-14: 


Sunlight 
Chlorophyll 


6 '4CO, + 6H,O 14C6H1206 + 6 Oo [21.21] 


Use of the carbon-14 label provides direct experimental evidence that carbon dioxide in 
the environment is chemically converted to glucose in plants. Analogous labeling exper- 
iments using oxygen-18 show that the O; produced during photosynthesis comes from 
water, not carbon dioxide. When it is possible to isolate and purify intermediates and prod- 
ucts from reactions, detection devices such as scintillation counters can be used to “fol- 
low” the radioisotope as it moves from starting material through intermediates to final 
product. These types of experiments are useful for identifying elementary steps in a reac- 
tion mechanism. 
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The use of radioisotopes is possible because all isotopes of an element have essen- 
tially identical chemical properties. When a small quantity of a radioisotope is mixed 
with the naturally occurring stable isotopes of the same element, all the isotopes go 
through the same reactions together. The element’s path is revealed by the radioactivity 
of the radioisotope. Because the radioisotope can be used to trace the path of the ele- 
ment, it is called a radiotracer. 


CHEMISTRY AND LIFE (UGUIE Tee E EA 


Radiotracers have found wide use as diagnostic tools in medicine. 
Table 21.6 lists some radiotracers and their uses. These radioiso- 
topes are incorporated into a compound that is administered to 
the patient, usually intravenously. The diagnostic use of these 
isotopes is based on the ability of the radioactive compound to 
localize and concentrate in the organ or tissue under investiga- 
tion. Iodine-131, for example, has been used to test the activity of 
the thyroid gland. This gland is the only place in which iodine is 
incorporated significantly in the body. The patient drinks a solu- 
tion of Nal containing iodine-131. Only a very small amount is 
used so that the patient does not receive a harmful dose of radio- 
activity. A Geiger counter placed close to the thyroid, in the neck 
region, determines the ability of the thyroid to take up the iodine. 
A normal thyroid will absorb about 12% of the iodine within a 
few hours. 

The medical applications of radiotracers are further illustrated by 
positron emission tomography (PET). PET is used for clinical diagnosis of 
many diseases. In this method, compounds containing radionuclides 
that decay by positron emission are injected into a patient. These 
compounds are chosen to enable researchers to monitor blood flow, 
oxygen and glucose metabolic rates, and other biological functions. 
Some of the most interesting work involves study of the brain, which 
depends on glucose for most of its energy. Changes in how this sugar 
is metabolized or used by the brain may signal a disease such as can- 
cer, epilepsy, Parkinson’s disease, or schizophrenia. 

The radionuclides that are most widely used in PET are 
carbon-11 (t;/2 = 20.4 min), fluorine-18 (t,/2 = 110 min), oxygen-15 
(41/2 = 2 min), and nitrogen-13 (t;;2 = 10 min). Glucose, for exam- 
ple, can be labeled with carbon-11. Because the half-lives of positron 
emitters are so short, they must be generated on site using a cyclo- 
tron and the chemist must quickly incorporate the radionuclide into 
the sugar (or other appropriate) molecule and inject the compound 
immediately. The patient is placed in an instrument that measures 


Scintillation counters 
detect gamma rays. 


Gamma rays are ' 
produced when positron 
and electron collide. 


TABLE 21.6 Some Radionuclides Used 
as Radiotracers 


Nuclide Half-Life Area of the Body Studied 
Iodine-131 8.04 days Thyroid 

Iron-59 44.5 days Red blood cells 
Phosphorus-32 14.3 days Eyes, liver, tumors 
Technetium-99? 6.0 hours Heart, bones, liver, and lungs 
Thallium-201 73 hours Heart, arteries 

Sodium-24 14.8 hours Circulatory system 


*The isotope of technetium is actually a special isotope of Tc-99 
called Tc-99m, where the m indicates a so-called metastable isotope. 


the positron emission and constructs a computer-based image of the 
organ in which the emitting compound is localized. When the ele- 
ment decays, the emitted positron quickly collides with an electron. 
The positron and electron are annihilated in the collision, produc- 
ing two gamma rays that move in opposite directions. The gamma 
rays are detected by an encircling ring of scintillation counters 
(Figure 21.10). Because the rays move in opposite directions but were 
created in the same place at the same time, it is possible to accurately 
locate the point in the body where the radioactive isotope decayed. The 
nature of this image provides clues to the presence of disease or other 
abnormality and helps medical researchers understand how a particu- 
lar disease affects the functioning of the brain. For example, the images 
shown in Figure 21.11 reveal that levels of activity in brains of patients 
with Alzheimer’s disease are different from the levels in those without 
the disease. 


Related Exercises: 21.24, 21.64, 21.89 


Alzheimer’s 
disease 


Mild cognitive 
impairment 


Normal 


A Figure 21.11 Positron emission tomography (PET) scans showing glucose 


A Figure 21.10 Schematic representation of a positron emission 
tomography (PET) scanner. 


metabolism levels in the brain. Red and yellow colors show higher levels of 
glucose metabolism. 
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Self-Assessment Exercise 


21.23 The luminous dial of an old watch contains a radioisotope 
and a material called a phosphor, which glows when ener- 
gized. What type of radiation detector uses a similar mecha- 
nism? 


(a) A Geiger counter 


(b) A scintillation counter 


Exercise 


21.24 lodine-131 is a convenient radioisotope to monitor thyroid 


the person’s thyroid (which is near the neck) right after the 


activity in humans. It is a beta emitter with a half-life of 
8.02 days. The thyroid is the only gland in the body that 
uses iodine. A person undergoing a test of thyroid activity 
drinks a solution of Nal, in which only a small fraction of 
the iodide is radioactive. (a) Why is Nal a good choice for 


sodium iodide solution is taken, what will the data look 
like as a function of time? (c) A normal thyroid will take up 
about 12% of the ingested iodide in a few hours. How long 
will it take for the radioactive iodide taken up and held by 
the thyroid to decay to 0.01% of the original amount? 


the source of iodine? (b) If a Geiger counter is placed near 


$9S19J9Xq JUBWSSaSsy-}[as 0} SIaMSUY 
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21.5 | Energy Changes in Nuclear 
Reactions 


The sun is a huge sphere so hot that nuclei and electrons move independently. It 
accounts for 99.86% of the mass of our solar system and is composed of 73.8% hydro- 
gen, 24.8% helium, and 1.4% other elements. Most of the Sun’s energy is generated in 
its core by the fusion of hydrogen nuclei to form helium nuclei. Such nuclear reactions 
can release enormous amounts of energy—far more than the amounts involved in even 


1030 


CHAPTER 21 Nuclear Chemistry 


the most energetic chemical reactions. The Sun’s surface releases this energy as elec- 
tromagnetic radiation accompanied by a stream of charged particles called solar wind. 
Bursts of radiation and particles continuously erupt from the surface, producing solar 
flares. 

In this section, we discuss the processes involved in nuclear reactions and our 
attempts to harness them. By the end of the section, you should be able to 


e Calculate mass and energy changes for nuclear reactions. 
e Describe the difference between fission and fusion. 


Why are the energies associated with nuclear reactions so large, in many cases orders of 
magnitude larger than those associated with nonnuclear chemical reactions? The answer 
to this question begins with Einstein’s celebrated equation from the theory of relativity 
that relates mass and energy: 


E = mc? [21.22] 


In this equation E stands for energy, m for mass, and c for the speed of light, 
2.9979 x 108 m/s. This equation states that mass and energy are equivalent and can 
be converted into one another. If a system loses mass, it loses energy; if it gains mass, 
it gains energy. Because the proportionality constant between energy and mass, c’, is 
such a large number, even small changes in mass are accompanied by large changes in 
energy. 

The mass changes in chemical reactions are too small to detect. For example, the 
mass change associated with the combustion of 1 mol of CH, (an exothermic process) is 
—9.9 x 10°? g. Because the mass change is so small, it is possible to treat chemical reac- 
tions as though mass is conserved. 

The mass changes and the associated energy changes in nuclear reactions are much 
greater than those in chemical reactions. The mass change accompanying the radio- 
active decay of 1 mol of uranium-238, for example, is 50,000 times greater than that 
for the combustion of 1 mol of CH4. Let’s examine the energy change for the nuclear 
reaction 


738U —> *sgTh + 3He 


The masses of the nuclei are 738U, 238.0003 u; 73)Th, 233.9942 u; and 3He, 4.0015 u. 
The mass change, Am, is the total mass of the products minus the total mass of the 
reactants. The mass change for the decay of 1 mol of uranium-238 can then be expressed 
in grams: 


233.9942 g + 4.0015 g — 238.0003 g = —0.0046 g 


The fact that the system has lost mass indicates that the process is exothermic. All spon- 
taneous nuclear reactions are exothermic. 
The energy change per mole associated with this reaction is 


AE = A(mc?) = c2Am 


1kg 
8 2/ 
(2.9979 x 108 m/s)?( 0.00468)( zoez) 


kg-m? 
= —4.1 x on = —4,1 x 10"J 
5 


Notice that Am must be converted to kilograms, the SI unit of mass, to obtain AE in 
joules, the SI unit of energy. The negative sign for the energy change indicates that 
energy is released in the reaction—in this case, over 400 billion joules per mole of ura- 
nium! This energy would provide the average annual household electricity for about 
10,000 homes. 
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= Sample Exercise 21.8 
s Calculating Mass Change in a Nuclear Reaction 


How much energy is lost or gained when 1 mol of cobalt-60 undergoes beta decay, 8$Co —> $8Ni + _9e? The mass of a 89Co 
atom is 59.933819 u, and that of a 88Ni atom is 59.930788 u. 


SOLUTION 

Analyze We are asked to calculate the energy change in a nuclear Plan We must first calculate the mass change in the process. We 

reaction. are given atomic masses, but we need the masses of the nuclei in 
the reaction. We calculate these by taking account of the masses 
of the electrons that contribute to the atomic masses. 

Solve 


A $8Co atom has 27 electrons. The mass of 
an electron is 5.4858 x 10-*u. (See the list 
of fundamental constants in the back inside 
cover.) We subtract the mass of the 27 elec- à 
trons from the mass of the $9Co atom to find 59.933819 u — (27)(5.4858 x 10™*u) 


the mass of the $9Co nucleus: = 59.919007 u (or 59.919007 g/mol) 


Likewise, for $8Ni, the mass of the nucleus is: 59.930788 u — (28)(5.4858 x 1074 u) 
= 59.915428 u (or 59.915428 g/mol) 


The mass change in the nuclear reaction is 


the total mass of the products minus the mass Am = mass of electron + mass $8Ni nucleus — mass of $9Co nucleus 


of the reactant: 

= 0.00054858 u + 59.915428 u — 59.919007 u 

= —0.003030 u 
Thus, when a mole of cobalt-60 decays, Am = —0.003030 g 
Because the mass decreases (Am < 0), energy 
is released (AE < 0). The quantity of energy 
released per mole of cobalt-60 is calculated 
using Equation 21.22: AE = Am 

= (2.9979 x 10° m/s)?(—0.003030 o( ree ) 

1000 g 
kg-m? 
= ~2,723 x 10"! Š 5 = -2.723 x 104 J 
s 
> Practice Exercise change per mole of !'C in this nuclear reaction? The masses 

Positron emission from !!C, 4C —> 1B + „le, occurs with of ''B and !!C are 11.009305 and 11.011434 u, respectively. 


release of 2.87 xX 10!!J per mole of !!C. What is the mass 


Nuclear Binding Energies 


Scientists discovered in the 1930s that the masses of nuclei are always less than the masses 
of the individual nucleons of which they are composed. For example, the helium-4 
nucleus (an alpha particle) has a mass of 4.00150 u. The mass of a proton is 1.00728 u and 
that of a neutron is 1.00866 u. Consequently, two protons and two neutrons have a total 
mass of 4.03188 u: 


Mass of two protons = 2(1.00728 u) = 2.01456 u 
Mass of two neutrons = 2(1.00866 u) = 2.01732u 
Total mass = 4.03188 u 
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TABLE 21.7 Mass Defects and Binding Energies for Three Nuclei 


Nucleus 
$He 
36Fe 


238 
92U 


Mass of Nucleus Mass of Individual Mass Defect Binding Binding Energy 
(u) Nucleons (u) (u) Energy (J) per Nucleon (J) 
4.00150 4.03188 0.03038 4.53 x 10°" (L118 3 10 
55.92068 56.44914 0.52846 7.90 x 1071! 1.41 x 10°” 
238.00031 239.93451 1.93420 DANS) x Or LA x ior 


Binding energy per nucleon (10° '7J) 


The mass of the individual nucleons is 0.03038 u greater than that of the helium-4 nucleus: 


Mass of two protons and two neutrons = 4.03188 u 
Mass of He nucleus = 4.00150 u 
Mass difference Am = 0.03038 u 


The mass difference between a nucleus and its constituent nucleons is called the 
mass defect. The origin of the mass defect is readily understood if we consider that 
energy must be added to a nucleus to break it into separated protons and neutrons: 


Energy + $He —> 21H + 24n [21.23] 


By Einstein’s relation, the addition of energy to a system must be accompanied by a pro- 
portional increase in mass. The mass change we just calculated for the conversion of 
helium-4 into separated nucleons is Am = 0.03038 u. Therefore, the energy required for 
this process is 


AE = Am 


1 1k 
= (2.9979 x 10% m/s)?(0.03038 u) g ( b ) 
6.022 x 1023 u/\ 1000 g 


= 4.534 x 10°!2J 


The energy required to separate a nucleus into its individual nucleons is called the 
nuclear binding energy. The mass defect and nuclear binding energy for three ele- 
ments are compared in Table 21.7. 

Values of binding energies per nucleon can be used to compare the stabilities of 
different combinations of nucleons (such as two protons and two neutrons arranged 
either as ĝHe or as 2 7H). Figure 21.12 shows average binding energy per nucleon plotted 


Fission 
(Splitting nuclei 
releases energy) 


Fusion 
(Combining nuclei 
releases energy) 


Increased stability —> 


0 20 40 60 80 100 120 160 180 200 220 240 


Mass Number 


A Figure 21.12 Nuclear binding energies. The average binding energy per nucleon increases initially as 
the mass number increases and then decreases slowly. Because of these trends, fusion of light nuclei 


and 


fission of heavy nuclei are exothermic processes. 
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Other Hydroelectric Nuclear Oil Hydroelectric 
_ 6% 11% 19% 1% 20% 
Oil Coal Gas Nuclear 
1% 3% 3% 5% 


France United States China 


A Figure 21.13 Sources of electricity generation, worldwide and for select countries. 
(Sources: The Shift Project and the World Bank, 2014 data) 


against mass number. Binding energy per nucleon at first increases in magnitude as 
mass number increases, reaching about 1.4 x 10 !*J for nuclei whose mass numbers 
are in the vicinity of iron-56. It then decreases slowly to about 1.2 x 107!7J for very 
heavy nuclei. This trend indicates that nuclei of intermediate mass numbers are more tightly 
bound (and therefore more stable) than those with either smaller or larger mass numbers. 

This trend has two significant consequences: First, heavy nuclei gain stability and 
therefore give off energy if they are fragmented into two midsized nuclei. This process, 
known as fission, is used to generate energy in nuclear power plants. Second, because of 
the sharp increase in the graph for small mass numbers, even greater amounts of energy 
are released if very light nuclei are combined, or fused together, to give more massive 
nuclei. This fusion process is the essential energy-producing process in the Sun and 
other stars. 


Nuclear Power: Fission 


Nuclear fission is the process used to generate energy in nuclear power plants. Over 11% 
of the electricity generated worldwide comes from nuclear power plants, though the per- 
centage varies from one country to the next, as Figure 21.13 shows. There are 440 com- 
mercial nuclear power plants in operation in 30 countries, and approximately another 
65 are under construction. 

Most nuclear reactors rely on the fission of uranium-235. This was the first 
nuclear fission reaction to be discovered. This nucleus, as well as those of uranium-233 
and plutonium-239, undergoes fission when struck by a slow-moving neutron 
(Figure 21.14).* 


YW CN att what is the relationship between the sum of the mass 
numbers on the two sides of this reaction? 


A Figure 21.14 Uranium-235 fission. This is just one of many fission patterns. In this reaction, 
3.5 x 101! J of energy is released per 2°5U nucleus that is split. 


*Other heavy nuclei can also undergo fission. However, these three are the only ones of practical 
importance. 
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YW. Go Figure If this figure were extended one more “generation” down, how 
many neutrons would be produced? 
Neutron ine 
Nucleus 
2 neutrons 
d s from fission d * 
x y a er N 


A Figure 21.15 Fission chain reaction. 


A heavy nucleus can split in many ways, giving rise to a variety of smaller nuclei. 
Two ways that the uranium-235 nucleus splits, for instance, are 


7 
—~, 


Tet Zi + 2 [21.24] 


1 235 
on + “gU 


142 
6ba 


Kr [21.25] 
The nuclei produced in Equations 21.24 and 21.25—called the fission products—are them- 
selves radioactive and undergo further nuclear decay. More than 200 isotopes of 35 ele- 
ments have been found among the fission products of uranium-235. Most of them are 
radioactive. 

Slow-moving neutrons are required for the fission of uranium-235 because the pro- 
cess involves initial absorption of the neutron by the nucleus. The resulting more mas- 
sive nucleus is extremely unstable and spontaneously undergoes fission. Fast neutrons 
tend to bounce off the nucleus, and little fission occurs. 

Note that the coefficients of the neutrons produced in Equations 21.24 and 21.25 
are 2 and 3, respectively. On average, 2.4 neutrons are produced by every fission of a 
uranium-235 nucleus. If one fission produces two neutrons, the two neutrons can cause 
two additional fissions, each producing two neutrons. The four neutrons thereby released 
can produce four fissions, and so forth, as shown in Figure 21.15. The number of fissions 
and the energy released quickly escalate, and if the process is unchecked, the result is a 
violent explosion. Reactions that multiply in this fashion are called chain reactions. 

For a fission chain reaction to occur, the sample of fissionable material must have 
a certain minimum mass. Otherwise, neutrons escape from the sample before they 
have the opportunity to strike other nuclei and cause additional fission. The amount 
of fissionable material large enough to maintain a chain reaction with a constant rate 
of fission is called the critical mass. When a critical mass of material is present, one 
neutron on average from each fission is subsequently effective in producing another 
fission and the fission continues at a constant, controllable rate. The critical mass of 
uranium-235 is about 50 kg for a bare sphere of the metal.* 

If more than a critical mass of fissionable material is present, very few neutrons 
escape. The chain reaction thus multiplies the number of fissions, which can lead to a 
nuclear explosion. A mass in excess of a critical mass is referred to as a supercritical 
mass. The effect of mass on a fission reaction is illustrated in Figure 21.16. 

Figure 21.17 shows a schematic diagram of the first atomic bomb used in warfare, 
the bomb, code-named “Little Boy,” that was dropped on Hiroshima, Japan, on August 
6, 1945. The bomb contained about 64 kg of uranium-235, which had been separated 


*The exact value of the critical mass depends on the shape of the radioactive substance. The critical 
mass can be reduced if the radioisotope is surrounded by a material that reflects some neutrons. 
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A Figure 21.16 Subcritical, critical, and supercritical nuclear fission. 


Which of these criticality scenarios—subcritical, critical, or 
supercritical—is desirable in a nuclear power plant that generates 


Supercritical mass 
Rate of neutron loss 
< rate of neutron 
creation by fission 
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A Figure 21.17 Schematic drawing of an 
atomic bomb. A conventional explosive 

is used to bring two subcritical masses 
together to form a supercritical mass. 
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Uranium-235 fission was first achieved during the late 1930s by 
Enrico Fermi and coworkers in Rome and shortly thereafter by Otto 
Hahn and coworkers in Berlin. Both groups were trying to produce 
transuranium elements. In 1938, Hahn identified barium among 
his reaction products. He was puzzled by this observation and ques- 
tioned the identification because the presence of barium was so unex- 
pected. He sent a letter describing his experiments to Lise Meitner, a 
former coworker who had been forced to leave Germany because of 
the anti-Semitism of the Third Reich and had settled in Sweden. She 
surmised that Hahn’s experiment indicated a nuclear process was 
occurring in which the uranium-235 split. She called this process 
nuclear fission. 

Meitner passed word of this discovery to her nephew, Otto Frisch, 
a physicist working at Niels Bohr’s institute in Copenhagen. Frisch 
repeated the experiment, verifying Hahn’s observations, and found 
that tremendous energies were involved. In January 1939, Meitner 
and Frisch published a short article describing the reaction. In March 
1939, Leo Szilard and Walter Zinn at Columbia University discovered 
that more neutrons are produced than are used in each fission. As we 
have seen, this result allows a chain reaction to occur. 

News of these discoveries and an awareness of their potential 
use in explosive devices spread rapidly within the scientific commu- 
nity. Several scientists finally persuaded Albert Einstein, the most 
famous physicist of the time, to write a letter to President Franklin D. 
Roosevelt explaining the implications of these discoveries. Einstein’s 
letter, written in August 1939, outlined the possible military appli- 
cations of nuclear fission and emphasized the danger that weapons 
based on fission would pose if they were developed by the Nazis. 
Roosevelt judged it imperative that the United States investigate the 
possibility of such weapons. Late in 1941, the decision was made to 
build a bomb based on the fission reaction. An enormous research 
project, known as the Manhattan Project, began. 


On December 2, 1942, the first artificial self-sustaining nuclear 
fission chain reaction was achieved in an abandoned squash court at 
the University of Chicago. This accomplishment led to the develop- 
ment of the first atomic bomb, at Los Alamos National Laboratory in 
New Mexico in July 1945 (Figure 21.18). In August 1945 the United 
States dropped atomic bombs on two Japanese cities, Hiroshima 
and Nagasaki. The nuclear age had arrived, albeit in a sadly destruc- 
tive fashion. Humanity has struggled with the conflict between the 
positive potential of nuclear energy and its terrifying potential as a 
weapon ever since. 


t 100 METERS 


A Figure 21.18 The Trinity test for the atom bomb developed during 
World War II. The first human-made nuclear explosion took place on 
July 16, 1945, on the Alamogordo test range in New Mexico. 
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A Figure 21.19 Schematic diagram of a 
pressurized water reactor core. 


from the nonfissionable uranium-238 primarily by gaseous diffusion of uranium hexa- 
fluoride, UFę. To trigger the fission reaction, two subcritical masses of uranium-235 
were slammed together using chemical explosives. The combined masses of the ura- 
nium formed a supercritical mass, which led to a rapid, uncontrolled chain reaction 
and, ultimately, a nuclear explosion. The energy released by the bomb dropped on 
Hiroshima was equivalent to that of 16,000 tons of TNT (it therefore is called a 16-kilo- 
ton bomb). Unfortunately, the basic design of a fission-based atomic bomb is quite 
simple, and the fissionable materials are potentially available to any nation with a 
nuclear reactor. The combination of design simplicity and materials availability has 
generated international concerns about the proliferation of atomic weapons. 


Nuclear Reactors 


Nuclear power plants use nuclear fission to generate energy. The core of a typical nuclear 
reactor consists of four principal components: fuel elements, control rods, a moder- 
ator, and a primary coolant (Figure 21.19). The fuel is a fissionable substance, such as 
uranium-235. The natural isotopic abundance of uranium-235 is only 0.7%, too low to 
sustain a chain reaction in most reactors. Therefore, the 5U content of the fuel must be 
enriched to 3-5% for use in a reactor. The fuel elements contain enriched uranium in the 
form of UO, pellets encased in zirconium or stainless steel tubes. 

The control rods are composed of materials that absorb neutrons, such as boron-10 or 
an alloy of silver, indium, and cadmium. These rods regulate the flux of neutrons to keep 
the reaction chain self-sustaining and also prevent the reactor core from overheating.* 

The probability that a neutron will trigger fission of a 5U nucleus depends on the 
speed of the neutron. The neutrons produced by fission have high speeds (typically in 
excess of 10,000 km/s). The function of the moderator is to slow down the neutrons (to 
speeds of a few kilometers per second) so that they can be captured more readily by the 
fissionable nuclei. The moderator is typically either water or graphite. 

The primary coolant is a substance that transports the heat generated by the nuclear 
chain reaction away from the reactor core. In a pressurized water reactor, which is the most 
common commercial reactor design, water acts as both the moderator and the primary 
coolant. 

The design of a nuclear power plant is basically the same as that of a power plant that 
burns fossil fuel (except that the burner is replaced by a reactor core). The nuclear power 
plant design shown in Figure 21.20, a pressurized water reactor, is currently the most pop- 
ular. The primary coolant passes through the core in a closed system, which lessens the 
chance that radioactive products could escape the core. As an added safety precaution, 
the reactor is surrounded by a reinforced concrete containment shell to shield personnel 
and nearby residents from radiation and to protect the reactor from external forces. After 
passing through the reactor core, the very hot primary coolant passes through a heat 
exchanger where much of its heat is transferred to a secondary coolant, converting the lat- 
ter to high-pressure steam that is used to drive a turbine. The secondary coolant is then 
condensed by transferring heat to an external source of water, such as a river or lake. The 
cooling systems of nuclear power plants are necessary for proper and safe operation. The 
nuclear disaster in Fukushima, Japan, in March 2011 occurred when a tsunami damaged 
the reactor cooling systems, resulting in a large-scale release of radioactive materials. 

Although about two-thirds of all commercial reactors are pressurized water reac- 
tors, there are several variations on this basic design, each with advantages and disad- 
vantages. A boiling water reactor generates steam by boiling the primary coolant; thus, 
no secondary coolant is needed. The reactors at Fukushima, Japan, were boiling water 
reactors. Pressurized water reactors and boiling water reactors are collectively referred to 
as light water reactors because they use H2O as moderator and primary coolant. A heavy 
water reactor uses D,O (D = deuterium,”H) as moderator and primary coolant, and a gas- 
cooled reactor uses a gas, typically CO,, as primary coolant and graphite as the moderator. 


*The reactor core cannot reach supercritical levels and explode with the violence of an atomic 
bomb because the concentration of uranium-235 is too low. However, if the core overheats, suf- 
ficient damage can lead to release of radioactive materials into the environment. 
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A Figure 21.20 Basic design of a pressurized water reactor nuclear power plant. 


Use of either D2O or graphite as the moderator has the advantage that both substances 
absorb fewer neutrons than H20. Consequently, the uranium fuel does not need to be 
as enriched. 


Nuclear Waste 


The fission products that accumulate as a reactor operates decrease the efficiency of the 
reactor by capturing neutrons. For this reason, commercial reactors must be stopped 
periodically to either replace or reprocess the nuclear fuel. When the fuel elements are 
removed from the reactor, they are initially very radioactive. It was originally intended 
that they be stored for several months in pools at the reactor site to allow decay of short- 
lived radioactive nuclei. They were then to be transported in shielded containers to 
reprocessing plants where the unspent fuel would be separated from the fission prod- 
ucts. Reprocessing plants have been plagued with operational difficulties, however, and 
there is intense opposition in some countries to the transport of nuclear wastes on the 
nation’s roads and rails. Spent fuel is reprocessed, however, in France, Russia, the United 
Kingdom, India, and Japan. 

Storage of spent nuclear fuel poses a major problem because the fission products 
are extremely radioactive. It is estimated that 10 half-lives are required for their radioac- 
tivity to reach levels acceptable for biological exposure. Based on the 28.8-yr half-life of 
strontium-90, one of the longer-lived and most dangerous of the products, the wastes must 
be stored for nearly 300 yr. Plutonium-239 is one of the by-products present in spent fuel ele- 
ments. It is formed by absorption of a neutron by uranium-238, followed by two successive 
beta emissions. (Remember that most of the uranium in the fuel elements is uranium-238.) 
If the elements are reprocessed, the plutonium-239 is largely recovered because it can be 
used as a nuclear fuel. However, if the plutonium is not removed, spent elements must be 
stored for a very long time because plutonium-239 has a half-life of 24,000 yr. 

A fast breeder reactor offers one approach to getting more power out of existing ura- 
nium sources and potentially reducing radioactive waste. This type of reactor is so named 
because it creates (“breeds”) more fissionable material than it consumes. The reactor 
operates without a moderator, which means the neutrons used are not slowed down. 
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In order to capture the fast neutrons, the fuel must be highly enriched with both 
uranium-235 and plutonium-239. Water cannot be used as a primary coolant because 
it would moderate the neutrons, and so a liquid metal, usually sodium, is used. The core 
is surrounded by a blanket of uranium-238 that captures neutrons that escape the core, 
producing plutonium-239 in the process. The plutonium can later be separated by repro- 
cessing and used as fuel in a future cycle. 

Because fast neutrons are more effective at decaying many radioactive nuclides, the 
material separated from the uranium and plutonium during reprocessing is less radio- 
active than waste from other reactors. However, generation of relatively high levels of 
plutonium coupled with the need for reprocessing is problematic in terms of nuclear 
nonproliferation. Thus, political factors coupled with increased safety concerns and 
higher operational costs make fast breeder reactors quite rare. 

A considerable amount of research is being devoted to disposal of radioactive wastes. 
At present, the most attractive possibilities appear to be formation of glass, ceramic, or 
synthetic rock from the wastes as a means of immobilizing them. These solid materials 
would then be placed in containers of high corrosion resistance and durability and bur- 
ied deep underground. The process of selecting appropriate deep repositories for high- 
level waste and spent fuel is now under way in several countries. 

In spite of these difficulties, nuclear power is making a modest comeback as an 
energy source. Concerns about climate change caused by escalating atmospheric CO, 
levels have increased support for nuclear power as a major energy source in the future. 
Increasing demand for power in rapidly developing countries, particularly China, has 
sparked a rise in construction of new nuclear power plants in those parts of the world. 


Nuclear Power: Fusion 


Energy is produced when light nuclei fuse into heavier ones. Reactions of this type are 
responsible for the energy produced by the Sun. The following reactions are among the 
numerous fusion processes believed to occur in the Sun: 


IH + IH — 4H + fe [21.26] 
IH + 7H —> 3He [21.27] 
3He + 3He —> 3He + 21H [21.28] 
3He + 1H —> 4He + „fe [21.29] 


Fusion is appealing as an energy source because of the availability of light isotopes 
on Earth and because fusion products are generally not radioactive. Despite this fact, 
fusion is not presently used to generate energy. The problem is that extremely high 
temperatures and pressures are needed to overcome the electrostatic repulsion between 
nuclei in order to fuse them. The lowest temperature required for any fusion is about 
40,000,000 K, the temperature needed to fuse deuterium and tritium: 


fH + $H —> #He + dn [21.30] 


Fusion reactions are therefore also known as thermonuclear reactions. 

Such high temperatures have been achieved by using an atomic bomb to initiate 
fusion. This is the operating principle behind a thermonuclear, or hydrogen, bomb. This 
approach is obviously unacceptable, however, for a power generation plant.* 

Numerous problems must be overcome before fusion becomes a practical energy 
source. In addition to the high temperatures necessary to initiate the reaction, there is 
the problem of confining the reaction. No known structural material is able to withstand 
the enormous temperatures necessary for fusion. Much research has centered on the use 
of an apparatus called a tokamak, which uses strong magnetic fields to contain and to 
heat the reaction. Temperatures of over 100,000,000 K have been achieved in a tokamak. 
Unfortunately, scientists have not yet been able to generate more power than is con- 
sumed over a sustained period of time. 


*Historically, a nuclear weapon that relies solely on a fission process to release energy is called 
an atomic bomb, whereas one that also releases energy via a fusion reaction is called a hydrogen 
bomb. 
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The lightest elements—hydrogen and helium along with very small 
amounts of lithium and beryllium—were formed as the universe 
expanded in the moments following the Big Bang. All the heavier ele- 
ments owe their existence to subsequent nuclear reactions that occur 
in stars. These heavier elements are not all created in equal amounts, 
however. In our solar system, for example, carbon and oxygen are a 
million times more abundant than lithium and boron, and over 
100 million times more abundant than beryllium (Figure 21.21)! In 
fact, of the elements heavier than helium, carbon and oxygen are the 
most abundant. This is more than an academic curiosity given the fact 
that these elements, together with hydrogen, are the most important 
elements for life on Earth. Let’s look at the factors responsible for the 
relatively high abundance of carbon and oxygen in the universe. 

A star is born from a cloud of gas and dust called a nebula. When 
conditions are right, gravitational forces collapse the cloud, and its 
core density and temperature rise until nuclear fusion commences. 
Hydrogen nuclei fuse to form deuterium, {H, and eventually {He 
through the reactions shown in Equations 21.26—21.29. Because 
He has a larger binding energy than any of its immediate neigh- 
bors (Figure 21.12), these reactions release an enormous amount of 
energy. This process, called hydrogen burning, is the dominant process 
for most of a star’s lifetime. 

Once a star’s supply of hydrogen is nearly exhausted, several 
important changes occur as the star enters the next the phase of its life, 
and is transformed into a red giant. The decrease in nuclear fusion causes 
the core to contract, triggering an increase in core temperature and pres- 
sure. At the same time, the outer regions expand and cool enough to 
make the star emit red light (thus, the name red giant). The star now must 
use 3He nuclei as its fuel. The simplest reaction that can occur in the 
He-rich core, fusion of two alpha particles to form a ’Be nucleus, does 
occur. The binding energy per nucleon for $Be is very slightly smaller 
than that for He, so this fusion process is very slightly endothermic. 
The §Be nucleus is highly unstable (half-life of 7 x 107 s) and so falls 
apart almost immediately. In a tiny fraction of cases, however, a third 
He collides with a {Be nucleus before it decays, forming carbon-12: 


$He + 3He —> §Be 


ŝBe + 3He —> 12C 
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Atomic number 


A Figure 21.21 Relative abundance of elements 1-10 in the solar 
system. Note the logarithmic scale used for the y-axis. 


Some of the 12C nuclei go on to react with alpha particles to form 
oxygen-16: 


12C + $He — 60 


This stage of nuclear fusion is called helium burning. Notice that car- 
bon, element 6, is formed without prior formation of elements 3, 4, 
and 5, explaining in part their unusually low abundance. Nitrogen is 
relatively abundant because it can be produced from carbon through 
a series of reactions involving proton capture and positron emission. 

Most stars gradually cool and dim as the helium is converted 
to carbon and oxygen, ending their lives as white dwarfs, a phase in 
which stars become incredibly dense—generally about one million 
times denser than the Sun. The extreme density of white dwarfs is 
accompanied by much higher temperatures 
and pressures at the core, where a variety 
of fusion processes lead to synthesis of the 
elements from neon to sulfur. These fusion 
reactions are collectively called advanced 
burning. 

Eventually, progressively heavier ele- 
ments form at the core until it becomes pre- 
dominantly °°Fe, as shown in Figure 21.22. 
Because this is such a stable nucleus, further 
fusion to heavier nuclei consumes energy 
rather than releasing it. When this happens, 
the fusion reactions that power the star 
diminish, and immense gravitational forces 
lead to a dramatic collapse called a supernova 
explosion. Neutron capture coupled with 
subsequent radioactive decays in the dying 
moments of such a star are responsible for 
the presence of all elements heavier than iron 
and nickel. 

Without these dramatic supernova 
events in the past history of the universe, 
heavier elements that are so familiar to us, 
such as silver, gold, iodine, lead, and ura- 
nium, would not exist. 

Related Exercises: 21.81, 21.83 
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(He—>C, O) 


Advanced burning 
(Ne through S) 


56 
rere core 


A Figure 21.22 Fusion processes going on in a red giant just prior to a supernova explosion. 
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Self-Assessment Exercise 


21.25 Based on the following atomic mass values, calculate the en- 


ergy released per mole in the following nuclear reaction: 
1H 1.00782 u; °H, 2.01410 u; *He, 3.01603 u; *He, 4.00260 u 
2H + 3He —> H + 3He 

(a) —5.909 x 10°J 

(b) —1.771 x 10!7J 

(b) —1.771 x 10*"J 


21.26 Would fusing two stable nuclei that have mass numbers in 
the vicinity of 100 be an energy-releasing process? 


(a) Yes 
(b) No 


ťa 


Exercises 


21.27 


21.28 


21.29 


21.30 


How much energy must be supplied to break a single 74Ne 
nucleus into separated protons and neutrons if the nucleus 
has a mass of 20.98846 u? What is the nuclear binding 
energy for 1 mol of 7!Ne? 


The atomic masses of nitrogen-14, titanium-48, and xenon- 
129 are 13.999234 u, 47.935878 u, and 128.904779 u, respec- 
tively. For each isotope, calculate (a) the nuclear mass, 
(b) the nuclear binding energy, (c) the nuclear binding 
energy per nucleon. 


The energy from solar radiation falling on Earth is 
1.07 x 10'!°kJ/min. (a) How much loss of mass from 
the Sun occurs in one day from just the energy falling on 
Earth? (b) If the energy released in the reaction 


235 + bn —> HBa + 32Kr + 3tn 

(5U nuclear mass, 234.9935 u; '!Ba nuclear mass, 
140.8833 u; °*Kr nuclear mass, 91.9021 u) is taken as typ- 
ical of that occurring in a nuclear reactor, what mass of 
uranium-235 is required to equal 0.10% of the solar energy 


that falls on Earth in 1.0 day? 


Using Figure 21.12, predict which of the following nuclei 
are likely to have the largest mass defect per nucleon: 
(a) ?7Al, (b) °>Mn, (c) 165Ho, (d) 2°°Bi? 


21.31 


21.32 


21.33 


21.34 


Which of the following statements about the uranium used 
in nuclear reactors is or are true? (i) Natural uranium has 
too little ?SU to be used as a fuel. (ii) SU cannot be used as 
a fuel because it forms a supercritical mass too easily. (iii) To 
be used as fuel, uranium must be enriched so that it is more 
than 50% SU in composition. (iv) The neutron-induced 
fission of ?SU releases more neutrons per nucleus than fis- 
sion of 7°U. 


(a) What is the function of the moderator in a nuclear reac- 
tor? (b) What substance acts as the moderator in a pressur- 
ized water generator? (c) What other substances are used as 
a moderator in nuclear reactor designs? 

Complete and balance the nuclear equations for the fol- 
lowing fission reactions: 

(a) 733Pu + bn —> Te + 199Mo + _ 

(b) {Fm + jn —> 'RPd + _ + 
Which type or types of nuclear reactors have these 
characteristics? 


44n 


(a) Can use natural uranium as a fuel 
(b) Does not use a moderator 


(c) Can be refueled without shutting down 


(q) Se"Lz 


y 


(a) 92°12 
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21.6 | Radiation in the Environment 
and Living Systems 


A cloud chamber is a device that detects particles that have been ionized by ionizing 
radiation. Our exposure to natural radiation is from cosmic rays and terrestrial sources. 
Radon is produced by the radioactive decay of uranium and is one of the most important 
contributors to natural radiation from the earth. This noble gas seeps out of the ground 
and is dispersed by the wind. Being a heavy gas, it can accumulate in basements that are 
poorly sealed from the ground and have little ventilation. While radon has a short half- 
life, some of its decay products are more persistent. In this section, we look at a few of the 
effects of radiation on our bodies. By the end of this section, you should be able to 


e Compare different measurements and units of radiation dosage and describe the bio- 
logical effects of radiation 


We are continuously bombarded by radiation from both natural and artificial sources. 
We are exposed to infrared, ultraviolet, and visible radiation from the Sun; radio waves 
from radio and television stations; microwaves from microwave ovens; X rays from med- 
ical procedures; and radioactivity from natural materials (Table 21.8). Understanding the 


TABLE 21.8 Average Abundances and Activities of Natural Radionuclidest 


Potassium-40 Rubidium-87 Thorium-232 Uranium-238 

Land elemental abundance (ppm) 28,000 112 10.7 Pegs} 
Land activity (Bq/kg) 870 102 43 35 
Ocean elemental concentration (mg/L) 339 0.12 il ss 10-7 0.0032 
Ocean activity (Bq/L) 12 0.11 4x 107 0.040 
Ocean sediments elemental abundance (ppm) 17,000 = 5.0 1.0 
Ocean sediments activity (Bq/kg) 500 = 20 12 
Human body activity (Bq) 4000 600 0.08 0.4# 


*Data from “Ionizing Radiation Exposure of the Population of the United States,” Report 93, 1987, and Report 160, 2009, National Council 
on Radiation Protection. 


*Includes lead-210 and polonium-210, daughter nuclei of uranium-238. 
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different energies of these various kinds of radiation is necessary in order to understand 
their different effects on matter. 

When matter absorbs radiation, the radiation energy can cause atoms in the mat- 
ter to be either excited or ionized. In general, radiation that causes ionization, called 
ionizing radiation, is far more harmful to biological systems than radiation that does 
not cause ionization. The latter, called nonionizing radiation, is generally of lower 
energy, such as radiofrequency electromagnetic radiation or slow-moving neutrons. 

Most living tissue contains at least 70% water by mass. When living tissue is irra- 
diated, water molecules absorb most of the energy of the radiation. Thus, it is com- 
mon to define ionizing radiation as radiation that can ionize water, a process requiring 
a minimum energy of 1216 kJ/mol. Alpha, beta, and gamma rays (as well as X rays and 
higher-energy ultraviolet radiation) possess energies in excess of this quantity and are 
therefore forms of ionizing radiation. 

When ionizing radiation passes through living tissue, electrons are removed from 
water molecules, forming highly reactive H,O* ions. An H2O” ion can react with another 
water molecule to form an H30* ion and a neutral OH molecule: 


H,O* + HO —> H,0* + OH [21.31] 


The unstable and highly reactive OH molecule is a free radical, a substance with 
one or more unpaired electrons, as seen in the Lewis structure shown in the margin. The 
OH molecule is also called the hydroxyl radical, and the presence of the unpaired electron 
is often emphasized by writing the species with a single dot, - OH. In cells and tissues, 
hydroxyl radicals can attack biomolecules to produce new free radicals, which in turn 
attack yet other biomolecules. Thus, the formation of a single hydroxyl radical via Equa- 
tion 21.31 can initiate a large number of chemical reactions that are ultimately able to 
disrupt the normal operations of cells. 

The damage produced by radiation depends on the activity and energy of the radi- 
ation, the length of exposure, and whether the source is inside or outside the body. 
Gamma rays are particularly harmful outside the body because they penetrate human 
tissue very effectively, just as X rays do. Consequently, their damage is not limited to 
the skin. In contrast, most alpha rays are stopped by skin, and beta rays are able to pen- 
etrate only about 1 cm beyond the skin surface (Figure 21.23). Therefore, neither alpha 
rays nor beta rays are as dangerous as gamma rays, unless the radiation source some- 
how enters the body. Within the body, alpha rays are particularly dangerous because 
they transfer their energy efficiently to the surrounding tissue, causing considerable 
damage. 

In general, the tissues damaged most by radiation are those that reproduce rapidly, 
such as bone marrow, blood-forming tissues, and lymph nodes. The principal effect of 
extended exposure to low doses of radiation is to cause cancer. Cancer is caused by dam- 
age to the growth-regulation mechanism of cells, inducing the cells to reproduce uncon- 
trollably. Leukemia, which is characterized by excessive growth of white blood cells, is 
probably the major type of radiation-caused cancer. 

In light of the biological effects of radiation, it is important to determine whether 
any levels of exposure are safe. Unfortunately, we are hampered in our attempts to set 
realistic standards because we do not fully understand the effects of long-term exposure. 
Scientists concerned with setting health standards have used the hypothesis that the 
effects of radiation are proportional to exposure. Any amount of radiation is assumed to 
cause some finite risk of injury, and the effects of high dosage rates are extrapolated to 
those of lower ones. Other scientists believe, however, that there is a threshold below 
which there are no radiation risks. Until scientific evidence enables us to settle the mat- 
ter with some confidence, it is safer to assume that even low levels of radiation present 
some danger. 


Radiation Doses 


Two units are commonly used to measure exposure to radiation. The gray (Gy), 
the SI unit of absorbed dose, corresponds to the absorption of 1 J of energy per 


SECTION 21.6 Radiation in the Environment and Living Systems 


TABLE 21.9 Effects of Short-Term Exposures to Radiation 


Dose (Sv) Effect 

0-0.25 No detectable clinical effects 

0.25-0.50 Slight, temporary decrease in white blood cell counts 
1-2 Nausea; marked decrease in white blood cell counts 
5 Death of half the exposed population within 30 days 


kilogram of tissue. The rad (radiation absorbed dose) corresponds to the absorption 
of 1 x 10°7J of energy per kilogram of tissue. Thus, 1 Gy = 100 rad. The rad is the unit 
most often used in medicine. 

Not all forms of radiation harm biological materials to the same extent even at the 
same level of exposure. For example, 1 rad of alpha radiation can produce more damage 
than 1 rad of beta radiation. To correct for these differences, the radiation dose is multi- 
plied by a factor that measures the relative damage caused by the radiation. This multipli- 
cation factor is known as the relative biological effectiveness, RBE. The RBE is approximately 
1 for gamma and beta radiation, and 10 for alpha radiation. 

The exact value of the RBE varies with dose rate, total dose, and type of tissue 
affected. The product of the radiation dose in rads and the RBE of the radiation give the 
effective dosage in rem (roentgen equivalent for man): 


Number of rem = (number of rad)(RBE) [21.32] 


The SI unit for effective dose is the sievert (Sv), obtained by multiplying the RBE times 
the SI unit for radiation dose, the gray; because a gray is 100 times larger than a rad, 
1Sv =100 rem. The rem is the unit of radiation damage usually used in medicine. 

The effects of short-term exposure to radiation appear in Table 21.9. An exposure of 
6 Sv is fatal to most humans. To put this number in perspective, a typical dental X ray 
entails an exposure of about 5 uSv. The average exposure for a person in 1 yr due to all 
natural sources of ionizing radiation (called background radiation) is about 3.6 mSv 
(Figure 21.24). 


Average annual exposure (mSv) 


0 0.5 1.0 15 2.0 2.5 
mc Radon (2 mSv) 
Rocks and soil (0.28 mSv) 
emma Natural 
Cosmic rays (0.27 mSv) sources 


(82%) 


Radioisotopes in the body (0.4 mSv) 


Medical X rays (0.39 mSv) 


Nuclear medicine (0.14 mSv) Human-made 
sources (18%) 


Consumer products (0.11 mSv) 


A Figure 21.24 Sources of U.S. average annual exposure to high-energy radiation. The total average 
annual exposure is 3.6 mSv. 

Data from “lonizing Radiation Exposure of the Population of the United States,” Report 93, 1987 
and Report 160, 2009, National Council on Radiation Protection. 
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CHEMISTRY AND LIFE BECELA 


Healthy cells are either destroyed or damaged by high-energy radi- 
ation, leading to physiological disorders. This radiation can also 
destroy unhealthy cells, however, including cancerous cells. All can- 
cers are characterized by runaway cell growth that can produce malig- 
nant tumors. These tumors can be caused by the exposure of healthy 
cells to high-energy radiation. Paradoxically, however, they can be 
destroyed by the same radiation that caused them because the rap- 
idly reproducing cells of the tumors are very susceptible to radiation 
damage. Thus, cancerous cells are more susceptible to destruction 
by radiation than healthy ones, allowing radiation to be used effec- 
tively in the treatment of cancer. As early as 1904, physicians used 
the radiation emitted by radioactive substances to treat tumors by 
destroying the mass of unhealthy tissue. The treatment of disease by 
high-energy radiation is called radiation therapy. 

Many radionuclides are currently used in radiation therapy. 
Some of the more commonly used ones are listed in Table 21.10. Most 
of them have short half-lives, meaning that they emit a great deal of 
radiation in a short period of time. 

The radiation source used in radiation therapy may be inside or 
outside the body. In almost all cases, radiation therapy uses gamma 
radiation emitted by radioisotopes. Any alpha or beta radiation that 
is emitted concurrently can be blocked by appropriate packaging. 


TABLE 21.10 Some Radioisotopes Used 
in Radiation Therapy 


Isotope Half-Life Isotope Half-Life 
32p 14.3 days BGS 30yr 
60Co 5.27 yr 1927r 74.2 days 
90S 28.8 yr 198A 2.7 days 
1257 60.25 days 222Rn 3.82 days 
1317 8.04 days 226Ra 1600 yr 


SWA Sample Integrative Exercise 


D Putting Concepts Together 


For example, !°°Ir is often administered as “seeds” consisting of a core 
of radioactive isotope coated with 0.1 mm of platinum metal. The 
platinum coating stops the alpha and beta rays, but the gamma rays 
penetrate it readily. The radioactive seeds can be surgically implanted 
in a tumor. 

In some cases, human physiology allows a radioisotope to be 
ingested. For example, most of the iodine in the human body ends 
up in the thyroid gland, so thyroid cancer can be treated by using 
large doses of 131I. Radiation therapy on deep organs, where a surgical 
implant is impractical, often uses a °°Co “gun” outside the body to 
shoot a beam of gamma rays at the tumor. Particle accelerators are 
also used as an external source of high-energy radiation for radiation 
therapy. 

Because gamma radiation is so strongly penetrating, it is nearly 
impossible to avoid damaging healthy cells during radiation ther- 
apy. Many cancer patients undergoing radiation treatment experi- 
ence unpleasant and dangerous side effects such as fatigue, nausea, 
hair loss, a weakened immune system, and occasionally even death. 
However, if other treatments such as chemotherapy (the use of drugs to 
combat cancer) fail, radiation therapy can be a good option. 

Much current research in radiation therapy is engaged in devel- 
oping new drugs that specifically target tumors using a method called 
neutron capture therapy. In this technique, a nonradioactive isotope, 
usually boron-10, is concentrated in the tumor by using specific 
tumor-seeking reagents. The boron-10 is then irradiated with neu- 
trons, where it undergoes the following nuclear reaction producing 
alpha particles: 


19B + gn —> 3Li + jHe 


Tumor cells are killed or damaged by exposure to the alpha particles. 

Healthy tissue farther away from the tumor is unaffected because 

of the short-range penetrating power of alpha particles. Thus, 

neutron-capture therapy has the promise to be a “silver bullet” that 

specifically targets unhealthy cells for exposure to radiation. 
Related Exercises: 21.24, 21.60, 21.64 


Potassium ion is present in foods and is an essential nutrient in the human body. One of the naturally occurring 

isotopes of potassium, potassium-40, is radioactive. Potassium-40 has a natural abundance of 0.0117% and a half-life 

t2 = 1.28 x 10° yr. It undergoes radioactive decay in three ways: 98.2% is by electron capture, 1.35% is by beta emission, 
and 0.49% is by positron emission. (a) Why should we expect *°K to be radioactive? (b) Write the nuclear equations for the 
three modes by which 4°K decays. (c) How many “°K* ions are present in 1.00 g of KCI? (d) How long does it take for 1.00% of 


the “°K in a sample to undergo radioactive decay? 


SOLUTION 


(a) The *°K nucleus contains 19 protons and 21 
neutrons. There are very few stable nuclei 
with odd numbers of both protons and neu- 
trons (Section 21.2). 


(b 


sa 


Electron capture is capture of an inner-shell 
electron by the nucleus: 


Beta emission is loss of a beta particle (9e) 
by the nucleus: 


Positron emission is loss of a positron (49e) 
by the nucleus: 


19K + -fe —> {far 
30K — > 38ca + e 


BK — far + fe 


Continued 


(c) The total number of K* ions in the sample is: 


Of these, 0.0117% are ®K* ions: 


(1.00gKen( 


(8.08 x 10% K*ions)( 
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6.022 x 10? kt 
1 metk* 


1 mel Kt 


tssgnct)(morKct)| 


74S 5KCI)( 


) 8.08 x 107! Kt ions 


0.0117 *°K* ions 
100K*tions 


) 9.45 x 10!” *°K* ions 


(d) The decay constant (the rate constant) for 
the radioactive decay can be calculated from 


the half-life, using Equation 21.19: k —_ 0:693 (5.41 X 107!°)/yr 
tyj2 1.28 x 10° yr 
The rate equation, Equation 21.20, then N 
allows us to calculate the time required: In n = —kt 
0 
99 10 
—~ = -[(5.41 x 
In 100 [(5.41 x 10°™)/yr]t 
—0.01005 = —[(5.41 x 10°!)/yr]¢ 
t is 1.86 x 107 yr 


That is, it would take 18.6 million years for 
just 1.00% of the *°K in a sample to decay. 


(—5.41 x 107!)/yr 


Self-Assessment Exercise 


21.35 Ifaperson is uniformly irradiated by 0.010 J/kg alpha radiation, 
what is the effective dosage in rem? 


(a) 0.010 rem 
(b) 1.0 rem 
(c) 10rem 


Exercises 


21.36 Hydroxyl radicals can pluck hydrogen atoms from mole- 
cules (“hydrogen abstraction”), and hydroxide ions can 
pluck protons from molecules (“deprotonation”). Write 
the reaction equations and Lewis dot structures for the 
hydrogen abstraction and deprotonation reactions for the 
generic carboxylic acid R—COOH with hydroxyl radical 
and hydroxide ion, respectively. Why is hydroxyl radical 
more toxic to living systems than hydroxide ion? 


21.37 A 65-kg person is accidentally exposed for 240 s toa 


15-mCi source of beta radiation coming from a sample 


ÅT 


Chapter Summary and Key Terms 


INTRODUCTION TO RADIOACTIVITY AND NUCLEAR EQUA- 
TIONS (SECTION 21.1) The nucleus of an atom contains pro- 
tons and neutrons, both of which are called nucleons. Reactions 
that involve changes in atomic nuclei are called nuclear reactions. 
Nuclei that spontaneously change by emitting radiation are said 


of °°Sr. (a) What is the activity of the radiation source in 
disintegrations per second? In becquerels? (b) Each beta 
particle has an energy of 8.75 x 1071*J. and 7.5% of the 
radiation is absorbed by the person. Assuming that the 
absorbed radiation is spread over the person’s entire body, 
calculate the absorbed dose in rads and in grays. (c) If the 
RBE of the beta particles is 1.0, what is the effective dose 
in mrem and in sieverts? (d) Is the radiation dose equal to, 
greater than, or less than that for a typical mammogram 
(3 mSv)? 


$9S19J9Xq }UIUSSƏSSY-JJƏŞ 0} SIƏMSUY 


y 


to be radioactive. Radioactive nuclei are called radionuclides, and 
the atoms containing them are called radioisotopes. Radionuclides 
spontaneously change through a process called radioactive decay. 
The three most important types of radiation given off as a result 
of radioactive decay are alpha (a) particles (He ora), beta (6B) 
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particles (Je org ), and gamma (y) radiation (8y ory). Positrons 
(,%e or B*), which are particles with the same mass as an electron 
but the opposite charge, can also be produced when a radioiso- 
tope decays. 

In nuclear equations, reactant and product nuclei are repre- 
sented by giving their mass numbers and atomic numbers, as well 
as their chemical symbol. The totals of the mass numbers on both 
sides of the equation are equal; the totals of the atomic numbers on 
both sides are also equal. There are four common modes of radio- 
active decay: alpha emission, which reduces the atomic number by 2 
and the mass number by 4; beta emission, which increases the atomic 
number by 1 and leaves the mass number unchanged; and positron 
emission and electron capture, both of which reduce the atomic num- 
ber by 1 and leave the mass number unchanged. 


PATTERNS OF NUCLEAR STABILITY (SECTION 21.2) The 
neutron-to-proton ratio is an important factor determining nu- 
clear stability. By comparing a nuclide’s neutron-to-proton ratio 
with those of stable nuclei, we can predict the mode of radioactive 
decay. In general, neutron-rich nuclei tend to emit beta particles; 
proton-rich nuclei tend to either emit positrons or undergo electron 
capture; and heavy nuclei tend to emit alpha particles. The presence 
of magic numbers of nucleons and an even number of protons and 
neutrons also help determine the stability of a nucleus. A nuclide 
may undergo a series of decay steps before a stable nuclide forms. 
This series of steps is called a radioactive decay chain or a nuclear disin- 
tegration series. 

Nuclear transmutations, induced conversions of one nucleus into 
another, can be brought about by bombarding nuclei with either 
charged particles or neutrons. Particle accelerators increase the kinetic 
energies of positively charged particles, allowing these particles to 
overcome their electrostatic repulsion by the nucleus. Nuclear trans- 
mutations are used to produce the transuranium elements, those ele- 
ments with atomic numbers greater than that of uranium. 


RADIOACTIVE DECAY RATES AND DETECTION OF RADIOACTIV- 
ITY (SECTIONS 21.3 AND 21.4) The SI unit for the activity of 
a radioactive source is the becquerel (Bq), defined as one nuclear 
disintegration per second. A related unit, the curie (Ci), corre- 
sponds to 3.7 x 10!° disintegrations per second. Nuclear decay is 
a first-order process. The decay rate (activity) is therefore directly 
proportional to the number of radioactive nuclei. The half-life of a 
radionuclide, which is a constant independent of temperature, is 
the time needed for one-half of the nuclei to decay. Some radioiso- 
topes can be used to date objects; 4C, for example, is used to date 
organic objects. Geiger counters and scintillation counters count 
the emissions from radioactive samples. The ease of detection of 
radioisotopes also permits their use as radiotracers to follow ele- 
ments through reactions. 


ENERGY CHANGES IN NUCLEAR REACTIONS (SECTION 21.5) 
The energy produced in nuclear reactions is accompanied by 
measurable changes of mass in accordance with Einstein’s re- 
lationship, AE = c?Am. The difference in mass between nuclei 
and the nucleons of which they are composed is known as the 
mass defect. The mass defect of a nuclide makes it possible to 
calculate its nuclear binding energy, the energy required to sepa- 
rate the nucleus into individual nucleons. Because of trends in 
the nuclear binding energy with atomic number, energy is pro- 
duced when heavy nuclei split (fission) and when light nuclei 
fuse (fusion). 

Uranium-235, uranium-233, and plutonium-239 undergo fis- 
sion when they capture a neutron, splitting into lighter nuclei and 
releasing more neutrons. The neutrons produced in one fission can 
cause further fission reactions, which can lead to a nuclear chain 
reaction. A reaction that maintains a constant rate is said to be criti- 
cal, and the mass necessary to maintain this constant rate is called 
a critical mass. A mass in excess of the critical mass is termed a 
supercritical mass. 

In nuclear reactors, the fission rate is controlled to generate a 
constant power. The reactor core consists of fuel elements containing 
fissionable nuclei, control rods, a moderator, and a primary coolant. 
A nuclear power plant resembles a conventional power plant except 
that the reactor core replaces the fuel burner. There is concern about 
the disposal of highly radioactive nuclear wastes that are generated 
in nuclear power plants. 

Nuclear fusion requires high temperatures because nuclei must 
have large kinetic energies to overcome their mutual repulsions. Fu- 
sion reactions are therefore called thermonuclear reactions. It is not 
yet possible to generate power on Earth through a controlled fusion 
process. 


NUCLEAR CHEMISTRY AND LIVING SYSTEMS (SECTION 21.6) 
lonizing radiation is energetic enough to remove an electron from a wa- 
ter molecule; radiation with less energy is called nonionizing radiation. 
Ionizing radiation generates free radicals, reactive substances with 
one or more unpaired electrons. The effects of long-term exposure 
to low levels of radiation are not completely understood, but there is 
evidence that the extent of biological damage varies in direct propor- 
tion to the level of exposure. 

The amount of energy deposited in biological tissue by radia- 
tion is called the radiation dose and is measured in units of gray or 
rad. One gray (Gy) corresponds to a dose of 1 J/kg of tissue. It is the SI 
unit of radiation dose. The rad is a smaller unit; 100 rad = 1 Gy. The 
effective dose, which measures the biological damage created by the 
deposited energy, is measured in units of rem or sievert (Sv). The rem 
is obtained by multiplying the number of rad by the relative biologi- 
cal effectiveness (RBE); 100 rem = 1 Sv. 


Learning Outcomes After studying this chapter, you should be able to: 


e Write balanced nuclear equations. (Section 21.1) 
Related Exercises: 21.4, 21.49 


e Predict nuclear stability and expected type of nuclear decay 
from the neutron-to-proton ratio of an isotope. (Section 21.2) 
Related Exercises: 21.38, 21.51 


e Write balanced nuclear equations for nuclear transmutations. 
(Section 21.3) Related Exercises: 21.56, 21.57 


e Calculate ages of objects and/or the amount of a radionuclide re- 
maining after a given period of time using the half-life of the ra- 
dionuclide in question. (Section 21.4) Related Exercises: 21.43, 21.60 


e Calculate mass and energy changes for nuclear reactions. (Sec- 
tion 21.6) Related Exercises: 21.29, 21.65 


e Calculate the binding energies for nuclei. (Section 21.6) 
Related Exercises: 21.67, 21.68 


e Describe the difference between fission and fusion and explain 
how a nuclear power plant operates. (Sections 21.7 and 21.8) 
Related Exercises: 21.71, 21.76 


e Compare different measurements and units of radiation dosage 
and describe the biological effects of radiation. (Section 21.9) 
Related Exercises: 21.36, 21.78 


Exercises 1047 


Key Equations 


.693 
ee [21.19] 
ti/2 
N, 
Inge = kt [21.20] 
e E= me [21.22] 


Relationship between nuclear decay constant and half-life; this is 
derived from the following equation at N, = 3No 


First-order rate law for nuclear decay 


Einstein’s equation that relates mass and energy 


e 
Exercises 


Visualizing Concepts 


21.38 


21.39 


21.40 


21.41 


21.42 


Indicate whether each of the following nuclides lies 
within the belt of stability in Figure 21.2: (a) neon-24, 
(b) chlorine-32, (c) tin-108, (d) polonium-216. For any that 
do not, describe a nuclear decay process that would alter the 
neutron-to-proton ratio in the direction of increased stabil- 
ity. [Section 21.2] 


Write the balanced nuclear equation for the reaction repre- 
sented by the diagram shown here. [Section 21.2] 


64 


aD 
w 


Number of neutrons 
a 
N 


46 47 
Number of protons 


48 


Draw a diagram similar to that shown in Exercise 21.39 
that illustrates the nuclear reaction 744Bi —> $He + 78/TI. 
[Section 21.2] 


In this sketch, the red spheres represent protons and the 
gray spheres represent neutrons. (a) What are the identi- 
ties of the four particles involved in the reaction depicted? 
(b) Write the transformation represented here using con- 
densed notation. (c) Based on its atomic number and mass 
number, do you think the product nucleus is stable or 
radioactive? [Section 21.2] 


0-4 $ 


The steps drawn here show three of the steps in the radio- 
active decay chain for 733Th. The half-life of each isotope is 
shown below the symbol of the isotope. (a) Identify the type 
of radioactive decay for each of the steps (i), (ii), and (iii). 


21.43 


Mass of §$Mo (g) 


(b) Which of the isotopes shown has the highest activity? 
(c) Which of the isotopes shown has the lowest activity? 
(d) The next step in the decay chain is an alpha emission. 
What is the next isotope in the chain? [Sections 21.2 and 21.3] 


The accompanying graph illustrates the decay of §$Mo, 
which decays via positron emission. (a) What is the half- 
life of the decay? (b) What is the rate constant for the 
decay? (c) What fraction of the original sample of {$Mo 
remains after 12 min? (d) What is the product of the decay 
process? [Section 21.3] 


0 2 4 6 8 10 12 14 16 


Time (min) 


21.44 All the stable isotopes of boron, carbon, nitrogen, oxygen, 


and fluorine are shown in the accompanying chart (in red), 
along with their radioactive isotopes with t2 > 1 min 
(in blue). (a) Write the chemical symbols, including mass 
and atomic numbers, for all of the stable isotopes. (b) 
Which radioactive isotopes are most likely to decay by beta 
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emission? (c) Some of the isotopes shown are used in posi- 
tron emission tomography. Which ones would you expect 
to be most useful for this application? (d) Which isotope 
would decay to 12.5% of its original concentration after 
1 hour? [Sections 21.2, 21.3, and 21.4] 


Number of neutrons 


5 6 7 8 9 
Number of protons 


The diagram shown here illustrates a fission process. 
(a) What is the unidentified product of the fission? 
(b) Use Figure 21.2 to predict whether the nuclear prod- 
ucts of this fission reaction are stable. [Section 21.5] 


239 
oahu 


Radioactivity and Nuclear Equations (Section 21.1) 


21.46 


21.47 
21.48 


21.49 


21.50 


Indicate the number of protons and neutrons in the follow- 


ing nuclei: (a) 233Pu, (b) '22Ba, (c) potassium-41. 


What do these symbols stand for? (a) tp, (b) fe, (c) fe 


Write balanced nuclear equations for the following 
processes: (a) radon-198 undergoes alpha emission; 
(b) thorium-234 undergoes beta emission; (c) copper-61 
undergoes positron emission; (d) silver-106 undergoes elec- 
tron capture. 


Decay of which nucleus will lead to the following prod- 
ucts: (a) uranium-235 by alpha decay; (b) aluminum-26 
by positron emission; (c) deuterium by alpha decay; 
(d) yttrium-90 by beta decay? 

The naturally occurring radioactive decay series that begins 
with 733U stops with formation of the stable 707Pb nucleus. 
The decays proceed through a series of alpha-particle and 
beta-particle emissions. How many of each type of emission 
are involved in this series? 


Patterns of Nuclear Stability (Section 21.2) 


21.51 


21.52 


21.53 


21.54 


21.55 


21.56 


21.57 


Predict the type of radioactive decay process for the fol- 
lowing radionuclides: (a) !30, (b) $1Sc, (c) uranium-237, 
(d) sulphur-35. 

One of the nuclides in each of the following pairs is radio- 
active. Predict which is radioactive and which is stable: 
(a) 77Ru and '94Ru, (b) '38Ba and !32Ba, (c) tin-109 and 
tin-120. 

Which of the following nuclides have magic numbers of 
both protons and neutrons: (a) beryllium-10, (b) silicon-28, 
(c) chromium-32, (d) nickel-56, (e) krypton-84? 

Which of the following statements best explains why alpha 
emission is relatively common, but proton emission is 
extremely rare? 


(a) Alpha particles are very stable because of magic num- 
bers of protons and neutrons. 


(b) Alpha particles occur in the nucleus. 

(c) Alpha particles are the nuclei of an inert gas. 

(d) An alpha particle has a higher charge than a proton. 
Which statement best explains why nuclear transmutations 
involving neutrons are generally easier to accomplish than 
those involving protons or alpha particles? 

(a) Neutrons are not a magic number particle. 

(b) Neutrons do not have an electrical charge. 

(c) Neutrons are smaller than protons or alpha particles. 
(d) Neutrons are attracted to the nucleus even at long 


distances, whereas protons and alpha particles are 
repelled. 
Complete and balance the following nuclear equations by 
supplying the missing particle: 
(a) 734Pu + jn — $e +? 
(b) 78U + $He — 34n+? 
(c) 788At — Le +? 
(d) 155m —> 143Nd + ? 
(e) 81+ fe — ? 
Write balanced equations for (a) 738U(a,n)%4Pu, 
(b) 'FN(a, p) SO, (€) 3¢Fe(a, 67) 39Cu. 


Rates of Radioactive Decay (Section 21.3) 


21.58 


21.59 


21.60 


Each statement that follows refers to a comparison between 
two radioisotopes, A and X. Indicate whether each of the 
following statements is true or false. 


(a) If the half-life for A is shorter than the half-life for X, A 
has a larger decay rate constant. 


(b) If X is “not radioactive,” its half-life is essentially zero. 


(c) If A has a half-life of 10 yr, and X has a half-life of 
10,000 yr, A would be a more suitable radioisotope to 
measure processes occurring on the 40-yr time scale. 


Some watch dials are coated with a phosphor, like ZnS, 
and a polymer in which some of the 'H atoms have been 
replaced by 7H atoms, tritium. The phosphor emits light 
when struck by the beta particle from the tritium decay, 
causing the dials to glow in the dark. The half-life of tritium 
is 12.3 yr. If the light given off is assumed to be directly pro- 
portional to the amount of tritium, by how much will a 
dial be dimmed in a watch that is 50 yr old? 


Cobalt-60 is a strong gamma emitter that has a half-life 
of 5.26 yr. The cobalt-60 in a radiotherapy unit must 


21.61 


21.62 


21.63 


be replaced when its radioactivity falls to 75% of the 
original sample. If an original sample was purchased 
in June 2016, when will it be necessary to replace the 
cobalt-60? 


Radium-226, which undergoes alpha decay, has a half-life 
of 1600 yr. (a) How many alpha particles are emitted in 
5.0 min by a 10.0-mg sample of 27°Ra? (b) What is the activ- 
ity of the sample in mCi? 


A 10.00 g plant fossil from an archaeological site is found 
to have a C activity of 3094 disintegrations over a period 
of ten hours. A living plant is found to have a 1C activity 
of 9207 disintegrations over the same period of time for an 
equivalent amount of sample with respect to the total con- 
tents of carbon. Given that the half-life of '*C is 5715 years, 
how old is the plant fossil? 


Phosphorus-32 is commonly used in nuclear medicine 
for the identification of malignant tumors. It decays to 
sulphur-32 with a half-life of 14.29 days. If a patient is 
given 3.5 mg of phosphorus-32, how much phosphorus-32 
will remain after 1 month (i.e. 30 days)? 


Detection of Radioactivity (Section 21.4) 


21.64 


Why is it important that radioisotopes used as diagnostic tools 
in nuclear medicine produce gamma radiation when they 
decay? Why are alpha emitters not used as diagnostic tools? 


Energy Changes in Nuclear Reactions (Section 21.5) 


21.65 


21.66 


21.67 


21.68 


21.69 


An analytical laboratory balance typically measures mass 
to the nearest 0.1 mg. What energy change would accom- 
pany the loss of 0.1 mg in mass? 


The thermite reaction, Fe,O3(s) + 2 Al(s) > 2 Fe(s) + 

Al,O3(s), AH? = —851.5 kJ/mol, is one of the most exo- 
thermic reactions known. Because the heat released is suffi- 
cient to melt the iron product, the reaction is used to weld 
metal under the ocean. How much heat is released per mole 
of Al,O3 produced? How does this amount of thermal energy 
compare with the energy released when 2 mol of protons and 
2 mol of neutrons combine to form 1 mol of alpha particles? 


How much energy must be supplied to break a sin- 
gle aluminum-27 nucleus into separated protons 
and neutrons if an aluminum-27 atom has a mass of 
26.9815386 u? How much energy is required for 100.0 g 
of aluminum-27? (The mass of an electron is given on the 
inside back cover.) 


The atomic masses of hydrogen-2 (deuterium), helium-4, 
and lithium-6 are 2.014102 u, 4.002602 u, and 6.0151228 u, 
respectively. For each isotope, calculate (a) the nuclear 
mass, (b) the nuclear binding energy, (c) the nuclear 
binding energy per nucleon. (d) Which of these three 
isotopes has the largest nuclear binding energy per 
nucleon? Does this agree with the trends plotted in 
Figure 21.12? 


Based on the following atomic mass values = 7H, 2.01410 u; 
3H, 3.01605 u; *He, 3.01603 u; *He, 4.00260 u—and the 
mass of the neutron given in the text, calculate the energy 
released per mole in each of the following nuclear reactions, 
all of which are possibilities for a controlled fusion process. 


21.70 


21.71 


21.72 


21.73 


21.74 


21.75 


21.76 


21.77 
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(a) {7H + 7H —> 3He + In 
(b) fH + fH —> 3He + jn 
The isotope $ZNi has the largest binding energy per nucleon 
of any isotope. Calculate this value from the atomic mass 


of nickel-62 (61.928345 u) and compare it with the value 
given for iron-56 in Table 21.7. 


(a) Which of the following are required characteristics of 
an isotope to be used as a fuel in a nuclear power reactor? 
(i) It must emit gamma radiation. (ii) On decay, it must 
release two or more neutrons. (iii) It must have a half-life 
less than one hour. (iv) It must undergo fission upon the 
absorption of a neutron. (b) What is the most common 
fissionable isotope in a commercial nuclear power reactor? 


What is the function of the control rods in a nuclear reac- 
tor? What substances are used to construct control rods? 
Why are these substances chosen? 


Complete and balance the nuclear equations for the fol- 
lowing fission or fusion reactions: 


(a) 78U + dn —> 32Kr + Hzn 4 
(b) 7H + 7H — $He + _ 


A portion of the Sun’s energy comes from the reaction 


41H —> 3He + 29e 


which requires a temperature of 10° to 10’K. Use the 
mass of the helium-4 nucleus given in Table 21.7 to de- 
termine how much energy is released per mol of hydro- 
gen atoms. 


The spent fuel elements from a fission reactor are much 
more intensely radioactive than the original fuel ele- 
ments. (a) What does this tell you about the products 
of the fission process in relationship to the belt of sta- 
bility, Figure 21.2? (b) Given that only two or three neu- 
trons are released per fission event and knowing that 
the nucleus undergoing fission has a neutron-to-proton 
ratio characteristic of a heavy nucleus, what sorts of 
decay would you expect to be dominant among the fis- 
sion products? 


Which type or types of nuclear reactors have these 
characteristics? 


(a) Does not use a secondary coolant 
(b) Creates more fissionable material than it consumes 
(c) Uses a gas, such as He or COs, as the primary coolant 


Which are not classified as ionizing radiation: gamma rays, 
beta particles, radio waves used in radio and television, and 
infrared radiation from sun? 


Radiation in the Environment (Sections 21.6) 


21.78 


A laboratory rat is exposed to an alpha-radiation source 
whose activity is 14.3 mCi. (a) What is the activity of the 
radiation in disintegrations per second? In becquerels? 
(b) The rat has a mass of 385 g and is exposed to the radi- 
ation for 14.0 s, absorbing 35% of the emitted alpha par- 
ticles, each having an energy of 9.12 x 107'9J. Calculate 
the absorbed dose in millirads and grays. (c) If the RBE of 
the radiation is 9.5, calculate the effective absorbed dose in 
mrem and Sv. 


Additional Exercises 


21.79 


The table to the right gives the number of protons (p) 
and neutrons (n) for four nuclides. (a) Write the symbol 
for each of the isotopes based on the information given 
in the table. (b) Which of the isotopes is most likely to be 


unstable? (c) Which of the isotopes involves a magic num- 
ber of protons and/or neutrons? (d) Which isotope will 
yield iron-58 following positron emission? 
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(i) (ii) (iii) (iv) 
p 27 27 28 28 
n 30 31 28 30 


Assume that Bismuth-213 decays to a stable nucleus by a 
series of two alpha and two beta emissions. What is the sta- 
ble nucleus that is formed? 


Equation 21.28 is the nuclear reaction responsible for 
much of the helium-4 production in our Sun. How much 
energy is released in this reaction? 


Chlorine has two stable nuclides, °®*C1 and ?7C1. In contrast, 
36C] is a radioactive nuclide that decays by beta emission. 
(a) What is the product of decay of 36C]? (b) Based on the 
empirical rules about nuclear stability, explain why the 
nucleus of *°C] is less stable than either *°Cl or ?7C1. 


When two protons fuse in a star, the product is °H plus a 
positron. Write the nuclear equation for this process. 


Nuclear scientists have synthesized new elements and 
isotopes, which are not known in nature using heavy-ion 
bombardment techniques in high-energy particle accelera- 
tors. Complete and balance the following reactions: 


(a) 2C + 12C —> ? + $He 

(b) SLi + $Ni —> ? 

(c) 73gCf + ISB —> ? 

(d) *35U + 4C — ? + 44n 

In 2002, a team of scientists from Russia and the United 
States reported the creation of the first atom of element 
118, which is named oganesson, and whose symbol is Og. 
The synthesis involved the collision of californium-249 
atoms with accelerated ions of an atom which we will 


denote X. In the synthesis, an oganesson-294 is formed 
together with three neutrons. 


282Cf + X — 240g + 34n 


(a) What are the identities of isotopes X? (b) Isotope X 
is unusual in that it is very long-lived (its half-life is on 
the order of 10!° yr) in spite of having an unfavorable 
neutron-to-proton ratio (Figure 21.1). Can you propose a 
reason for its unusual stability? (c) Oganesson-294 decays 
into livermorium-290 by alpha decay. Write a balanced 
equation for this. 


The synthetic radioisotope, phosphorus-32, which decays 
by beta emission, is used as radioactive labelled for DNA 
molecules. The following data were collected on a sample of 
phosphorus: 


Ci Time (days) 
80 0) 
49 10 
30 20 
18 30 
10.5 40 

6.3 50 

4.2 60 


Using these data, make an appropriate graph and curve fit 
to determine the half-life. 
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21.94 


According to current regulations, the maximum per- 
missible dose of strontium-90 in the body of an adult is 
1wCi(1 x 10° Ci). Using the relationship rate = KN, cal- 
culate the number of atoms of strontium-90 to which this 
dose corresponds. To what mass of strontium-90 does this 
correspond? The half-life for strontium-90 is 28.8 yr. 


Methyl acetate (CH;COOCHs3) is formed by the reaction 
of acetic acid with methanol. If the methanol is labeled 
with oxygen-18, the oxygen-18 ends up in the methyl 
acetate: 


7 
CH;COH + HOCH, ——> CH;C0OCH; + H,O 


(a) Do the C—OH bond of the acid and the O—H bond 
of the alcohol break in the reaction, or do the O—H bond 
of the acid and the C—OH bond of the alcohol break? 
(b) Imagine a similar experiment using the radioisotope 7H, 
which is called tritium and is usually denoted T. Would the 
reaction between CHCOOH and TOCH, provide the same 
information about which bond is broken as does the exper- 
iment with H!8OCH;? 


Each of the following transmutations produces a radionu- 
clide used in positron emission tomography (PET). (a) In 
equations (i) and (ii), identify the species signified as “X.” 
(b) In equation (iii), one of the species is indicated as “d.” 
What do you think it represents? 


(i) “N(p, a)X 
(ii) SO(p, X) !8F 
(iii) 4#N(d, n)18O 
The nuclear masses of ’Be, °Be, and !°Be are 7.0147, 9.0100, 


and 10.0113 u, respectively. Which of these nuclei has the 
largest binding energy per nucleon? 


A 26.00 g sample of water containing tritium, #H, emits 
1.50 x 10? beta particles per second. Tritium is a weak beta 
emitter with a half-life of 12.3 yr. What fraction of all the 
hydrogen in the water sample is tritium? 


The Sun radiates energy into space at the rate of 
3.9 X 107° J/s. (a) Calculate the rate of mass loss from the 
Sun in kg/s. (b) How does this mass loss arise? (c) It is esti- 
mated that the Sun contains 9 x 10°° free protons. How 
many protons per second are consumed in nuclear reac- 
tions in the Sun? 


The average energy released in the fission of a single 
uranium-235 nucleus is about 3 x 107!"J. If the conver- 
sion of this energy to electricity in a nuclear power plant is 
40% efficient, what mass of uranium-235 undergoes fission 
in a year in a plant that produces 1000 megawatts? Recall 
that a watt is 1 J/s. 


Tests on human subjects in Boston in 1965 and 1966, fol- 
lowing the era of atomic bomb testing, revealed average 
quantities of about 2 pCi of plutonium radioactivity 
in the average person. How many disintegrations per 
second does this level of activity imply? If each alpha 
particle deposits 8 x 107'°J of energy and if the aver- 
age person weighs 75 kg, calculate the number of grays 
and sieverts of radiation in 1 yr from such a level of 
plutonium. 


oo _ 


Integrative Exercises 
21.95 A 0.53 g sample of fludeoxyglucose (CsH,,FOs) contains 


21.96 


21.97 


radioactive fluorine-18 (whose atomic mass is 18.0 u). If 
68.3% of the fluorine atoms in the sample are fluorine-18 
and the remainder are naturally occurring nonradioactive 
fluorine-19 atoms, how many disintegrations per second 
are produced by this sample? The half-life of fluorine-18 is 
110 min. 


Calculate the mass of methane, CH,(g), that must be 
burned in air to evolve the same quantity of energy as pro- 
duced by the fusion of 1.0 g of deuterium and 1.5 g of tri- 
tium in the following fusion reaction: 


fH + 3H —> 3He + dn 


Assume that all the products of the combustion of meth- 
ane are in their gas phases. Use data from Exercise 21.28, 
Appendix C, and the inside covers of the text. The standard 
enthalpy of formation of methane is —74.8 kJ/mol. 


Naturally found uranium consists of 99.274% 8U, 
0.720% 5U, and 0.006% 7°U. As we have seen, 7°5U is the 
isotope that can undergo a nuclear chain reaction. Most 
of the ?SU used in the first atomic bomb was obtained 
by gaseous diffusion of uranium hexafluoride, UF,(g). (a) 
What is the mass of UF, in a 30.0 L vessel of UF, at a pres- 
sure of 92.7 kPa at 350 K? (b) What is the mass of 75U in 
the sample described in part (a)? (c) Now suppose that 
the UF, is diffused through a porous barrier and that the 
change in the ratio of *°8U and **>U in the diffused gas can 
be described by Equation 10.23. What is the mass of 7°5U in 


Design an Experiment 


Because radioactivity can have harmful effects on human health, 
very stringent experimental procedures and precautions are re- 
quired when undertaking experiments on radioactive materials. As 
such, we typically do not have experiments involving radioactive 
substances in general chemistry laboratories. We can nevertheless 
ponder the design of some hypothetical experiments that would 
allow us to explore some of the properties of radium, which was 
discovered by Marie and Pierre Curie in 1898. 


(a) 


(b) 


(c) 


A key aspect of the discovery of radium was Marie Curie’s obser- 
vation that pitchblende, a natural ore of uranium, had greater 
radioactivity than pure uranium metal. Design an experiment 
to reproduce this observation and to obtain a ratio of the activ- 
ity of pitchblende relative to that of pure uranium. 

Radium was first isolated as halide salts. Suppose you had pure 
samples of radium metal and radium bromide. The sample sizes 
are on the order of milligrams and are not amenable to the usual 
forms of elemental analysis. Could you use a device that mea- 
sures radioactivity quantitatively to determine the empirical 
formula of radium bromide? What information must you use 
that the Curies may not have had at the time of their discovery? 
Suppose you had a 1-yr time period in order to measure the 
half-life of radium and related elements. You have some pure 
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a sample of the diffused gas analogous to that in part (a)? 
(d) After one more cycle of gaseous diffusion, what is the 
percentage of 7*5UF, in the sample? 


Polonium-210 is a powerful alpha emitter. A sample of 
polonium-210 having an activity of 85.2 Ciis stored ina 
25.0-mL sealed container at 30°C for 15 hours. (a) How 
many alpha particles are formed during this time? 
(b) Assuming that each alpha particle is converted to a 
helium atom, what is the partial pressure, in kPa, of helium 
gas in the container after this 15-hour period? 


Charcoal samples from Stonehenge in England were 
burned in O2, and the resultant CO, gas bubbled into a 
solution of Ca(OH), (limewater), resulting in the precipi- 
tation of CaCO3. The CaCO; was removed by filtration and 
dried. A 788 mg sample of the CaCO; had a radioactivity 
of 1.5 x 10? Bq due to carbon-14. By comparison, living 
organisms undergo 15.3 disintegrations per minute per 
gram of carbon. Using the half-life of carbon-14, 5700 yr, 
calculate the age of the charcoal sample. 


A 2.5 mL sample of 0.188 M silver nitrate solution was 


mixed with 2.5 mL of 0.188 M sodium chloride solution 


labeled with radioactive chlorine-36. The activity of the 
initial sodium chloride solution was 2.46 x 10° Bq/mL. 
After the resultant precipitate was removed by filtration, 
the remaining filtrate was found to have an activity of 
175 Bq/mL. (a) Write a balanced chemical equation for the 
reaction that occurred. (b) Calculate the K,, for the precipi- 
tate under the conditions of the experiment. 


samples and a device that measures radioactivity quantita- 
tively. Could you determine the half-life of the elements in the 
samples? Would you have different experimental constraints 
depending on whether the half-life were 10 yr or 1000 yr? 
Before its negative health effects were better understood, small 
amounts of radium salts were used in “glow in the dark” watches, 
such as the one shown here. The glow is not due to the radioac- 
tivity of radium directly; rather, the radium is combined with 
a luminescent substance, 
such as zinc sulfide, which 
glows when it is exposed 
to radiation. Suppose you 
had pure samples of radium 
and zinc sulfide. How could 
you determine whether the 
glow of zinc sulfide is due to 
alpha, beta, or gamma radi- 
ation? What type of device 
could you design to use the 
glow as a quantitative mea- 
sure of the amount of radio- 
activity in a sample? 
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SECTION 22.1 Periodic Trends and Chemical Reactions 


A great number of chemical elements go into making up living spaces with all their 
paraphernalia. One of the first questions we might ask is: 

What is the relative importance of metallic and nonmetallic elements? Some car- 
pets or mats may be made of organic fibers derived from bamboo. Walls may be made 
of cellulososic material that is essentially nonmetallic. Objects such as chair coverings, 
chairs, and ceramic plant pots are all constructed from mainly nonmetallic elements as 
well. Metals are certainly important too, as they are necessary to manufacture the elec- 
trical wiring in the walls, perhaps steel girders in the building’s frame, perhaps plumbing 
fixtures. Overall, however, the stuff of which such a living space is constructed is largely 
nonmetallic in origin. 

Chemical innovation has resulted in a host of materials that form the stuff of mod- 
ern life. We’ve learned in earlier chapters about a variety of chemical reaction types that 
allows chemists to purify materials and polymerize small mol ecules into much larger 
ones. We’ve also learned how the properties of pure substances and mixtures depend on 
underlying molecular properties. But what are the chemical and physical properties of 
the elements that make up all these materials? In this chapter and the next, we look at 
the properties of many elements and at how these properties determine the possibilities 
for useful applications. 

In this chapter, we start by taking a panoramic view of the descriptive chemistry of 
the nonmetallic elements, starting with hydrogen and then progressing, group by group, 
from right to left across the periodic table. We emphasize hydrogen, oxygen, nitrogen, 
and carbon. These four nonmetals form many commercially important compounds and 
account for 99% of the atoms required by living cells. 

At the end of this section, you should be able to 


e Explain two ways in which the first element of the group differs from subsequent 
elements in the group 


Recall that we can classify elements as metals, metalloids, and nonmetals. Except for 
hydrogen, which is a special case, the nonmetals occupy the upper right portion of 
the periodic table. This division of elements relates nicely to trends in their properties 
as summarized in Figure 22.1. Electronegativity, for example, increases as we move left 
to right across a period and decreases as we move down a group. The nonmetals thus 
have higher electronegativities than the metals. This difference leads to the formation 
of ionic solids in reactions between metals and nonmetals. In contrast, compounds 
formed between two or more nonmetals are usually molecular substances. 

The chemistry exhibited by the first member of a nonmetal group can differ from 
that of subsequent members in important ways. Two differences are particularly notable: 


e The first member is able to accommodate fewer bonded neighbors. For example, 
nitrogen is able to bond to a maximum of three Cl atoms, NCl, whereas phospho- 
rus can bond to five, PCl;. The small size of nitrogen is largely responsible for this 
difference. 

e The first member can more readily form a bonds and hence double and tri- 
ple bonds. This trend is also due, in part, to size because small atoms are able to 
approach each other more closely. As a result, the overlap of p orbitals, which results 
in the formation of m bonds, is more effective for the first element in each group 
(Figure 22.2). More effective overlap means stronger m bonds, reflected in bond 
enthalpies. For example, the difference between the enthalpies of the C—C bond 
and the C=C bond is about 270 kJ/mol (Table 8.3); this large value reflects the 
“strength” of a carbon-carbon 7 bond. On the other hand, the difference between 
Si— Si and Si=Si bonds is only about 100 kJ/mol, significantly lower than that for 
carbon, reflecting much weaker m bonding. 


As we shall see, 7 bonds are particularly important in the chemistry of carbon, 
nitrogen, and oxygen, each the first member in its group. The heavier elements in these 
groups have a tendency to form only single bonds. 
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[E] Metals 
(J Metalloids 


[E] Nonmetals 


Increasing ionization energy 
Decreasing atomic radius 
Increasing electronegativity 


Decreasing metallic character 


a 


Decreasing ionization energy 


Increasing atomic radius 
Decreasing electronegativity 


Increasing metallic character 


A Figure 22.1 Trends in elemental properties. 


The ready ability of Period 2 elements to form m bonds is an important factor in 
determining the elemental forms of these elements. Compare, for example, carbon and 


silicon. Carbon has five major crystalline allotropes: diamond, graphite, buckminster- 


C-C Si—Si fullerene, graphene, and carbon nanotubes. Diamond is a covalent-network solid that 
/ has C—C ø bonds but no z bonds. Other allotropes of carbon have m bonds that result 
from the sideways overlap of p orbitals. Elemental silicon, however, exists only as a dia- 
j mond-like covalent-network solid with o bonds; it has no forms analogous to graphite, 
buckminsterfullerene, graphene, or carbon nanotubes, apparently because Si— Si m 
Smaller nucleus- Larger nucleus- honus aie too weak, 

to-nucleus distance, to-nucleus distance, We likewise see significant differences in the dioxides of carbon and silicon as a 
more orbital overlap, less orbital overlap, result of their relative abilities to form 7 bonds (Figure 22.3). CO, is a molecular substance 
stronger m bond weaker bond containing C=O double bonds, whereas SiO; is a covalent-network solid in which four 
A Figure 22.2 a Bonds in Period 2 and oxygen atoms are bonded to each silicon atom by single bonds, forming an extended 

Period 3 elements. structure that has the empirical formula SiO3. 


ap Sample Exercise 22.1 
D Identifying Elemental Properties 


SOLUTION 


Analyze We are given a list of elements and asked to predict several 
properties that can be related to periodic trends. 


Plan We can use Figures 22.1 and 22.2 to guide us to the answers. 


Solve 

(a) Electronegativity increases as we proceed toward the upper 
right portion of the periodic table, excluding the noble 
gases. Thus, N is the most electronegative element of our 
choices. 


(b 


= 


Metallic character correlates inversely with electronegativi- 
ty—the less electronegative an element, the greater its metal- 
lic character. The element with the greatest metallic character 
is therefore K, which is closest to the lower left corner of the 
periodic table. 


(c) Nonmetals tend to form molecular compounds, so we can 
narrow our choice to the three nonmetals on the list: N, P, 


(a) 


Of the elements Li, K, N, P, and Ne, which (a) is the most electronegative, (b) has the greatest metallic character, (c) can bond to 
more than four atoms in a molecule, and (d) forms m bonds most readily? 


and Ne. To form more than four bonds, an element must be 
able to expand its valence shell to allow more than an octet of 
electrons around it. Valence-shell expansion occurs for Period 
3 elements and below; N and Ne are both in Period 2 and do 
not undergo valence-shell expansion. Thus, the answer is P. 


Period 2 nonmetals form 7 bonds more readily than elements 
in Period 3 and below. There are no compounds known that 
contain covalent bonds to Ne. Thus, N is the element from 
the list that forms 7 bonds most readily. 


> Practice Exercise 


Which description correctly describes a difference between 
the chemistry of oxygen and sulfur? 

(a) Oxygen is a nonmetal and sulfur is a metalloid. (b) Oxy- 
gen can form more than four bonds, whereas sulfur cannot. 
(c) Sulfur has a higher electronegativity than oxygen. 

(d) Oxygen is better able to form m bonds than sulfur. 
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Chemical Reactions 


Because O; and H20 are abundant in our environment, it is particularly important to 
consider how these substances react with other compounds. About one-third of the reac- 
tions discussed in this chapter involve either O, (oxidation or combustion reactions) or 
H20 (especially proton-transfer reactions). 

In combustion reactions, hydrogen-containing compounds produce H20. Carbon- 
containing ones produce CO; (unless the amount of Oy is insufficient, in which case CO or 
even C can form). Nitrogen-containing compounds tend to form Ng, although NO can form 
in special cases or in small amounts. A reaction illustrating these points is: 


The formation of H2O, COz, and N; reflects the high thermodynamic stability of these 
substances, indicated by the large bond energies for the O—H, C=O, and N=N bonds 
(463, 799, and 941 kJ/mol, respectively). 

When dealing with proton-transfer reactions, remember that the weaker a Bronsted- 
Lowry acid, the stronger its conjugate base. For example, H2, OOH, NH3, and CH; are 
exceedingly weak proton donors that have no tendency to act as acids in water. Thus, the 
species formed by removing one or more protons from them are extremely strong bases. 
All of them react readily with water, removing protons from H320 to form OH. Two rep- 
resentative reactions are: 


CH; (aq) + H,O(1) — > CHy(g) + OH (aq) [22.2] 
N? (aq) + 3H,O(1) —> NH;(aq) + 3 OH (aq) [22.3] 


= Sample Exercise 22.2 
D Predicting the Products of Chemical Reactions 


(a) CH3NHNH2(g) + O2(g) —> ? (b) Mg3P2(s) + H20(/) —> ? 


Analyze We are given the reactants for two chemical equations and 
asked to predict the products and then balance the equations. 


Plan We need to examine the reactants to see if we might recognize a 
reaction type. In (a) the carbon compound is reacting with O2, which 


compound. The anion P* is a strong base and H30 is able to act as an 
acid, so the reactants suggest an acid-base (proton-transfer) reaction. 


Solve 


(a) Based on the elemental composition of the carbon compound, 
this combustion reaction should produce CO2, H20, and N3: 


> Practice Exercise 


pound forms? 
2 CH3NHNH2(g) + 5 O2(g) —> 2 CO2(8) + 6 H20(g) + 2 No(s) (a)CO (b) CO, 


Fragment of extended SiO, lattice; 
Si forms only single bonds 


QQ 


CO,; C forms double bonds 


A Figure 22.3 Comparison of the bonds in 
SiO. and c02. 


Predict the products formed in each of the following reactions, and write a balanced equation: 


SOLUTION (b) Mg;P, is ionic, consisting of Mg?* and P*- ions. The P* ion, 
like N°, has a strong affinity for protons and reacts with HzO 
to form OH” and PH; (PH?, PH, and PH; are all exceedingly 
weak proton donors). 


Mg3P2(s) + 6 H20(1) —> 2 PH3(g) + 3 Mg(OH)2(s) 


suggests a combustion reaction. In (b) water reacts with an ionic Mg(OH); has low solubility in water and will precipitate. 


When CaC; reacts with water, what carbon-containing com- 


(c)CH, (d)C2H2 (e) HCO; 


Self-Assessment Exercise 


22.1 Carbon dioxide is found in nature as CO,(g). Would you (a) Yes 
expect silicon dioxide to be found in nature as SiO, (8)? (b) No 
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Exercises 


22.2 


22.3 


22.4 


Identify each of the following elements as a metal, non- 
metal, or metalloid: (a) germanium, (b) bismuth, (c) sul- 
phur, (d) calcium, (e) rhenium, (f) tin. 


Consider the elements Ba, Na, O, B, P, and Kr. From this 
list, select the element that (a) is most electronegative, 
(b) has the greatest metallic character, (c) most readily forms 
a positive ion, (d) exhibits a maximum oxidation sate of +5, 
(e) exists as monoatomic gas at room temperature, (f) has 
multiple allotropes. 


Which of the following statements are true? 


(a) Si can form an ion with six fluorine atoms, SiF 8, 
whereas carbon cannot. 


(b) Si can form three stable compounds containing two Si 
atoms each, Si2H3, Si2H4, and Si,H.. 


(c) In HNO; and H3PO, the central atoms, N and P, have 
different oxidation states. 


(d) Sis more electronegative than Se. 


22.5 Complete and balance the following equations: 


(a) Mg:N2(s) + H:0(1) —> 
(b) C3H7OH(1) + O2(8) —> 
(c) MnOz2(s) + C(s) > 
(d) AIP(s) + H:0() — 


(e) NaS(s) + HCl(aq) —> 
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22.2 | Hydrogen 


The mass percent of hydrogen in water changes from 11% to 20% as the isotope of hydro- 
gen is changed from !H to 2H. This dramatic change effects both the physical and chem- 
ical properties of the material; for example, the density of ice made from 7H,0 is greater 
than water made from 'H,0O, and so ice cubes sink, unlike ice made from 'H,O, which 
floats, as pictured here. 

In this section, we review some of the properties and chemistry of hydrogen. By the 
end of the section, you should be able to 


e Appreciate the unique nature of hydrogen. 


Because hydrogen produces water when burned in air, the French chemist Antoine 
Lavoisier gave it the name hydrogen, which means “water producer” (Greek: hydro, water; 
gennao, to produce). 


Hydrogen is the most abundant element in the universe. It is the nuclear fuel con- 
sumed by our Sun and other stars to produce energy. Although about 75% of the known 
mass of the universe is hydrogen, it constitutes only 0.87% of Earth’s mass. Most of the 
hydrogen on our planet is found associated with oxygen. Water, which is 11% hydrogen 
by mass, is the most abundant hydrogen compound. 


Isotopes of Hydrogen 


The most common isotope of hydrogen, }H, has a nucleus consisting of a single pro- 
ton. This isotope, sometimes referred to as protium,* makes up 99.9844% of naturally 
occurring hydrogen. 

Two other isotopes are known: 7H, whose nucleus contains a proton and a neutron, and 
3H, whose nucleus contains a proton and two neutrons. The tH isotope, deuterium, makes 
up 0.0156% of naturally occurring hydrogen. It is not radioactive, and it is often given the 
symbol D in chemical formulas, as in DO (deuterium oxide), which is known as heavy water. 

Because an atom of deuterium is about twice as massive as an atom of protium, the 
properties of deuterium-containing substances vary somewhat from those of the protium- 
containing analogs. For example, the normal melting and boiling points of DO are 
3.81 °C and 101.42 °C, respectively, versus 0.00 °C and 100.00 °C for H2O. Not surpris- 
ingly, the density of D,O at 25 °C (1.104 g/mL) is greater than that of H2O (0.997 g/mL). 
Replacing protium with deuterium (a process called deuteration) can also have a profound 
effect on reaction rates, a phenomenon called a kinetic-isotope effect. For example, heavy 
water can be obtained from the electrolysis [2 H,O(/) —> 2 H,(g) + O2(g)] of ordinary 
water because the small amount of naturally occurring D,O in the sample undergoes elec- 
trolysis more slowly than H,O and, therefore, becomes concentrated during the reaction. 

The third isotope, 3H, tritium, is radioactive, with a half-life of 12.3 yr: 


iH —> 3He + _fe tj. = 12.3 yr [22.4] 


Because of its short half-life, only trace quantities of tritium exist naturally. The isotope 
can be synthesized in nuclear reactors by neutron bombardment of lithium-6: 


SLi + in —> fH + 3He [22.5] 


Deuterium and tritium are useful in studying reactions of compounds containing 
hydrogen. A compound is “labeled” by replacing one or more ordinary hydrogen atoms 
with deuterium or tritium at specific locations in a molecule. By comparing the loca- 
tions of the label atoms in reactants and products, the reaction mechanism can often 
be inferred. When methanol (CH30H) is placed in D,O, for example, the H atom of the 
O—H bond exchanges rapidly with the D atoms, forming CHOD. The H atoms of the 
CH; group do not exchange. This experiment demonstrates the kinetic stability of C— H 
bonds and reveals the speed at which the O— H bond in the molecule breaks and re-forms. 


Properties of Hydrogen 


Hydrogen is the only element that is not a member of any family in the periodic table. 
Because of its Is! electron configuration, it is generally placed above lithium in the table. 
However, it is definitely not an alkali metal. It forms a positive ion much less readily than 
any alkali metal. The ionization energy of the hydrogen atom is 1312 kJ/mol, whereas 
that of lithium is 520 kJ/mol. 

Hydrogen is sometimes placed above the halogens in the periodic table because 
the hydrogen atom can pick up one electron to form the hydride ion, H`, which has 
the same electron configuration as helium. However, the electron affinity of hydrogen, 
EA = -73 kJ/mol, is not as large as that of any halogen. In general, hydrogen shows no 
closer resemblance to the halogens than it does to the alkali metals. 


*Giving unique names to isotopes is limited to hydrogen. Because of the proportionally large dif- 
ferences in their masses, the isotopes of H show appreciably more differences in their properties 
than isotopes of heavier elements. 


SECTION 22.2 Hydrogen 
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Elemental hydrogen exists at room temperature as a colorless, odorless, tasteless gas 
composed of diatomic molecules. We can call H dihydrogen, but it is more commonly 
referred to as either molecular hydrogen or simply hydrogen. Because H; is nonpolar and 
has only two electrons, attractive forces between molecules are extremely weak. As a 
result, its melting point (—259 °C) and boiling point (—253 °C) are very low. 

The H—H bond enthalpy (436 kJ/mol) is high for a single bond. (Table 8.3) By 
comparison, the Cl—Cl bond enthalpy is only 242 kJ/mol. Because H, has a strong 
bond, most reactions involving H3 are slow at room temperature. However, the molecule 
is readily activated by heat, irradiation, or catalysis. The activation generally produces 
hydrogen atoms, which are very reactive. Once H3 is activated, it reacts rapidly and exo- 
thermically with a wide variety of substances. 

Hydrogen forms strong covalent bonds with many other elements, including oxy- 
gen; the O—H bond enthalpy is 463 kJ/mol. The formation of the strong O—H bond 
makes hydrogen an effective reducing agent for many metal oxides. When Hy is passed 
over heated CuO, for example, copper is produced: 


CuO(s) + H2(g) —> Cu(s) + H20(g) [22.6] 


When H; is ignited in air, a vigorous reaction occurs, forming H2O. Air containing as 
little as 4% H, by volume is potentially explosive. Combustion of hydrogen-oxygen mix- 
tures is used in liquid-fuel rocket engines such as those of the Space Shuttle. The hydro- 
gen and oxygen are stored at low temperatures in liquid form. 


Production of Hydrogen 


When a small quantity of H is needed in the laboratory, it is usually obtained by the reac- 
tion between an active metal such as zinc and a dilute strong acid such as HCl or H2SOx: 


Zn(s) + 2H*(aq) —> Zn?* (aq) + Hp(g) [22.7] 


Large quantities of H, are produced by reacting methane with steam at 1100 °C. We 
can view this process as involving two reactions: 


CH,(g) + H20(g) —> CO(g) + 3 Ha(g) [22.8] 


CO(g) + HzO(g) —> COp(g) + H2(g) [22.9] 


Carbon heated with water to about 1000 °C is another source of H3: 


C(s) + H,0(g) —> Ha(g) + CO(g) [22.10] 


This mixture, known as water gas, is used as an industrial fuel. 


A CLOSER LOOK AALL 


The reaction of hydrogen with oxygen is highly exothermic: 


2 H2(g) + Oo(g) — > 2H,O0(g) AH = —483.6kJ [22.12] 


Because H; has a low molar mass and a high enthalpy of combus- 
tion, it has a high energy density by mass. (That is, its combustion 
produces high energy per gram.) The only product of the reaction 
is water vapor, which means that hydrogen is environmentally 
cleaner than fossil fuels. Thus, the prospect of using hydrogen 
widely as a fuel is attractive. Furthermore, the hydrogen can be uti- 
lized as a fuel in hydrogen fuel cells, enhancing the efficiency of 
its use. 

The term hydrogen economy is used to describe the concept of 
delivering and using hydrogen as a fuel in place of fossil fuels. In order 
to develop a hydrogen economy, it would be necessary to generate 
elemental hydrogen on a large scale and arrange for its transport and 
storage. These matters provide significant technical challenges. 

Figure 22.4 illustrates various sources and uses of H; fuel. The gen- 
eration of H; through electrolysis of water is in principle the clean- 
est route, because this process produces only hydrogen and oxygen. 


(Figure 1.7) However, the energy required to electrolyze water must 
come from somewhere. If we burn fossil fuels to generate this energy, 
we have not advanced very far toward a true hydrogen economy. 
If the energy for electrolysis came instead from a hydroelectric or 
nuclear power plant, solar cells, or wind generators, consumption 
of nonrenewable energy sources and undesired production of CO, 
could be avoided. 

The storage of hydrogen is another technical obstacle that must 
be overcome in developing a hydrogen economy. Although H»(g) has 
a high energy density by mass, it has a low energy density by volume. 
Thus, storing hydrogen as a gas requires a large volume compared to 
the energy it delivers. There are also safety issues associated with han- 
dling and storing the gas because its combustion can be explosive. 
Storing hydrogen in the form of various hydride compounds such as 
LiAIH, is being investigated as a means of reducing the volume and 
increasing the safety. One problem with this approach, however, is 
that such compounds have high energy density by volume but low 
energy density by mass. 

Related Exercises: 22.11, 22.64, 22.104 


Hydroelectric, 
solar photovoltaics, 


wind 


nuclear 


Internal 
combustion 
engines 
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A Figure 22.4 The hydrogen economy would require hydrogen to be produced from various sources 


and would use hydrogen in energy-related applications. 


Electrolysis of water consumes too much energy and is consequently too costly to be 
used commercially to produce Hz. However, H; is produced as a by-product in the electrol- 
ysis of brine (NaCl) solutions in the course of commercial Cl, and NaOH manufacture: 


2 NaCl(aq) + 2H,O(I) FES" H (g) + Clo(g) + 2NaOH(aq) [22.11] 


Uses of Hydrogen 


Hydrogen is commercially important. About half of the H) produced is used to 
synthesize ammonia by the Haber process. Much of the remaining hydrogen is 
used to convert high-molecular-weight hydrocarbons from petroleum into lower- 
molecular-weight hydrocarbons suitable for fuel (petrol, diesel, and others) in a process 
known as cracking. Hydrogen is also used to manufacture methanol via the catalytic reac- 
tion of CO and H; at high pressure and temperature: 


CO(g) + 2 H»(g) —> CH30H(g) [22.13] 


Binary Hydrogen Compounds 


Hydrogen reacts with other elements to form three types of compounds: (1) ionic 
hydrides, (2) metallic hydrides, and (3) molecular hydrides. 

The ionic hydrides are formed by the alkali metals and by the heavier alkaline 
earths (Ca, Sr, and Ba). These active metals are much less electronegative than hydrogen. 
(Figure 8.8) Consequently, hydrogen acquires electrons from them to form hydride ions 
(H7): 


Ca(s) + H»(g) —> CaH,(s) [22.14] 
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D4 Go Figure This reaction is exothermic. Is the beaker on the right warmer or colder 
than the beaker on the left? 


C aH) 


H20 with pH 
indicator 


Color 


change 
indicates 


presence 
of OH. 


CaH,(s) + 2H,O() —— Ca(OH),(aq) + 2H,(9) 


A Figure 22.5 The reaction of CaH, with water. 


W Go Figure 


The hydride ion is very basic and reacts readily with compounds having even weakly acidic 


Which is the most protons to form H; as shown in Figure 22.5 and summarized by the following equation: 
thermodynamically stable 
hydride? Which is the least H (aq) + H,O(!) —> H2(8) + OH (aq) [22.15] 


i 2 
thermodynamically steiner Ionic hydrides can therefore be used as convenient (although expensive) sources of H3. 


14 15 16 ily Calcium hydride (CaH3) is used to inflate life rafts, weather balloons, and the like 
where a simple, compact means of generating H; is desired (Figure 22.5). 

CELO NES) EON | EEG, Metallic hydrides are formed when hydrogen reacts with transition metals. These 

08 | -167 | = | = compounds are so named because they retain their metallic properties. In many metal- 

SiH4(g) | PH3(g) | H2S(g) | HCI(g) lic hydrides, the ratio ae metal atoms to hydrogen atoms is not fixed orin small whole 

+56.9 | +18.2 | —33.0. | —95.3 numbers. The composition can vary within a range, depending on reaction conditions. 

TiH, can be produced, for example, but preparations usually yield TiH, 8. These nonstoi- 


IGeHy(g)|AsH3(g)|/H2Se(g)} HBr(g) chiometric metallic hydrides are sometimes called interstitial hydrides. Because hydrogen 

+117 111 +71 53.2 atoms are small enough to fit between the sites occupied by the metal atoms, many metal 
hydrides behave like interstitial alloys. 

SbH3(g)|H2Te(g)} HI(g) The molecular hydrides, formed by nonmetals and metalloids, are either gases 

aiey || se ilets} || sril3%0) or liquids under standard conditions. The simple molecular hydrides are listed in 

Figure 22.6, together with their standard free energies of formation, AG. In each fam- 

A Figure 22.6 Standard free energies of ily, the thermal stability (measured as AG?) decreases as we move down the family. 


formation of molecular hydrides. All values 


sie A (Recall that the more stable a compound is with respect to its elements under standard 
are kilojoules per mole of hydride. 


conditions, the more negative AG? is.) 


Self-Assessment Exercise 
22.6 What is the oxidation state of H in LiAlH,? (a) -1 
(b) 0 
(c) +1 
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rr 


Exercises 


22.7 


22.8 


22.9 


(a) Give the names and chemical symbols for the three iso- 
topes of hydrogen. (b) List the isotopes in order of decreas- 
ing natural abundance. (c) Which hydrogen isotope is 
radioactive? (d) Write the nuclear equation for the radioac- 
tive decay of this isotope. 


What does hydrogen have in common with the halogens? 
Explain. 

Write balanced equations for each of the following reac- 
tions (some of these are analogous to reactions shown in 
the chapter). (a) Aluminum metal reacts with acids to form 
hydrogen gas. (b) Steam reacts with magnesium metal to 


22.10 


22.11 


22.3 | Group 18: The Noble Gases 


give magnesium oxide and hydrogen. (c) Manganese(IV) 
oxide is reduced to manganese(II) oxide by hydrogen gas. 
(d) Calcium hydride reacts with water to generate hydro- 
gen gas. 


Identify the following hydrides as ionic, metallic, or molec- 
ular: (a) MgHp, (b) HI, (c) LaNi4.7Alo 3H. 


The H,/O, fuel cell converts elemental hydrogen and oxy- 
gen into water, producing, theoretically, 1.23 V. What is 
the most sustainable way to obtain hydrogen to run a large 
number of fuel cells? Explain. 
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In this section, we review some of the properties of the noble gasses. By the end of this 
section, you should be able to 


e Understand that some Group 18 elements form compounds 


The elements of Group 18 are chemically unreactive. Indeed, most of our references to 
these elements have been in relation to their physical properties, as when we discussed 
intermolecular forces. The relative inertness of these elements is due to the presence of 
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a completed octet of valence-shell electrons (except He, which only has a filled 1s shell). 
The stability of such an arrangement is reflected in the high ionization energies of the 
Group 18 elements. 

The Group 18 elements are all gases at room temperature. They are components of 
Earth’s atmosphere, except for radon, which exists only as a short-lived radioisotope. 
Only argon is relatively abundant. (Table 18.1) 

Neon, argon, krypton, and xenon are used in lighting, display, and laser applica- 
tions in which the atoms are excited electrically and electrons that are in a higher energy 
state emit light as they return to the ground state. Argon is also used as a protective 
atmosphere to prevent oxidation in welding and certain high-temperature metallurgical 
processes. 

Helium is in many ways the most important noble gas. Liquid helium is used as 
a coolant to conduct experiments at very low temperatures. Helium boils at 4.2 K and 
101.3 kPa, the lowest boiling point of any substance. It is found in relatively high concen- 
trations in many natural-gas wells from which it is isolated. 


Noble Gas Compounds 


Because the noble gases are exceedingly stable, they react only under rigorous condi- 
tions. We expect the heavier ones to be most likely to form compounds because their 
ionization energies are lower. (Figure 7.10) A lower ionization energy suggests the 
possibility of sharing an electron with another atom, leading to a chemical bond. In 
addition, because the Group 18 elements (except helium) already contain eight elec- 
trons in their valence shell, formation of covalent bonds will require an expanded 
valence shell. Valence-shell expansion occurs most readily with larger atoms. 

The first noble gas compound was reported in 1962. This discovery caused a sen- 
sation because it undercut the belief that the noble gas elements were inert. The initial 
study involved xenon in combination with fluorine, the element we would expect to be 
most reactive in pulling electron density from another atom. Since that time chemists 
have prepared several xenon compounds of fluorine and oxygen (Table 22.1). The fluo- 
rides XeF,, XeF,, and XeF, are made by direct reaction of the elements. By varying the 
ratio of reactants and altering reaction conditions, each of the three compounds can be 
obtained. The oxygen containing compounds are formed when the fluorides react with 
water as, for example, 


XeFe(s) + 3H,O(1) —> XeO3(aq) + 6 HF(aq) [22.16] 


TABLE 22.1 Properties of Xenon Compounds 


Compound Oxidation State of Xe Melting Point (°C) AH’, (kJ/mol)? 
XeF, ae) 129 —109(g) 
XeF, +4 117 ~218(g) 
XeF, +6 49 —298(g) 
XeOF, +6 —41 to —28 +146()) 
XeO, +6 = +402(s) 
XeO,F, +6 31 +145(s) 
XeO, +8 = = 


aAt 25 °C, for the compound in the state indicated. 
ÞA solid; decomposes at 40 °C. 
€A solid; decomposes at —40 °C. 


= Sample Exercise 22.3 


D Predicting a Molecular Structure 


Use the VSEPR model to predict the structure of XeF4. 


SOLUTION 


Analyze We must predict the geometrical structure given only the 
molecular formula. 


Plan We must first write the Lewis structure for the molecule. We 
then count the number of electron pairs (domains) around the Xe 
atom and use that number and the number of bonds to predict 
the geometry. 


Solve There are 36 valence-shell electrons (8 from xenon and 7 
from each fluorine). If we make four single Xe —F bonds, each 
fluorine has its octet satisfied. Xe then has 12 electrons in its 
valence shell, so we expect an octahedral arrangement of six 
electron pairs. Two of these are nonbonded pairs. Because non- 
bonded pairs require more volume than bonded pairs, it is rea- 
sonable to expect these nonbonded pairs to be opposite 

each other. The expected structure is square planar, as shown in 
Figure 22.7. 
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Em, oe SEË 
we | oe 
A Figure 22.7 Xenon tetrafluoride. 


Comment The experimentally determined structure agrees with 
this prediction. 


> Practice Exercise 
Compounds containing the XeF3* ion have been character- 
ized. Describe the electron-domain geometry and molecular 
geometry of this ion. 
(a) trigonal planar, trigonal planar (b) tetrahedral, trigonal 
pyramidal (c) trigonal bipyramidal, T shaped (d) tetrahedral, 
tetrahedral (e) octahedral, square planar 


The other noble gas elements form compounds much less readily than xenon. For 
many years, only one binary krypton compound, KrF,, was known with certainty, and it 
decomposes to its elements at —10°C. Other compounds of krypton have been isolated 
at very low temperatures (40 K). In 2000, a compound of argon, HArF was discovered, but 


it can exist only in argon matrices at very low temperatures. 


Self-Assessment Exercise 


22.12 Predict the molecular geometry of XeO3. 


Exercises 


22.13 A friend tells you that the “neon” in neon signs is a com- 
pound of neon and aluminum. Can your friend be correct? 
Explain. 

22.14 Write the chemical formula for each of the following, and 
indicate the oxidation state of the halogen or noble-gas 


(a) Trigonal planar 
(b) Trigonal pyramidal 
(c) T-shaped 


atom in each: (a) krypton tetrafluoride, (b) hexafluoroan- 
timonate ion, (c) sodium hypoiodite, (d) perbromic acid, 
(e) aluminum perchlorate, (f) iron(II) iodite. 
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22.4 | Group 17: The Halogens 


Fluorite is a mineral composed of calcium fluoride and is found in colors ranging from 

yellow to green to purple. It is a commercial source of fluorine in the form of hydrogen 

fluoride. In contrast chlorine, bromine and iodine may all be obtained from sea water. 
By the end of this section, which reviews the halogens, you should be able to 


e Understand the trends in selected physical and chemical properties of the halogens 


The elements of Group 17, the halogens, have the outer-electron configuration nsnp’, 
where n ranges from 2 through 6. The halogens have large negative electron affinities, 
and they most often achieve a noble-gas configuration by gaining an electron, which 
results in a —1 oxidation state. Fluorine, being the most electronegative element, exists 
in compounds only in the —1 state. The other halogens exhibit positive oxidation states 
up to +7 in combination with more electronegative atoms such as O. In the positive oxi- 
dation states, the halogens tend to be good oxidizing agents, readily accepting electrons. 

Chlorine, bromine, and iodine are found as the halides in seawater and in salt depos- 
its. Fluorine occurs in the minerals fluorspar (CaF,), cryolite (Na3AlF.), and fluorapatite 
[| Cas(PO4)3F].* Only fluorspar is an important commercial source of fluorine. 

All isotopes of astatine are radioactive. The longest-lived isotope is astatine-210, 
which has a half-life of 8.1 h and decays mainly by electron capture. Because astatine is so 
unstable, very little is known about its chemistry. 


Properties and Production of the Halogens 


Most properties of the halogens vary in a regular fashion as we go from fluorine to iodine 
(Table 22.2). 

Under ordinary conditions the halogens exist as diatomic molecules. The molecules 
are held together in the solid and liquid states by dispersion forces. Because I, is the largest 
and most polarizable halogen molecule, the intermolecular forces between I, molecules 


*Minerals are solid substances that occur in nature. They are usually known by their common 
names rather than by their chemical names. What we know as rock is merely an aggregate of 
different minerals. 
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TABLE 22.2 Some Properties of the Halogens 


Property F Cl Br l 
Atomic radius (pm) SH 102 120 139 
Ionic radius, X~ (pm) 133 181 196 220 
First ionization energy (kJ/mol) 1681 Zo 1140 1008 
Electron affinity (kJ/mol) —328 —349 =325 —295 
Electronegativity 4.0 3.0 2.8 235 
X—X single-bond enthalpy (kJ/mol) 155 242 193 151 


Reduction potential (V): 
3 X2(aq) +e — X (aq) 2.87 1.36 1.07 0.54 


are the strongest. Thus, I, has the highest melting point and boiling point. At room tem- 
perature and 101.3 kPa, I, is a purple solid, Br; is a red-brown liquid, and Cl, and F, are 
gases. (Figure 7.28) Chlorine readily liquefies upon compression at room temperature and 
is normally stored and handled in liquid form under pressure in steel containers. 

The comparatively low bond enthalpy of F, (155 kJ/mol) accounts in part for the 
extreme reactivity of elemental fluorine. Because of its high reactivity, Fz is difficult to 
work with. Certain metals, such as copper and nickel, can be used to contain F, because 
their surfaces form a protective coating of metal fluoride. Chlorine and the heavier halo- 
gens are also reactive, though less so than fluorine. 

Because of their high electronegativities, the halogens tend to gain electrons from 
other substances and thereby serve as oxidizing agents. The oxidizing ability of the halo- 
gens, indicated by their standard reduction potentials, decreases going down the group. 
As a result, a given halogen is able to oxidize the halide anions below it. For example, Cl, 
oxidizes Br~ and I” but not F7, as seen in Figure 22.8. 

Notice in Table 22.2 that the standard reduction potential of F, is exceptionally 
high. As a result, fluorine gas readily oxidizes water: 


F,(aq) + H,O(1) — 2HF(aq) + $ O(g) E° = 1.80V [22.17] 


Fluorine cannot be prepared by electrolytic oxidation of aqueous solutions of fluoride 
salts because water is oxidized more readily than F~. In practice, the element is formed 
by electrolytic oxidation of a solution of KF in anhydrous HF. 


h Sample Exercise 22.4 


D Predicting Chemical Reactions among the Halogens 


SOLUTION 


Analyze We are asked to determine whether a reaction occurs 
when a particular halide and halogen are combined. 


Plan A given halogen is able to oxidize anions of the halogens 
below it in the periodic table. Thus, in each pair the halogen 

having the smaller atomic number ends up as the halide ion. 
If the halogen with the smaller atomic number is already the 


> Practice Exercise 
Which is (are) able to oxidize Cl? 


W Go Figure 


Do Br and Ip appear to be more or 
less soluble in CCl, than in H20? 


Cl,(aq) added 


q) ) 
E 
CCl; layer 
No Br~ I~ 
reaction oxidized oxidized 
to Bry to Ip 


A Figure 22.8 Reaction of Cl, with 
aqueous solutions of NaF, NaBr, and Nal 

in the presence of tetrachloromethane. The 
top liquid layer in each vial is water; the 
bottom liquid layer is tetrachloromethane. 
The Cl2(aq), which has been added to 
each vial, is colorless. The brown color in 
the carbon tetrachloride layer indicates the 
presence of Broz, whereas purple indicates 
the presence of I». 


Write the balanced equation for the reaction, if any, between (a) |” (aq) and Br2(/), (b) Cl” (aq) and l2(s). 


(b) Cl” is the anion of a halogen above iodine in the periodic 
table. Thus, I, cannot oxidize Cl; there is no reaction. 


halide ion, there is no reaction. Thus, the key to determining (a) F> 
whether a reaction occurs is locating the elements in the peri- (b) F- 
odic table. (c) Both Brz and I, 


Solve 


(a) Br can oxidize (remove electrons from) the anions of the 
halogens below it in the periodic table. Thus, it oxidizes I~: 


2I (aq) + Bro(aq) > I,(s) + 2 Br (aq) 


(d) Both Br~ and I~ 


1066 CHAPTER 22 Chemistry of the Nonmetals 


vV Go Figure 


What is the repeating unit in this 
polymer? 


A Figure 22.9 Structure of Teflon®, a 
fluorocarbon polymer. 


Chlorine is produced mainly by electrolysis of either molten or aqueous sodium 
chloride. Both bromine and iodine are obtained commercially from brines containing 
the halide ions; the reaction used is oxidation with Cl). 


Uses of the Halogens 


Fluorine is used to prepare fluorocarbons—very stable carbon-fluorine compounds used 
as refrigerants, lubricants, and plastics. Teflon® (Figure 22.9) is a polymeric fluorocarbon 
noted for its high thermal stability and lack of chemical reactivity. 

Chlorine is by far the most commercially important halogen. About half of the 
chlorine is used to manufacture chlorine-containing organic compounds, such as the 
vinyl chloride (C,H3Cl) used in making polyvinyl chloride (PVC) plastics. Much of the 
remainder is used as a bleaching agent in the paper and textile industries. 

When Cl, dissolves in cold dilute base, it converts into Cl~ and hypochlorite, ClO ~: 


Cl,(aq) + 2OH (aq) == Cl (aq) + ClO (aq) + H20(1) [22.18] 


Sodium hypochlorite (NaClO) is the active ingredient in many liquid bleaches. Chlorine 
is also used in water treatment to oxidize and thereby destroy bacteria. 

A common use of iodine is as KI in table salt. Iodized salt provides the small amount 
of iodine necessary in our diets; it is essential for the formation of thyroxin, a hormone 
secreted by the thyroid gland. Lack of iodine in the diet results in an enlarged thyroid 
gland, a condition called goiter. 


The Hydrogen Halides 


All the halogens form stable diatomic molecules with hydrogen. The hydrogen halides 
can be formed by direct reaction of the elements. 

The hydrogen halides form hydrohalic acid solutions when dissolved in water. 
These solutions have the characteristic properties of acids, such as reactions with active 
metals to produce hydrogen gas. Hydrofluoric acid also reacts readily with silica (SiO2) 
and with silicates to form hexafluorosilicic acid (H,SiF,): 


SiO2(s) + 6 HF(aq) —> H)SiFe(aq) + 2 H,O(/) [22.19] 


Interhalogen Compounds 


Because the halogens exist as diatomic molecules, diatomic molecules made up of two 
different halogen atoms exist. These compounds are the simplest examples of interhal- 
ogens, compounds, such as CIF and IF;, formed between two halogen elements. 

The vast majority of the higher interhalogen compounds have a central Cl, Br, or I 
atom surrounded by fluorine atoms. The large size of the iodine atom allows the forma- 
tion of IF3, IF;, and IF7, in which the oxidation state of lis +3, +5, and +7, respectively. 
With the smaller bromine and chlorine atoms, only compounds with three or five flu- 
orines form. The only higher interhalogen compounds that do not have outer F atoms 
are ICl; and ICI; the large size of the I atom can accommodate five Cl atoms, whereas Br 
is not large enough to allow even BrCl; to form. All of the interhalogen compounds are 
powerful oxidizing agents. 


Oxyacids and Oxyanions 


Table 22.3 summarizes the formulas of the known oxyacids of the halogens and the way 
they are named.* The acid strengths of the oxyacids increase with the increasing oxida- 
tion state of the central halogen atom. All the oxyacids are strong oxidizing agents. The 


*Fluorine forms one oxyacid, HOE Because the electronegativity of fluorine is greater than that 
of oxygen, we must consider fluorine to be in a —1 oxidation state and oxygen to be in the 0 oxi- 
dation state in this compound. 
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TABLE 22.3 The Stable Oxyacids of the Halogens 


Formula of Acid 


Oxidation State 


of Halogen Cl Br l Acid Name 

apil HClO HBrO HIO Hypohalous acid 
+3 HClO, — — Halous acid 

TS HC103 HBrO3 HIO; Halic acid 

+7 HClO, HBrO4 HIO; Perhalic acid 


oxyanions, formed on removal of H* from the oxyacids, are generally more stable than 
the oxyacids. Hypochlorite salts are used as bleaches and disinfectants because of the 
powerful oxidizing capabilities of the CIO~ ion. Chlorate salts are similarly very reactive. 
For example, potassium chlorate is used to make matches and fireworks. 

Perchloric acid and its salts are the most stable oxyacids and oxyanions. Dilute solu- 
tions of perchloric acid are quite safe, and many perchlorate salts are stable except when 
heated with organic materials. When heated, however, perchlorates can become vigor- 
ous, even violent, oxidizers. Considerable caution should be exercised, therefore, when 
handling these substances, and it is crucial to avoid contact between perchlorates and 
readily oxidized material. The use of ammonium perchlorate (NH4C1O,) as the oxidizer 
in the solid booster rockets for the Space Shuttle demonstrates the oxidizing power of 
perchlorates. The solid propellant contains a mixture of NH,ClO, and powdered alu- 
minum, the reducing agent. Each shuttle launch requires about 6 X 10°kg of NH4ClO, 
(Figure 22.10). 


10 Al(s) + 6 NH,C1O,(s) —> 
4 AljO3(s) +2 AICl3(s) 


for th 


The large volume of gases 
produced provides thrust 


+ 12 H,O(g) + 3 No(g) 


e booster rockets. 


A Figure 22.10 Launch of the Space Shuttle 
Columbia from the Kennedy Space Center. 


Self-Assessment Exercise 


22.15 What is the oxidation state of Cl in each Cl species in (a) Cl, 0; Cl -1; ClO--1 
i ? te aes = 
Equation 22.18? (b) Cl, 0; Cl--1; ClO- +1 
(c) Cl, 0; Cl +1; ClO- +1 
Exercises 
22.16 Name the following compounds and assign oxidation decreases in the order chlorine > bromine > iodine. 
states to the halogens in them: (a) BCl3, (b) Sr(1O4)p, (b) Hydrofluoric acid cannot be stored in glass bottles. 


(©) LiOCl, (d) HCIO, (e) CuC10, (f) Mg(103). 


22.17 Explain the following observations: (a) Fora given oxidation 
state, the acid strength of the oxyacid in aqueous solution 


9S19J9Xq JUBWISSASSy-J}]9S 0} SIƏMSUY 


(c) HI cannot be prepared by treating Nal with sulfuric 
acid. (d) The interhalogen ICl; is known, but BrCl; is not. 


y 
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22.5 | Oxygen 


Oxygen is one of the most reactive nonmetals, and as a consequence of this, and its abun- 
dant supply, we live in a world dominated by oxidation products. Considerable effort is 
put into extracting metals from their oxides and preventing oxidation of food stuffs or 
the rusting of iron used in construction. On the other side it is essential to the respira- 
tion of all aerobic organisms. In this overview, we look at the different forms (oxidation 
states) that oxygen can adopt. By the end of this section, you should be able to 


e Identify the different oxides that occur and their reactions with water 


Oxygen is found in combination with other elements in a great variety of compounds— 
water (H20), silica (SiO2), alumina (Al,O3), and the iron oxides (Fe2O3, Fe3O4) are obvi- 
ous examples. Indeed, oxygen is the most abundant element by mass both in Earth’s 
crust and in the human body. It is the oxidizing agent for the metabolism of our foods 
and is crucial to human life. 


Properties of Oxygen 


Oxygen has two allotropes, O and O}. When we speak of molecular oxygen or simply 
oxygen, it is usually understood that we are speaking of dioxygen (O), the normal form 
of the element; O; is ozone. 

At room temperature, dioxygen is a colorless and odorless gas. Dioxygen is only 
slightly soluble in water (0.04 g/L, or 0.001 M at 25 °C), but its presence in water is essen- 
tial to marine life. 

The electron configuration of the oxygen atom is [He]2s”2p*. Thus, oxygen can com- 
plete its octet of valence electrons either by picking up two electrons to form the oxide ion 
(O7~ ) or by sharing two electrons. In its covalent compounds, it tends to form either two 
single bonds, as in H,O, or a double bond, as in formaldehyde (HC =O). The O, mole- 
cule contains a double bond. The bond in O; is very strong (bond enthalpy 495 kJ/mol). 
Oxygen also forms strong bonds with many other elements. Consequently, many oxygen- 
containing compounds are thermodynamically more stable than Oj. In the absence of 
a catalyst, however, most reactions of O, have high activation energies and thus require 


high temperatures to proceed at a suitable rate. Once a sufficiently exothermic reaction 
begins, it may accelerate rapidly, producing a reaction of explosive violence. 


Production of Oxygen 


Nearly all commercial oxygen is obtained from air. The normal boiling point of O; is 
—183 °C, whereas that of No, the other principal component of air, is —196 °C. Thus, 
when air is liquefied and then allowed to warm, the N, boils off, leaving liquid O, con- 
taminated mainly by small amounts of N and Ar. 

Much of the O; in the atmosphere is replenished through photosynthesis, in which 
green plants use the energy of sunlight to generate O, (along with glucose, C6H1206) 
from atmospheric CO: 


6 CO2(g) + 6H,O(1) — > C6Hy20¢6(aq) + 6 O2(g) [22.20] 


Uses of Oxygen 


In industrial use, oxygen ranks behind only sulfuric acid (H2504) and nitrogen (N3). 
Oxygen is by far the most widely used oxidizing agent in industry. Over half of the O2 
produced is used in the steel industry, mainly to remove impurities from steel. It is also 
used to bleach pulp and paper. (Oxidation of colored compounds often gives color- 
less products.) Oxygen is used together with acetylene (C2H2) in oxyacetylene welding 
(Figure 22.11). The reaction between CH, and O; is highly exothermic, producing tem- 
peratures in excess of 3000 °C. 


Ozone 


Ozone is a pale blue, poisonous gas with a sharp, irritating odor. Many people can detect 
as little as 0.01 ppm in air. Exposure to 0.1 to 1 ppm produces headaches, burning eyes, 
and irritation to the respiratory passages. 

The O; molecule possesses m electrons that are delocalized over the three oxygen 
atoms. The molecule dissociates readily, forming reactive oxygen atoms: 


O(g) — On(g) + O(g) AH”? = 105 kJ [22.21] 


Ozone is a stronger oxidizing agent than dioxygen. Ozone forms oxides with many 
elements under conditions where O, will not react; indeed, it oxidizes all the common 
metals except gold and platinum. 

Ozone can be prepared by passing electricity through dry O2. During thunderstorms, 
ozone is generated (and can be smelled, if you are too close) from lightning strikes: 


3 og E2 O(g) AH? = 285 KJ [22.22] 


Ozone is sometimes used to treat drinking water. Like Cl, ozone kills bacteria and 
oxidizes organic compounds. The largest use of ozone, however, is in the preparation 
of pharmaceuticals, synthetic lubricants, and other commercially useful organic com- 
pounds, where O; is used to sever carbon-carbon double bonds. 

Ozone is an important component of the upper atmosphere, where it screens out 
ultraviolet radiation and so protects us from the effects of these high-energy rays. For this 
reason, depletion of stratospheric ozone is a major scientific concern. In the lower atmo- 
sphere, ozone is considered an air pollutant and is a major constituent of smog. Because 
of its oxidizing power, ozone damages living systems and structural materials, especially 
rubber. 


Oxides 


The electronegativity of oxygen is second only to that of fluorine. As a result, oxygen has 
negative oxidation states in all compounds except OF, and O2F,. The —2 oxidation state 
is by far the most common. Compounds that contain oxygen in this oxidation state are 
called oxides. 


SECTION 22.5 Oxygen 


2 C2H2(9) + 5 O2(9) —> 
4 CO2(9) + 2 H20(9); 
AH = -2510 kJ 


A Figure 22.11 Welding with an 
oxyacetylene torch. 
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Nonmetals form covalent oxides, most of which are simple molecules with low melt- 
ing and boiling points. Both SiOz and B203, however, have extended structures. Most 
nonmetal oxides combine with water to give oxyacids. Sulfur dioxide (SO2), for example, 
dissolves in water to give sulfurous acid (H2SO3): 


SO2(g) + H20(1) —> H2SO3(aq) [22.23] 


This reaction and that of SO3 with H20 to form H2SO, are largely responsible for acid rain. 
The analogous reaction of CO, with H2O to form carbonic acid (H2CO3) causes the acid- 
ity of carbonated water. 

Oxides that form acids when they react with water are called either acidic anhy- 
drides (anhydride means “without water”) or acidic oxides. A few nonmetal oxides, 
especially ones with the nonmetal in a low oxidation state—such as N20, NO, and CO 
—do not react with water and are not acidic anhydrides. 

Most metal oxides are ionic compounds. The ionic oxides that dissolve in water form 
hydroxides and, consequently, are called either basic anhydrides or basic oxides. 
Barium oxide, for example, reacts with water to form barium hydroxide (Figure 22.12). 
These kinds of reactions are due to the high basicity of the O?~ ion and its virtually com- 
plete hydrolysis in water: 


O°- (aq) + H,O(1) —> 2 OH (aq) [22.24] 


Even those ionic oxides that are insoluble in water tend to dissolve in strong acids. Iron(III) 
oxide, for example, dissolves in acids: 


Fe,03(s) + 6H*(aq) —> 2 Fe** (aq) + 3 H2O(1) [22.25] 


This reaction is used to remove rust (Fe2O3 + HO) from iron or steel before a protective 
coat of zinc or tin is applied. 

Oxides that can exhibit both acidic and basic characters are said to be amphoteric. If a 
metal forms more than one oxide, the basic character of the oxide decreases as the oxida- 
tion state of the metal increases (Table 22.4). 


Peroxides and Superoxides 


Compounds containing O— O bonds and oxygen in the —1 oxidation state are perox- 
ides. Oxygen has an oxidation state of -4 in O; , which is called the superoxide ion. The 


YW Go Figure Is this reaction a redox reaction? 


H,O 
with 
indicator 


Pink color 
indicates 
basic 
solution 


BaO(s) + HO() ———> _ Ba(OH)>(aq) 


A Figure 22.12 Reaction of a basic oxide with water. 


TABLE 22.4 Acid-Base Character of Chromium Oxides 


Oxide Oxidation State of Cr Nature of Oxide 
CrO F2 Basic 

Cr203 +3 Amphoteric 
CrO; +6 Acidic 


most active (easily oxidized) metals (K, Rb, and Cs) react with O, to give superoxides 
(KO, RbO2, and CsO3). Their active neighbors in the periodic table (Na, Ca, Sr, and Ba) 
react with O2, producing peroxides (Na2O2, CaOz, SrO2, and BaOz). Less active metals 
and nonmetals produce normal oxides. 

When superoxides dissolve in water, O, is produced: 


4KO,(s) + 2H,O(1) —> 4K*(aq) + 4OH (aq) + 3 O2(g) [22.26] 


Because of this reaction, potassium superoxide is used as an oxygen source in masks 
worn by rescue workers (Figure 22.13). For proper breathing in toxic environments, oxy- 
gen must be generated in the mask and exhaled carbon dioxide in the mask must be 
eliminated. Moisture in the breath causes the KO, to decompose to O; and KOH, and the 
KOH removes CO, from the exhaled breath: 


2 OH (aq) + CO(g) — H,O(I) + CO? (aq) [22.27] 


Hydrogen peroxide (Figure 22.14) is the most familiar and commercially important 
peroxide. Pure hydrogen peroxide is a clear, syrupy liquid that melts at —0.4 °C. Concen- 
trated hydrogen peroxide is dangerously reactive because the decomposition to water 
and oxygen is very exothermic: 


2 H,O,(1) —> 2H,O(I) + O(g) AH° = -196.1kJ [22.28] 


This is an example of a disproportionation reaction, in which an element is simulta- 
neously oxidized and reduced. The oxidation number of oxygen changes from —1 to —2 
and 0. 

Hydrogen peroxide is marketed as a chemical reagent in aqueous solutions of up to 
about 30% by mass. A solution containing about 3% H20, by mass is sold in drugstores 
and used as a mild antiseptic. Somewhat more concentrated solutions are used to bleach 
fabrics. 

The peroxide ion is a by-product of metabolism that results from the reduction of O3. 
The body disposes of this reactive ion with enzymes such as peroxidase and catalase. 


W Go Figure 


Does H20; have a dipole moment? 


< Figure 22.14 Molecular structure of 
hydrogen peroxide in the gas phase. The 
repulsive interaction of the O—H bonds 
with the lone pairs of electrons on each 
O atom restricts the free rotation around 
the O—O single bond. 
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4 KO,(s) + 2 H,O(L, from breath) —> 
4 K* (aq) + 4OH (aq) + 3 On(g) 


2 OH (aq) + CO.(g, from breath) —> 
H,O(I) + CO3? (aq) 


A Figure 22.13 A self-contained breathing 
apparatus. 
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Self-Assessment Exercise 


22.18 What acid is produced by the reaction of N,O, with water? (a) HNO 
(b) HNO, 
(c) HNO, 
Exercises 
22.19 Complete and balance the following equations: (e) KO,(s) + H,O(1) —> 


(a) CaO(s) + H,0(1) —> 

(b) Al,O3(s) + H*(aq) —> 
(c) Na2O2(s) + H20(1) —> 
(d) N2O03(g) + H20(1) —> 


(f) NO(g) + O3(g) —> 


22.20 Select the more acidic member of each of the following 
pairs: (a) V20; and VO, (b) PbO and PbO,, (c) N03 and 
N20,, (d) SO; and SeOz, (e) Al2O3 and SeO,, (£) CO; and 
B203. 


(0) gL°% 


NZ 
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22.6 | The Other Group 16 Elements: 
S, Se, Te, and Po 


Deep in the ocean, there is no light and little food. Nevertheless, there can be thriving 
ecosystems centered around hydrothermal vents associated with tectonic activity. Here, 
bacteria have evolved to convert the heat and sulfur compounds (usually H,S) emitted 
by the vent into food and energy. They are the bottom of a small, but important, food 
chain! In this section, we review the other elements of Group 16, the most important of 
which is sulfur. By the end of this section, you should be able to 


e Name the most important types of sulfur compound 


SECTION 22.6 The Other Group 16 Elements: S, Se, Te, and Po 


TABLE 22.5 Some Properties of the Group 16 Elements 


Property 0 S Se Te 

Atomic radius (pm) 66 105 121 138 
X?~ ionic radius (pm) 140 184 198 221 
First ionization energy (kJ/mol) 1314 1000 941 869 
Electron affinity (kJ/mol) —141 —200 —195 —190 
Electronegativity 335 215 2.4 21 
X— X single-bond enthalpy (kJ/mol) 146* 266 172 126 
Reduction potential to H2X in acidic 123 0.14 —0.40 S072: 


solution (V) 
*Based on O— O bond enthalpy in H203. 


The other Group 16 elements are sulfur, selenium, tellurium, and polonium. Of these, 
sulfur is the most important, and polonium, which has no stable isotopes and is found 
only in minute quantities in radium-containing minerals, is least important. 

The Group 16 elements possess the general outer-electron configuration ns?np* with 
n ranging from 2 to 6. Thus, these elements attain a noble-gas electron configuration by 
adding two electrons, which results in a —2 oxidation state. Except for oxygen, the Group 
16 elements are also commonly found in positive oxidation states up to +6, and they can 
have expanded valence shells. Thus, we have such compounds as SFe, SeFs, and TeF, with 
the central atom in the +6 oxidation state. 

Table 22.5 summarizes some properties of the Group 16 elements. 


Occurrence and Production of S, Se, and Te 


Sulfur, selenium, and tellurium can all be mined from the earth. Large underground 
deposits are the principal source of elemental sulfur (Figure 22.15). Sulfur also occurs 
widely as sulfide (S?~) and sulfate (SO,4?~) minerals. Its presence as a minor component 
of coal and petroleum poses a major problem. Combustion of these “unclean” fuels leads 
to serious pollution by sulfur oxides. Much effort has been directed at removing this sul- 
fur, and these efforts have increased the availability of sulfur. 

Selenium and tellurium occur in rare minerals, such as CuSe, PbSe, CuzTe, and 
PbTe, and as minor constituents in sulfide ores of copper, iron, nickel, and lead. 


Properties and Uses of Sulfur, Selenium, and Tellurium 


Elemental sulfur is yellow, tasteless, and nearly odorless. It is insoluble in water and exists 
in several allotropic forms. The thermodynamically stable form at room temperature is 
rhombic sulfur, which consists of puckered Sg rings with each sulfur atom forming two 
bonds (Figure 7.26). 

Most of the sulfur produced world wide each year is used to manufacture sulfuric 
acid. Sulfur is also used to vulcanize rubber, a process that toughens rubber by introduc- 
ing cross-linking between polymer chains. 

Selenium is used in photoelectric cells and light meters because its electrical conduc- 
tivity increases greatly upon exposure to light. Photocopiers also depend on the photo- 
conductivity of selenium. Photocopy machines contain a belt or drum coated with a film 
of selenium. This drum is electrostatically charged and then exposed to light reflected 
from the image being photocopied. The charge drains from the regions where the sele- 
nium film has been made conductive by exposure to light. A black powder (the toner) 
sticks only to the areas that remain charged. The photocopy is made when the toner is 
transferred to a sheet of plain paper. 
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A Figure 22.15 Massive amounts of sulfur 
are extracted every year from the earth. 
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A Figure 22.16 Iron pyrite (FeS2, on the 
right) with gold for comparison. 


A Figure 22.17 Food label warning of 
sulfites. 


Sulfides 


When an element is less electronegative than sulfur, sulfides that contain S?~ form. 
Many metallic elements are found in the form of sulfide ores, such as PbS (galena) and 
Hgs (cinnabar). A series of related ores containing the disulfide ion, S.*~ (analogous to 
the peroxide ion), are known as pyrites. Iron pyrite, FeS2, occurs as golden yellow cubic 
crystals (Figure 22.16). Because it has been occasionally mistaken for gold by miners, iron 
pyrite is often called fool’s gold. 

One of the most important sulfides is hydrogen sulfide (H2S). One of hydrogen sul- 
fide’s most readily recognized properties is its odor, which is most frequently encoun- 
tered as the offensive odor of rotten eggs. Hydrogen sulfide is toxic, but our noses can 
detect H2S in extremely low, nontoxic concentrations. A sulfur-containing organic 
molecule, such as dimethyl sulfide, (CH3)2S, which is similarly odoriferous and can be 
detected by smell at a level of one part per trillion, is added to natural gas as a safety factor 
to give it a detectable odor. 


Oxides, Oxyacids, and Oxyanions of Sulfur 


Sulfur dioxide, formed when sulfur burns in air, has a choking odor and is poisonous. The 
gas is particularly toxic to lower organisms, such as fungi, so it is used to sterilize dried 
fruit and wine. At 101.3 kPa and room temperature, SO dissolves in water to produce a 
1.6 M solution. The SO; solution is acidic, and we describe it as sulfurous acid (H2SO3). 

Salts of SO37~ (sulfites) and HSO3 (hydrogen sulfites or bisulfites) are well known. 
Small quantities of Na,SO3 or NaHSOs3 are used as food additives to prevent bacterial 
spoilage. However, they are known to increase asthma symptoms in approximately 5% of 
asthmatics. Thus, all food products with sulfites must now carry a warning label disclos- 
ing their presence (Figure 22.17). 

Although combustion of sulfur in air produces mainly SO2, small amounts of SO3 
are also formed. The reaction produces chiefly SO, because the activation-energy bar- 
rier for oxidation to SO; is very high unless the reaction is catalyzed. Interestingly, the 
SO; by-product is used industrially to make HjSOg,, which is the ultimate product of the 
reaction between SO; and water. In the manufacture of sulfuric acid, SO, is obtained by 
burning sulfur and then is oxidized to SOs, using a catalyst such as V20; or platinum. 
The SO; is dissolved in HSO; because it does not dissolve quickly in water, and then the 
H2S,07 formed in this reaction, called pyrosulfuric acid, is added to water to form H2SOx: 


SO3(g) + H2SO4(!) —> H2S20,(1) [22.29] 
HyS,0,(1) + H,O(1) —> 2H,SO,(1) [22.30] 


Commercial sulfuric acid is 98% H2504. It is a dense, colorless, oily liquid. It is a strong 
acid, a good dehydrating agent (Figure 22.18), and a moderately good oxidizing agent. 

Year after year, the production of sulfuric acid is the largest of any chemical pro- 
duced in the world. It is employed in some way in almost all manufacturing. 

Sulfuric acid is a strong acid, but only the first hydrogen is completely ionized in 
aqueous solution: 


H2SO,4(aq) —> H*(aq) + HSOg (aq) [22.31] 


HSO, (aq) == H*(aq) + SO, (aq) K, = 1.1 x 107? [22.32] 


Consequently, sulfuric acid forms both sulfates (SO, salts) and bisulfates (or hydrogen 
sulfates, HSO; salts). Hydrogen sulfate salts are common components of the “dry acids” 
used for adjusting the pH of swimming pools and hot tubs; they are also components of 
many toilet bowl cleaners. 

Another important sulfur-containing ion is thiosulfate ion (S203? ). The term thio 
indicates substitution of sulfur for oxygen. The structures of the sulfate and thiosulfate 
ions are compared in Figure 22.19. 

Thiols, organic compounds with a —SH group bonded to carbon, play import- 
ant roles in biology. When thiols are oxidized under mild conditions, they form 
disulfides, organic compounds with S—S bonds between carbon atoms. In the 
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: 


Table sugar 
(sucrose), 


C12H22041 


H)SO4(aq) 
—— 


C12H22011(9) 12 C(s) + 11 H,O() 


A Figure 22.18 Sulfuric acid dehydrates table sugar to produce elemental carbon. 


YW Go Figure What are the oxidation states of the sulfur atoms 
in the S2027 ion? 


2- 


A Figure 22.19 Structures of the sulfate (left) and thiosulfate (right) ions. 
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Curly hair Straight hair 


A Figure 22.20 Hair straightening and curling. People can alter the shape of their hair by first 
applying a reducing agent that breaks the disulfide bonds between protein strands. The hair is 
given its desired shape, and then an oxidizing agent is added to form new disulfide bonds to 
maintain the shape. 


opposite fashion, disulfide bonds can be broken by reducing them to thiols. The 
shape and function of proteins can be modified by forming or breaking disulfide 
bonds between protein strands. Hair-straightening and curling technologies rely on 
the breaking and re-forming of disulfide bonds between the protein molecules of 
hair (Figure 22.20). 
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Self-Assessment Exercise 


22.21 The structure of the thiosulfate ion is shown in figure 
22.19. The oxidation state of one sulfur atom is —2, what is 
the oxidation state of the other sulfur atom? 


(a) -2 
(b) 0 


(c) +4 
(d) +6 


Exercises 


22.22 Write the chemical formula for each of the following com- 
pounds, and indicate the oxidation state of the Group 16 
elements in each: (a) selenious acid, (b) sulphur triox- 
ide, (c) selenium dichloride, (d) aluminium selenide, 


Lewis structures for SF, and SF; , and predict the molecular 
structure of each. 


22.25 Write a balanced equation for each of the following reactions. 
(You may have to guess at one or more of the reaction prod- 


(e) iron(II) sulfate, (£f) tellurium trioxide. 


22.23 An aqueous solution of SO, reduces (a) aqueous KMnO; to 


MnSO,(aq), (b) acidic aqueous K,Cr,0, to aqueous Cr?*, 
(c) aqueous Hg,(NO3). to mercury metal. Write balanced 
equations for these reactions. 


ucts, but you should be able to make a reasonable guess, based 
on your study of this chapter.) (a) Hydrogen selenide can be 
prepared by reaction of an aqueous acid solution on alumi- 
num selenide. (b) Sodium thiosulfate is used to remove excess 
Cl; from chlorine-bleached fabrics. The thiosulfate ion forms 


2- . . = 
22.24 The SF; ion is formed when SF,(g) reacts with fluoride SO," and elemental sulfur, while Cl, is reduced to Cl”. 


salts containing large cations, such as CsF(s). Draw the 


ƏS131ƏXJ JUBWSSASsy-J}]9S 0} SIƏMSUY 


y 


22.7 | Nitrogen 


r 


On 4 August 2020, a massive explosion of almost 3000 tons of ammonium nitrate dev- 
astated the port of Beirut, killing at least 220 people, injuring more than 5000, and 
making an estimated 300,000 homeless. The blast was so powerful that it could be 
heard in Cyprus, some 200 km away. Ammonium nitrate is a commonly used fertilizer. 


It is usually manufactured as small pellets that are reasonably safe to handle but, when 
stored, can absorb moisture and form a solid, rock like mass. Heat, such as from a fire, can 
cause the mass to ignite and explode. 

Nitrogen and its compounds display a staggering nine different oxidation states, 
and we revise some of its chemistry in this section. By the end, you should be able to 


Appreciate the wide variety of bonding arrangements that nitrogen can adopt 
Nitrogen constitutes 78% by volume of Earth’s atmosphere, where it occurs as Nọ mol- 
ecules. Although nitrogen is a key element in living organisms, compounds of nitrogen 
are not abundant in Earth’s crust. The major natural deposits of nitrogen compounds are 
those of KNO; (saltpeter) in India and NaNO; (Chile saltpeter) in Chile and other desert 
regions of South America. 


Properties of Nitrogen 


Nitrogen is a colorless, odorless, tasteless gas composed of Nz molecules. The Nz molecule 
is very unreactive because of the strong triple bond between nitrogen atoms (the N=N 
bond enthalpy is 941 kJ/mol, nearly twice that for the bond in O}. (Table 8.3) When sub- 
stances burn in air, they normally react with O, but not with N3. 
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TABLE 22.6 Oxidation States 
of Nitrogen 


The electron configuration of the nitrogen atom is [He ]2s?2p°. The element exhibits Oxidation 
all formal oxidation states from +5 to —3 (Table 22.6). The +5, 0, and —3 oxidation states State Examples 
are the most common and generally the most stable of these. Because nitrogen is more +5 N205, HNO3, NO3- 
electronegative than all other elements except fluorine, oxygen, and chlorine, it exhibits +4 NO;,, N2O4 
positive oxidation states only in combination with these three elements. mo HNO;, NO7, NF3 

+2 NO 

Production and Uses of Nitrogen il N,O, H»N,O,, N,O2-, HNF, 
Elemental nitrogen is obtained in commercial quantities by fractional distillation of liq- 0 N2 
uid air. Because of its low reactivity, large quantities of N, are used as an inert gaseous =I NH,OH, NH2F 
blanket to exclude O; in food processing, manufacture of chemicals, metal fabrication, -2 NH4 
and production of electronic devices. Liquid N, is employed as a coolant to freeze foods 3 NH, NH,*, NH7 
rapidly. 

The largest use of No is in the manufacture of nitrogen-containing fertilizers. These 
fertilizers provide a source of fixed nitrogen—nitrogen that has been incorporated 
into compounds. We have previously discussed nitrogen fixation in the “Chemistry 
Put to Work” box in Section 14.7 and in the “Chemistry Put to Work” box in Section 15.2. 
Our starting point in fixing nitrogen is the manufacture of ammonia via the Haber 
process. The ammonia can then be converted into a variety of useful, simple nitrogen- 
containing species (Figure 22.21). 

W CNTF In which of these species is the oxidation number of nitrogen +3? 
NoH4 
(hydrazine) 
Nz NH; NO NO, HNO, 
(dinitrogen) (ammonia) (nitric oxide) (nitrogen dioxide) (nitric acid) 
NH,* NO, NO; 


(ammonium salts) 


A Figure 22.21 Sequence of conversion of N; into common nitrogen compounds. 


(nitrite salts) 


(nitrate salts) 
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W Go Figure 


Is the N—N bond length in these 
molecules shorter or longer than the 
N—N bond length in No? 


A Figure 22.22 Hydrazine (top, N3H4) and 
methylhydrazine (bottom, CH3;NHNH,). 


WWA Sample Exercise 22.5 
D Writing a Balanced Equation 


SOLUTION 


verted to Cu. 


Solve 


Cu?* (aq) —> Cu(s) 
NH,OH(aq) —> N2(8) 


Analyze We are asked to write a balanced oxidation-reduction 
equation in which NH2OH is converted to N, and Cu?* is con- 


Plan Because this is a redox reaction, the equation can be balanced 
by the method of half-reactions discussed in Section 20.2. Thus, 
we begin with two half-reactions, one involving the NH2OH and 
N; and the other involving Cu?* and Cu. 


The unbalanced and incomplete half-reactions are 


Hydrogen Compounds of Nitrogen 


Ammonia is one of the most important compounds of nitrogen. It is a colorless, toxic gas 
that has a characteristic irritating odor. As noted in previous discussions, the NH3 mole- 
cule is basic (K, = 1.8 x 1075). 

In the laboratory, NH; can be prepared by the action of NaOH on an ammonium 
salt. The NH," ion, which is the conjugate acid of NH}, transfers a proton to OH”. The 
resultant NH; is volatile and is driven from the solution by mild heating: 


NH,Cl(aq) + NaOH(aq) —> NH3(g) + H20(1) + NaCl(aq) [22.33] 
Commercial production of NH; is achieved by the Haber process: 
N2(8) + 3 H2(g) —> 2 NH;3(8) [22.34] 


About 75% is used for fertilizer. 

Hydrazine (NH4) is another important hydride of nitrogen. The hydrazine mole- 
cule contains an N—N single bond (Figure 22.22). It can be prepared by the reaction of 
ammonia with hypochlorite ion (OCI ) in aqueous solution: 


2NH3(aq) + OC] (aq) —> NoH4(aq) + Cl (aq) + H2O(1) [22.35] 


The reaction involves several intermediates, including chloramine (NH,Cl). The poi- 
sonous NH,Cl bubbles out of solution when household ammonia and chlorine bleach 
(which contains OCI”) are mixed. This reaction is one reason for the frequently cited 
warning not to mix bleach and household ammonia. 

Pure hydrazine is a strong and versatile reducing agent. The major use of hydra- 
zine and compounds related to it, such as methylhydrazine (Figure 22.22), is as 
rocket fuel. 


Hydroxylamine (NH2OH) reduces copper(I!) to the free metal in acid solutions. Write a balanced equation for the reaction, 
assuming that N, is the oxidation product. 


Balancing these equations as described in Section 20.2 gives 
Cu?* (aq) + 2e7 —> Cu(s) 
2NH,OH(aq) —> Np(g) + 2H20(1) + 2H*(aq) + 2e7 
Adding these half-reactions gives the balanced equation: 
Cu?* (aq) + 2 NH,OH(aq) —> 
Cu(s) + No(g) + 2H,O(1) + 2H*(aq) 


> Practice Exercise 
In power plants, hydrazine is used to prevent corrosion of the 
metal parts of steam boilers by the O; dissolved in the water. 
The hydrazine reacts with O, in water to give N, and H,O. 
Write a balanced equation for this reaction. 


Oxides and Oxyacids of Nitrogen 


Nitrogen forms three common oxides: N20 (nitrous oxide), NO (nitric oxide), and NO, 
(nitrogen dioxide). It also forms two unstable oxides that we will not discuss, N20; (dini- 
trogen trioxide) and N20; (dinitrogen pentoxide). 


NO(g) = 
O; in air 


2NO(g) + Og) ———> 2 NO,(g) 
A Figure 22.23 Formation of NO(g) as NO(g) combines with O,(g) in the air. 


Nitrous oxide (N2O) is also known as laughing gas because a person becomes giddy 
after inhaling a small amount. This colorless gas was the first substance used as a general 
anesthetic. It is used as the compressed gas propellant in several aerosols and foams, such 
as in whipped cream. 

Nitric oxide (NO) is also a colorless gas but, unlike N20, it is slightly toxic. It can be 
prepared in the laboratory by reduction of dilute nitric acid, using copper or iron as a 
reducing agent: 


3 Cu(s) + 2 NO; (aq) + 8H*(aq) —> 3 Cu?” (aq) + 2NO(g) + 4H20(1) [22.36] 


Nitric oxide is also produced by direct reaction of Nz and O; at high temperatures. This 
reaction is a significant source of nitrogen oxide air pollutants. The direct combination 
of N; and O; is not used for commercial production of NO, however, because the yield 
is low, the equilibrium constant K, at 2400 K being only 0.05. (“Chemistry Put to Work: 
Controlling Nitric Oxide Emissions”) 

The commercial route to NO (and hence to other oxygen-containing compounds of 
nitrogen) is via the catalytic oxidation of NH3: 


Pt catalyst 
850°C 


4 NH;(g) + 5 O2(g) 4NO(g) + 6 H20(g) [22.37] 


This reaction is the first step in the Ostwald process, by which NH; is converted com- 
mercially into nitric acid (HNO3). 
When exposed to air, nitric oxide reacts readily with O, (Figure 22.23): 


2NO(g) + O2(g) —> 2NO2(g) [22.38] 
When dissolved in water, NO, forms nitric acid: 
3 NO(g) + H,O(1) —> 2H*(aq) + 2NO3 (aq) + NO(g) [22.39] 


Nitrogen is both oxidized and reduced in this reaction, which means it disproportionates. 
The NO can be converted back into NO, by exposure to air (Equation 22.38) and thereaf- 
ter dissolved in water to prepare more HNO3. 

NO is an important neurotransmitter in the human body. It causes the muscles that 
line blood vessels to relax, thus allowing an increased passage of blood (see “Chemistry 
and Life: Nitroglycerin, Nitric Oxide, and Heart Disease”). 

Nitrogen dioxide (NOz) is a yellow-brown gas (Figure 22.23). Like NO, it is a major con- 
stituent of smog. It is poisonous and has a choking odor. As discussed in Section 15.1, NO3 
and N20; exist in equilibrium: 


2NO,(g) == N20,(g) AH° = —58kJ [22.40] 


The two common oxyacids of nitrogen are nitric acid (HNO3) and nitrous acid 
(HNO2) (Figure 22.24). Nitric acid is a strong acid. It is also a powerful oxidizing agent, as 
indicated by the standard reduction potential in the reaction 


NO; (aq) + 4H*(aq) + 3e —> NO(g) + 2H,O(1) E° = +0.96V [22.41] 


Concentrated nitric acid attacks and oxidizes most metals except Au, Pt, Rh, and Ir. 
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vV Go Figure 


Which is the shortest NO bond in 
these two molecules? 


H Ne 
No~ So 


A Figure 22.24 Structures of nitric acid 
(top) and nitrous acid (bottom). 
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Its largest use is in the manufacture of NH,NOs; for fertilizers. It is also used in the 
production of plastics, drugs, and explosives. Among the explosives made from nitric 
acid are nitroglycerin, trinitrotoluene (TNT), and nitrocellulose. The following reaction 
occurs when nitroglycerin explodes: 


4 C3HsN300(/) —> 6Na(g) + 12 CO2(g) + 10 H20(g) + O2(g) 


[22.42] 


All the products of this reaction contain very strong bonds and are gases. As a result, the 
reaction is very exothermic, and the volume of the products is far larger than the volume 
occupied by the reactant. Thus, the expansion resulting from the heat generated by the 
reaction produces the explosion. 


CHEMISTRY AND LIFE Nitroglycerin, Nitric Oxide, and Heart Disease 


During the 1870s, an interesting observation was made in Alfred 
Nobel’s dynamite factories. Workers who suffered from heart disease 
that caused chest pains when they exerted themselves found relief 
from the pains during the workweek. It quickly became apparent 
that nitroglycerin, present in the air of the factory, acted to enlarge 
blood vessels. Thus, this powerfully explosive chemical became 
a standard treatment for angina pectoris, the chest pains accom- 
panying heart failure. It took more than 100 years to discover that 
nitroglycerin was converted in the vascular smooth muscle into NO, 
which is the chemical agent actually causing dilation of the blood 
vessels. In 1998, the Nobel Prize in Physiology or Medicine was 


Self-Assessment Exercise 


22.26 Which of the following reactions is a disproportionation 
reaction? 


Exercises 


22.27 Write the chemical formula for each of the following com- 
pounds, and indicate the oxidation state of nitrogen in 
each: (a) dinitrogen trioxide, (b) dinitrogen pentoxide, 
(c) hydrogen cyanide, (d) ammonium nitrate, (e) iron(II) 
nitrite, (f) nitrogen trichloride. 


22.28 Write the Lewis structure for each of the following species, 
describe its geometry, and indicate the oxidation state of 


the nitrogen: (a) N20;, (b) NOCI, (c) NO2Cl, (d) N2O4. 


Write a balanced net ionic equation for each of the follow- 
ing reactions: (a) Dilute nitric acid reacts with zinc metal 
with formation of nitrous oxide. (b) Concentrated nitric 


22.29 


awarded to Robert F. Furchgott, Louis J. Ignarro, and Ferid Murad for 
their discoveries of the detailed pathways by which NO acts in the 
cardiovascular system. It was a sensation that this simple, common 
air pollutant could exert important functions in mammals, includ- 
ing humans. 

As useful as nitroglycerin is to this day in treating angina pec- 
toris, it has a limitation in that prolonged administration results in 
development of tolerance, or desensitization, of the vascular muscle 
to further vasorelaxation by nitroglycerin. The bioactivation of nitro- 
glycerin is the subject of active research in the hope that a means of 
circumventing desensitization can be found. 


(a) 2NO,(g) + H,O(/) — HNO, (aq)+ HNO, (aq) 
(b) 2NH,(aq) + OCI (aq) > N,H,(aq)+ Cl (aq) + H,O()) 
(c) 2NO, == N,0,(8) 


acid reacts with sulfur with formation of nitrogen dioxide. 
(c) Concentrated nitric acid oxidizes sulfur dioxide with 
formation of nitric oxide. (d) Hydrazine is burned in excess 
fluorine gas, forming NF. (e) Hydrazine reduces CrO,” to 
Cr(OH); in base (hydrazine is oxidized to N3). 


22.30 


Write complete balanced half-reactions for (a) reduction of 
nitrate ion to NO in acidic solution, (b) oxidation of HNO, 
to NO, in acidic solution. 
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22.8 | The Other Group 15 Elements: 
P, As, Sb, and Bi 


Paris green is an arsenic compound that shows a pale blue green color when finely 
ground and darker emerald green if the particle size is larger. While its toxicity was real- 
ized from the start, it was a popular pigment with artists such as Turner, Monet, Gauguin, 
and van Gogh. 

In this section, we review the other Group 15 elements focusing our attention on 
phosphorus—one that is essential to life. By the end of this section, you should be able to 


e Understand the structure and properties of phosphorus compounds 


Of the other Group 15 elements—phosphorus, arsenic, antimony, and bismuth— 
phosphorus has a central role in several aspects of biochemistry and environmental 
chemistry. 

The Group 15 elements have the outer-shell electron configuration ns’np*, with n 
ranging from 2 to 6. A noble-gas configuration is achieved by adding three electrons to 
form the —3 oxidation state. Ionic compounds containing X?~ ions are not common, 
however. More commonly, the Group 15 element acquires an octet of electrons via cova- 
lent bonding and oxidation numbers ranging from —3 to +5. 

Because of its lower electronegativity, phosphorus is found more frequently in pos- 
itive oxidation states than is nitrogen. Furthermore, compounds in which phosphorus 
has the +5 oxidation state are not as strongly oxidizing as the corresponding compounds 
of nitrogen. Compounds in which phosphorus has a —3 oxidation state are much stron- 
ger reducing agents than are the corresponding nitrogen compounds. 

Some properties of the Group 15 elements are listed in Table 22.7. The variation in 
properties among Group 15 elements is more striking than that seen in Groups 16 and 17. 
Nitrogen at the one extreme exists as a gaseous diatomic molecule, clearly nonmetallic. 
At the other extreme, bismuth is a reddish white, metallic-looking substance that has 
most of the characteristics of a metal. 

The values listed for X— X single-bond enthalpies are not reliable because it is diffi- 
cult to obtain such data from thermochemical experiments. However, there is no doubt 
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White phosphorus 


A Figure 22.25 White and red phosphorus. Despite the 
fact that both contain only phosphorus atoms, these two 
forms of phosphorus differ greatly in reactivity. The white 
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TABLE 22.7 Properties of the Group 15 Elements 


Property N P As Sb Bi 
Atomic radius (pm) 71 107 119 139 148 
First ionization energy (kJ/mol) 1402 1012 947 834 703 
Electron affinity (kJ/mol) >0 72 78 103 91 
Electronegativity 3.0 2.1 2.0 1.9 1.9 
X— X single-bond enthalpy (kJ/mol)* 163 200 150 120 — 
X=X triple-bond enthalpy (kJ/mol) 941 490 380 295 192 


*Approximate values only. 


about the general trend: a low value for the N— N single bond, an increase at phosphorus, 
and then a gradual decline to arsenic and antimony. From observations of the elements 
in the gas phase, it is possible to estimate the X =X triple-bond enthalpies. Here, we see a 
trend that is different from that for the X— X single bond. Nitrogen forms a much stron- 
ger triple bond than the other elements, and there is a steady decline in the triple-bond 
enthalpy down through the group. These data help us to appreciate why nitrogen alone 
of the Group 15 elements exists as a diatomic molecule in its stable state at 25 °C. All the 
other elements exist in structural forms with single bonds between the atoms. 


Occurrence, Isolation, and Properties of Phosphorus 


Phosphorus occurs mainly in the form of phosphate minerals. The principal source of 

phosphorus is phosphate rock, which contains phosphate principally as Ca3(PO4)2. The 

element is produced commercially by the reduction of calcium phosphate with carbon 
in the presence of SiOz: 

2 Ca3(PO,4)2(s) + 6 SiO2(s) + 10 C(s) $ Py(g) + 6 CaSiO3(1) + 10 CO(g) [22.43] 
The phosphorus produced in this fashion is the allotrope known as white 
phosphorus. This form distills from the reaction mixture as the reaction 
proceeds. 

Phosphorus exists in several allotropic forms. White phosphorus con- 
sists of Py tetrahedra (Figure 22.25). The bond angles in this molecule, 60°, are 
unusually small, so there is much strain in the bonding, which is consistent 
with the high reactivity of white phosphorus. This allotrope bursts sponta- 
neously into flames if exposed to air. When heated in the absence of air to 
about 400 °C, white phosphorus is converted to a more stable allotrope known 
as red phosphorus, which does not ignite on contact with air. Red phosphorus 
is also considerably less poisonous than the white form. We will denote ele- 
mental phosphorus as simply P(s). 


Phosphorus Halides 


Phosphorus forms a wide range of compounds with the halogens, the most 
important of which are the trihalides and pentahalides. Phosphorus trichlo- 
ride (PCl;) is commercially the most significant of these compounds and is 
used to prepare a wide variety of products, including soaps, detergents, plas- 


Red phosphorus tics, and insecticides. 


Phosphorus chlorides, bromides, and iodides can be made by direct oxi- 
dation of elemental phosphorus with the elemental halogen. PCl, for exam- 
ple, which is a liquid at room temperature, is made by passing a stream of dry 


allotrope, which reacts violently with oxygen, must be stored chlorine gas over white or red phosphorus: 
under water so that it is not exposed to air. The much less 
reactive red form does not need to be stored this way. 2P(s) + 3Clo(g) —> 2 PC1(1) [22.44] 
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If excess chlorine gas is present, an equilibrium is established between PCl; and PCls. 
PCl3(7) + Cl(g) == PCl;(s) [22.45] 


The phosphorus halides react readily with water, and most fume in air because of 
reaction with water vapor. In the presence of excess water, the products are the corre- 
sponding phosphorus oxyacid and hydrogen halide: 


PBr3(1) + 3 H2O(1) —> H3PO3(aq) + 3 HBr(aq) [22.46] 
PCI;(1) + 4H,O(1) —> H3PO,(aq) + 5 HCl(aq) [22.47] 


Oxy Compounds of Phosphorus 


Probably the most significant phosphorus compounds are those in which the element 
is combined with oxygen. Phosphorus(III) oxide (P406) is obtained by allowing white 
phosphorus to oxidize in a limited supply of oxygen. When oxidation takes place in the 
presence of excess oxygen, phosphorus(V) oxide (P4010) forms. This compound is also 
readily formed by oxidation of P406. These two oxides represent the two most common 
oxidation states for phosphorus, +3 and +5. The structural relationship between P406 
and P4040 is shown in Figure 22.26. Notice the resemblance these molecules have to the 
P, molecule (Figure 22.26); all three substances have a P, core. 

Phosphorus(V) oxide is the anhydride of phosphoric acid (H3PO,), a weak triprotic 
acid. In fact, P4O0 has a very high affinity for water and is consequently used as a dry- 
ing agent. Phosphorus(III) oxide is the anhydride of phosphorous acid (H3PO3), a weak 
diprotic acid (Figure 22.27).* 

One characteristic of phosphoric and phosphorous acids is their tendency to 
undergo condensation reactions when heated. For example, two H3PO,4 molecules are 
joined by the elimination of one H2O molecule to form H4P,07: 


i i i 
a on + nh ies =} Bo ae ec + H,O 
OH \/ OH OH OH 


These atoms are eliminated as H,O 
[22.48] 


Phosphoric acid and its salts find their most important uses in detergents and fer- 
tilizers. The phosphates in detergents are often in the form of sodium triphosphate 
(NasP30 9). The phosphate ions “soften” water by binding their oxygen groups to the 
metal ions that contribute to the hardness of water. This keeps the metal ions from inter- 
fering with the action of the detergent. The phosphates also keep the pH above 7 and 
thus prevent the detergent molecules from becoming protonated. 

Most mined phosphate rock is converted to fertilizers. The Ca3(PO,) in phosphate 
rock is insoluble (Ky, = 2.0 x 10~”°). It is converted to a soluble form for use in fertil- 
izers by treatment with sulfuric or phosphoric acid. The reaction with phosphoric acid 
yields Ca(H2PO,)3: 


Ca3(PO4)2(s) + 4 H;PO4(aq) —> 3 Ca?” (aq) + 6 H2PO,g (aq) [22.49] 


Although the solubility of Ca(H2PO,), allows it to be assimilated by plants, it also allows 
it to be washed from the soil and into bodies of water, thereby contributing to water 
pollution. 


*Note that the element phosphorus (FOS: for: us) has a -us suffix, whereas the first word in the 
name phosphorous (fos » FOR » us) acid has an -ous suffix. 


YW Go Figure 


How do the electron domains about 
P in P4Og differ from those about P 


A Figure 22.26 Structures of P,0, (top) 
and P4040 (bottom). 


This H is not acidic 
because P-H bond 
is nonpolar. 


A Figure 22.27 Structures of H3P0, (top) 
and H3P03 (bottom). 
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Phosphorus compounds are important in biological systems. The element occurs in 
phosphate groups in RNA and DNA, the molecules responsible for the control of protein 
biosynthesis and transmission of genetic information. It also occurs in adenosine tri- 
phosphate (ATP), which stores energy in biological cells and has the following structure: 


NH) 

HE Il | 

ees Pen 

T T1 

a oe oo 
O= O7 G H n C 
He a + 

OH OH Adenosine 


The P—O—P bond of the end phosphate group is broken by hydrolysis with water, 
forming adenosine diphosphate (ADP): 


O 
| 


O 
| 


| 
~O—P—O—P—O—P—O—Adenosine + H,O —> 


©- 
ATP [22.50] 
O O 
HO l O l O—Adenosine + ~O— l —OH 
o d o- 


ADP 


This reaction releases 33 kJ of energy under standard conditions, but in the living 


cell, the Gibbs free energy change for the reaction is closer to —57 kJ/mol. The concen- 
tration of ATP inside a living cell is in the range of 1-10 mM, and a typical human metab- 
olizes her or his body mass of ATP in one day! ATP is continually made from ADP and 
continually converted back to ADP, releasing energy that can be harnessed by other cel- 


lular reactions. 


CHEMISTRY AND LIFE [ASG 


Arsenic, in the form of its oxides, has been known as a poison for 
centuries. 

When it contaminates drinking water, this can cause wide- 
spread poisoning, as has occurred in Bangladesh. Historically, 
surface water sources in that country have been contaminated with 
microorganisms, causing significant health problems. During the 
1970s, international agencies, headed by the United Nations Chil- 
dren’s Fund (UNICEF), began investing millions of dollars of aid 
money in Bangladesh for wells to provide “clean” drinking water. 
Unfortunately, no one tested the well water for the presence of arse- 
nic; the problem was not discovered until the 1980s. The result has 


been the biggest outbreak of mass poisoning in history. Up to half 
of the country’s estimated 10 million wells have arsenic concentra- 
tions above 50 ppb. 

In water, the most common forms of arsenic are the arse- 
nate ion and its protonated hydrogen anions (AsO,°~, HAsO,?7, 
and H,AsO,) and the arsenite ion and its protonated forms 
(AsO, HAsO;?~, H,AsO3, and H3AsO3). These species are collec- 
tively referred to by the oxidation number of the arsenic as arsenic(V) 
and arsenic(III), respectively. Arsenic(V) is more prevalent in oxygen- 
rich (aerobic) surface waters, whereas arsenic(III) is more likely to 
occur in oxygen-poor (anaerobic) groundwaters. 


One of the challenges in determining the health effects of 
arsenic in drinking waters is the different chemistry of arsenic(V) 
and arsenic(III), as well as the different concentrations required for 
physiological responses in different individuals. In Bangladesh, 
skin lesions were the first sign of the arsenic problem. Statistical 
studies correlating arsenic levels with the occurrence of disease 
indicate a lung and bladder cancer risk arising from even low levels 
of arsenic. 
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The current technologies for removing arsenic perform most 
effectively when treating arsenic in the form of arsenic(V), so water 
treatment strategies require preoxidation of the drinking water. Once 
in the form of arsenic(V), there are a number of possible removal strat- 
egies. For example, Fe** can be added to precipitate FeAsO4, which is 
then removed by filtration. 


Self-Assessment Exercise 


22.31 Which oxyacid is produced when PF, reacts with water? 


(a) H,PO, 
(b) H,PO, 
(c) H,P,0, 


Exercises 


22.32 Write a chemical formula for each compound or ion, and 
indicate the oxidation state of the Group 15 element in each 
formula: (a) diarsenic trisulfide, (b) arsenic pentoxide, 
(c) phosphorus trichloride, (d) phosphonium ion, 
(e) indium antimonide, (f) sodium arsenite. 


22.33 Account for the following observations: (a) H3PO3 is a 
diprotic acid. (b) Nitric acid is a strong acid, whereas phos- 


phoric acid is weak. (c) Phosphate rock is ineffective as a 


22.9 | Carbon 


phosphate fertilizer. (d) Phosphorus does not exist at room 
temperature as diatomic molecules, but nitrogen does. 
(e) Solutions of Na3PO, are quite basic. 


22.34 


Write a balanced equation for each of the following reac- 
tions: (a) hydrolysis of PCl;, (b) dehydration of phosphoric 
acid (also called orthophosphoric acid) to form pyrophos- 
phoric acid, (c) reaction of PyOj9 with water. 
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Carbon constitutes only 0.027% of Earth’s crust. Although some carbon occurs in ele- 
mental form as graphite and diamond, most is found in combined form. Over half occurs 
in carbonate compounds. Carbon is also found in coal, petroleum, and natural gas. The 
importance of the element stems in large part from its occurrence in all living organisms: 
Life as we know it is based on carbon compounds. In this section, we focus on inorganic 
carbon, and by the end, you should be able to 


e Recognize the main reactions involving oxides of carbon, carbonates, and carbides 


Elemental Forms of Carbon 


We have seen that carbon exists in several allotropic crystalline forms: graphite, diamond, 
fullerenes, carbon nanotubes, and graphene. Fullerenes, nanotubes, and graphene are 
discussed in Chapter 12; here we focus on graphite and diamond. 

Graphite is a soft, black, slippery solid that has a metallic luster and con- 
ducts electricity. It consists of parallel sheets of sp” hybridized carbon atoms held 
together by dispersion forces. Diamond is a clear, hard solid in which the carbon 
atoms form an sp? hybridized covalent network. Diamond is denser than graph- 
ite (d = 2.25 g/cm? for graphite; d = 3.51 g/cm? for diamond). At approximately 
10 GPa at 3000°C, graphite converts to diamond. In fact, almost any carbon- 
containing substance, if put under sufficiently high pressure, forms diamonds; scientists 
at General Electric in the 1950s used peanut butter to make diamonds. About 3 x 10*kg 
of industrial grade diamonds are synthesized each year, mainly for use in cutting, grind- 
ing, and polishing tools. 

Graphite has a well-defined crystalline structure, but it also exists in two common 
amorphous forms: carbon black and charcoal. Carbon black is formed when hydro- 
carbons are heated in a very limited supply of oxygen, such as in this methane reaction: 


CH4(8) + O2(g) —> C(s) + 2 H20(8) [22.51] 


Carbon black is used as a pigment in black inks; large amounts are also used in making 
vehicle tires. 

Charcoal is formed when wood is heated strongly in the absence of air. Charcoal 
has an open structure, giving it an enormous surface area per unit mass. “Activated char- 
coal,” a pulverized form of charcoal whose surface is cleaned by heating with steam, is 
widely used to adsorb molecules. It is used in filters to remove offensive odors from air 
and colored or bad-tasting impurities from water. 


Oxides of Carbon 


Carbon forms two principal oxides: carbon monoxide (CO) and carbon dioxide (CO3). 
Carbon monoxide is formed when carbon or hydrocarbons are burned in a limited supply 
of oxygen: 


2C(s) + O(g) —> 2CO(g) [22.52] 


CO is a colorless, odorless, tasteless gas that is toxic because it binds to hemoglobin in the 
blood and thus interferes with oxygen transport. Low-level poisoning results in head- 
aches and drowsiness; high-level poisoning can cause death. 

Carbon monoxide is unusual in that it has a nonbonding pair of electrons on carbon: 
:C=0O: . Itis isoelectronic with N3, so you might expect CO to be equally unreactive. More- 
over, both substances have high bond energies (1072 kJ/mol for C=O and 941 kJ/mol 
for N=N). Because of the lower nuclear charge on carbon (compared with either N or O), 
however, the carbon nonbonding pair is not held as strongly as that on N or O. Conse- 
quently, CO is better able to function as a Lewis base than is N3; for example, CO can coor- 
dinate its nonbonding pair to the iron of hemoglobin, displacing O3, but N; cannot. 

Carbon monoxide has several commercial uses. Because it burns readily, forming 
CO,, it is employed as a fuel: 


2CO(g) + O(g) —> 2CO(g) AH? = —566kJ [22.53] 


SECTION 22.9 Carbon 


Carbon monoxide is an important reducing agent, widely used in metallurgical opera- 


tions to reduce metal oxides, such as the iron oxides: 


Fe304(s) + 4CO(g) —> 3 Fe(s) + 4CO,(g) 


[22.54] 


Carbon dioxide is produced when carbon-containing substances are burned in excess 


oxygen, such as in this reaction involving ethanol: 


C,HsOH(!) + 3 O2(g) —> 2 CO2(8) + 3 H20(g) 


It is also produced when many carbonates are heated: 


CaCO3(s) — CaO(s) + COn(g) 


[22.55] 


[22.56] 


CHEMISTRY PUT TO WORK MeN EA ests 


The properties of graphite are anisotropic; that is, they differ in differ- 
ent directions through the solid. Along the carbon planes, graphite 
possesses great strength because of the number and strength of the 
carbon-carbon bonds in this direction. The bonds between planes 
are relatively weak, however, making graphite weak in that direction. 


Carbon composite materials are used widely in a number 
of applications, including high-performance graphite sports 
equipment such as tennis racquets, golf clubs, and bicycle wheels 
(Figure 22.28). Heat-resistant composites are required for many aero- 
space applications, where carbon composites now find wide use. 
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Fibers of graphite can be prepared in which the carbon planes 
are aligned to varying extents parallel to the fiber axis. These fibers 
are lightweight (density of about 2 g/cm*) and chemically quite 
unreactive. The oriented fibers are made by first slowly pyrolyz- 
ing (decomposing by action of heat) organic fibers at about 150 to 
300°C. These fibers are then heated to about 2500 °C to graphitize 
them (convert amorphous carbon to graphite). Stretching the fiber 
during pyrolysis helps orient the graphite planes parallel to the 
fiber axis. More amorphous carbon fibers are formed by pyrolysis of 
organic fibers at lower temperatures (1200 to 400°C). These amor- 
phous materials, commonly called carbon fibers, are the type most 
often used in commercial materials. 

Composite materials that take advantage of the strength, sta- 
bility, and low density of carbon fibers are widely used. Compos- 
ites are combinations of two or more materials. These materials are 
present as separate phases and are combined to form structures that 
take advantage of certain desirable properties of each component. In 
carbon composites, the graphite fibers are often woven into a fabric 
that is embedded in a matrix that binds them into a solid structure. 
The fibers transmit loads evenly throughout the matrix. The finished 
composite is thus stronger than any one of its components. 


A Figure 22.28 Carbon composites in commercial products. 


In the laboratory, CO; can be produced by the action of acids on carbonates (Figure 22.29): 


Strong acid CO>(g) 


CO (aq) + 2H*(aq) — COy(g) + H20(1) [22.57] 


Carbon dioxide is a colorless, odorless gas. It is a minor component of Earth’s atmo- 
sphere but a major contributor to the greenhouse effect. Although it is not toxic, high 
concentrations of CO, increase respiration rate and can cause suffocation. It is readily 
liquefied by compression. When cooled at atmospheric pressure, however, CO; forms a 
solid rather than liquefying. The solid sublimes at atmospheric pressure at —78 °C. This 
property makes solid CO, known as dry ice, valuable as a refrigerant. About half of the 
CO, consumed annually is used for refrigeration. The other major use of CO, is in the 
production of carbonated beverages. Large quantities are also used to manufacture wash- 
ing soda (NaCO; + 10 H20), used to precipitate metal ions that interfere with the cleans- 
ing action of soap, and baking soda (NaHCO3). Baking soda is so named because this 
reaction occurs during baking: 


A Figure 22.29 C0, formation from the 
reaction between an acid and calcium 


carbonate in rock. 


NaHCO3(s) + H*(aq) —> Na*(aq) + CO2(g) + H20(1) [22.58] 


The H*(aq) is provided by vinegar, sour milk, or the hydrolysis of certain salts. The bub- 
bles of CO; that form are trapped in the baking dough, causing it to rise. 
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Carbonic Acid and Carbonates 


Carbon dioxide is moderately soluble in H20 at atmospheric pressure. The resulting solu- 
tion is moderately acidic because of the formation of carbonic acid (H,CO3): 


CO2(aq) + H,O(1) —— H2CO3(aq) [22.59] 


Carbonic acid is a weak diprotic acid. Its acidic character causes carbonated beverages to 
have a sharp, slightly acidic taste. 

Although carbonic acid cannot be isolated, hydrogen carbonates (bicarbonates) 
and carbonates can be obtained by neutralizing carbonic acid solutions. Partial neu- 
tralization produces HCO; , and complete neutralization gives CO;7-. The HCO; ion 
is a stronger base than acid (K, = 2.3 x 1078; K, = 5.6 x 107 !"). The carbonate ion is 
much more strongly basic (K, = 1.8 x 10~*). 

The principal carbonate minerals are calcite (CaCO3), magnesite (MgCO3), dolo- 
mite [MgCa(CO3),], and siderite (FeCO3). Calcite is the principal mineral in limestone 
and the main constituent of marble, chalk, pearls, coral reefs, and the shells of marine 
animals such as clams and oysters. Although CaCO; has low solubility in pure water, it 
dissolves readily in acidic solutions with evolution of CO3: 


CaCO3(s) + 2H*(aq) == Ca?*(aq) + H20(1) + CO2(8) [22.60] 


Because water containing CO; is slightly acidic (Equation 22.59), CaCO; dissolves slowly 
in this medium: 


CaCO3(s) + H2O(1) + COx(g) —> Ca?*(aq) + 2 HCO; (aq) [22.61] 


This reaction occurs when surface waters move underground through limestone deposits. 
It is the principal way Ca?* enters groundwater, producing hard water, (water with a high 
mineral content, containing especially Ca?* and Mg?* ions). If the limestone deposit is 
deep enough underground, dissolution of the limestone produces a cave. 

One of the most important reactions of CaCO; is its decomposition into CaO and 
CO; at elevated temperatures (Equation 22.56). Because calcium oxide, known as lime 
or quicklime, reacts with water to form Ca(OH)y, it is an important commercial base. 
It is also important in making mortar, the mixture of sand, water, and CaO used to 
bind bricks, blocks, or rocks together. Calcium oxide reacts with water and CO, to form 
CaCOs, which binds the sand in the mortar: 


CaO(s) + H,O(1) —> Ca?* (aq) + 2 OH (aq) [22.62] 
Ca** (aq) + 2OH~(aq) + CO.(aq) —> CaCO;(s) + H,O(/) [22.63] 


Carbides 


The binary compounds of carbon with metals, metalloids, and certain nonmetals are called 
carbides. The more active metals form ionic carbides, and the most common of these 
contain the acetylide ion (C~). This ion is isoelectronic with Ny, and its Lewis structure, 
[:C=C:]?-, has a carbon-carbon triple bond. The most important ionic carbide is calcium 
carbide (CaC2), produced by the reduction of CaO with carbon at high temperature: 


2CaO(s) + 5C(s) —> 2 CaC,(s) + CO2(g) [22.64] 


The carbide ion is a very strong base that reacts with water to form acetylene 
(i= C=C): 
CaC2(s) + 2H,O(1) — > Ca(OH) (aq) + C2H2(g) [22.65] 


Calcium carbide is therefore a convenient solid source of acetylene, which is used in weld- 
ing (Figure 22.11). 

Interstitial carbides are formed by many transition metals. The carbon atoms occupy 
open spaces (interstices) between the metal atoms in a manner analogous to the intersti- 
tial hydrides. This process generally makes the metal harder. Tungsten carbide (WC), for 
example, is very hard and very heat-resistant and, thus, used to make cutting tools. 

Covalent carbides are formed by boron and silicon. Silicon carbide (SiC), known as 
Carborundum*, is used as an abrasive and in cutting tools. Almost as hard as diamond, 
SiC has a diamond-like structure with alternating Si and C atoms. 
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Self-Assessment Exercise 


22.35 The hydrogen carbonate ion is amphiprotic. Will the pH of (a) Acidic 
a solution of NaHCO, be acidic, neutral, or basic? (b) Neutral 
(c) Basic 


DMO 0080.6 


Exercises 


22.36 Give the chemical formula for (a) fullerene, (b) potassium 22.38 Write a balanced equation for each of the following 
cyanide, (c) zinc carbide, (d) zinc acetylide, (e) carbon reactions: (a) Burning magnesium metal in a carbon 
disulfide. dioxide atmosphere reduces the CO; to carbon. (b) In 


22.37 Complete and balance the following equations: photosynthesis, solar energy is used to produce glu- 
cose (C6H1206) and O; from carbon dioxide and water. 


(a) COz(g) + OH (aq) —> (c) When carbonate salts dissolve in water, they produce 
(b) NaHCO3(s) + H*(aq) —> basic solutions. 

(c) CaO(s) + C(s) => 

(d) C(s) + H20(3) > 

(e) CuO(s) + CO(g) —> 


(0) gee 


NZ 
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22.10 | The Other Group 14 Elements: 
Si, Ge, Sn, and Pb 


Asbestos is a general term applied to a group of fibrous silicate minerals. The structure 
of these minerals is either chains of silicate tetrahedra or sheets formed into rolls. The 
result is that the minerals have a fibrous character. Asbestos minerals were once widely 
used as thermal insulation, especially in high-temperature applications, because of the 
great chemical stability of the silicate structure. In addition, the fibers can be woven 
into asbestos cloth, which was once used for fireproof curtains and other applications. 
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However, the fibrous structure of asbestos minerals poses a health risk, because the fibers 
readily penetrate soft tissues, such as the lungs, where they can cause diseases, includ- 
ing cancer. The use of asbestos as a common building material has, therefore, been 
discontinued. 

By the end of this section, you should be able to 


e Understand the occurrence of silicates and some uses of silicon 


The trend from nonmetallic to metallic character as we go down a family is strikingly evi- 
dent in Group 14. Carbon is a nonmetal; silicon and germanium are metalloids; tin and 
lead are metals. In this section, we consider a few general characteristics of Group 14 and 
then look more thoroughly at silicon. 


General Characteristics of the Group 14 Elements 


The Group 14 elements possess the outer-shell electron configuration ns?np?. The elec- 
tronegativities of the elements are generally low (Table 22.8); carbides that formally 
contain C*~ ions are observed only in the case of a few compounds of carbon with very 
active metals. Tin is unusual as it can form the Sn** ion, however the +4 oxidation state 
is common and is found in the vast majority of the compounds of the Group 14 ele- 
ments. The +2 oxidation state is also found in the chemistry of germanium, tin, and 
lead and it is the principal oxidation state for lead. Carbon usually forms a maximum 
of four bonds. The other members of the family are able to form more than four bonds. 

Table 22.8 shows that the strength of a bond between two atoms of a given element 
decreases as we go down Group 14. Carbon-carbon bonds are quite strong. Carbon, there- 
fore, has a striking ability to form compounds in which carbon atoms are bonded to one 
another in extended chains and rings, which accounts for the large number of organic 
compounds that exist. Other elements can form chains and rings, but these bonds are 
far less important in the chemistries of these other elements. The Si—Si bond strength 
(226 kJ/mol), for example, is much lower than the Si— O bond strength (386 kJ/mol). 
As a result, the chemistry of silicon is dominated by the formation of Si— O bonds, and 
Si— Si bonds play a minor role. 


Occurrence and Preparation of Silicon 


Silicon is the second most abundant element, after oxygen, in Earth’s crust. It occurs 
in SiO; and in an enormous variety of silicate minerals. The element is obtained by the 
reduction of molten silicon dioxide with carbon at high temperature: 


SiO,(I) + 2C(s) — Si(1) + 2CO(g) [22.66] 


Elemental silicon has a diamond-like structure. Crystalline silicon is a gray metallic- 
looking solid that melts at 1410 °C. The element is a semiconductor, as we saw in Chap- 
ters 7 and 12, and is used to make solar cells and transistors for computer chips. To be 
used as a semiconductor, it must be extremely pure, possessing less than 1077% (1 ppb) 
impurities. One method of purification is to treat the element with Cl, to form SiCl4, a 
volatile liquid that is purified by fractional distillation and then converted back to ele- 
mental silicon by reduction with H3: 


SiCly(g) + 2 H2(g) —> Si(s) + 4HCI(g) [22.67] 


TABLE 22.8 Some Properties of the Group 14 Elements 


Property c Si Ge Sn Pb 

Atomic radius (pm) 76 111 120 139 146 
First ionization energy (kJ/mol) 1086 786 762 709 716 
Electronegativity 25 1.8 1.8 1.8 i) 


X— X single-bond enthalpy (kJ/mol) 348 226 188 151 — 
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The process known as zone refining can further purify the element (Figure 22.30). Asa 
heated coil is passed slowly along a silicon rod, a narrow band of the element is melted. As 
the molten section is swept slowly along the length of the rod, the impurities concentrate 
in this section, following it to the end of the rod. The purified top portion of the rod crys- 
tallizes as 99.999999999% pure silicon. 


Silicates 


Silicon dioxide and other compounds that contain silicon and oxygen make up over 90% 
of Earth’s crust. In silicates, a silicon atom is surrounded by four oxygens and silicon is 
found in its most common oxidation state, +4. The orthosilicate ion, SiO,’ , is found in 
very few silicate minerals, but we can view it as the “building block” for many mineral 
structures. As Figure 22.31 shows, adjacent tetrahedra can be linked by a common oxygen 
atom. Two tetrahedra joined in this way, called the disilicate ion, contain two Si atoms 
and seven O atoms. Silicon and oxygen are in the +4 and —2 oxidation states, respec- 
tively, in all silicates, so the overall charge of any silicate ion must be consistent with 
these oxidation states. For example, the charge on SiO; is (2)(+4) + (7)(—2) = —6; it 
is the Si,07°~ ion. 

In most silicate minerals, silicate tetrahedra are linked together to form chains, 
sheets, or three-dimensional structures. We can connect two vertices of each tetra- 
hedron to two other tetrahedra, for example, leading to an infinite chain with an 
-++ O—Si—O—Si--- backbone as shown in Figure 22.31(b). Notice that each silicon 
in this structure has two unshared (terminal) oxygens and two shared (bridging) oxygens. 
The stoichiometry is then 2(1) + 2(1/2) = 3 oxygens per silicon. Thus, the formula unit 
for this chain is SiO;*~ . The mineral enstatite (MgSiO3) has this kind of structure, consist- 
ing of rows of single-strand silicate chains with Mg?* ions between the strands to balance 
charge. 

In Figure 22.31(c), each silicate tetrahedron is linked to three others, forming an 
infinite sheet structure. Each silicon in this structure has one unshared oxygen and three 
shared oxygens. The stoichiometry is then 1(1) +3(%) = 2% oxygens per silicon. The 
simplest formula of this sheet is SiO0- . The mineral talc, also known as talcum powder, 
has the formula Mg3(Si,O;)2(OH), and is based on this sheet structure. The Mg?* and 
OH ions lie between the silicate sheets. The slippery feel of talcum powder is due to the 
silicate sheets sliding relative to one another. 

When all four vertices of each SiO, tetrahedron are linked to other tetrahedra, 
the structure extends in three dimensions. This linking of the tetrahedra forms quartz 
(SiO2). Because the structure is locked together in a three-dimensional array much like 
diamond, quartz is harder than strand- or sheet-type silicates. 


W Go Figure 


What limits the range of temperatures 
you can use for zone refining of silicon? 


aes 


Molten section 


As heating coil 
slowly moves down, 


impurities 
concentrate in 
molten section, 
leaving behind 
ultrapure Si. 


Silicon rod 


| 


Inert atmosphere 


A Figure 22.30 Zone-refining apparatus for 
the production of ultrapure silicon. 


Si,057- 
formula 
4— unit 
SiO}? 
formula 
unit 
Silicate ion Fragment of silicate chain Fragment of silicate sheet 
(a) (b) (c) 


A Figure 22.31 Silicate chains and sheets. 
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Ss Sample Exercise 22.6 


D Determining an Empirical Formula 


The mineral chrysotile is a noncarcinogenic asbestos mineral that is based on the sheet structure shown in Figure 22.31(c). In 
addition to silicate tetrahedra, the mineral contains Mg** and OH7 ions. Analysis of the mineral shows that there are 1.5 Mg 
atoms per Si atom. What is the empirical formula for chrysotile? 


SOLUTION 


Analyze A mineral is described that has a sheet silicate structure 
with Mg?* and OH7 ions to balance charge and 1.5 Mg for 
each 1 Si. We are asked to write the empirical formula for the 
mineral. 


> Practice Exercise 
In the mineral beryl, six silicate tetrahedra are connected 
to form a ring as shown here. The negative charge of this 
polyanion is balanced by Be?* and Al** cations. If elemental 
analysis gives a Be:Si ratio of 1:2 and an AI:Si ratio of 1:3 what 
is the empirical formula of beryl: (a) Be2Al;}Si6O19, 


Plan As shown in Figure 22.31(c), the silicate sheet structure 
8 ( ) (b) Be3Al, (SiO4)6, (c) Be3Al,SigOj8, (d) BeAl,SigQ15? 


has the simplest formula Si,O;”~. We first add Mg”* to give the 
proper Mg:Si ratio. We then add OH ions to obtain a neutral 
compound. 


Solve 


The observation that the Mg:Si ratio equals 1.5 is consistent 
with three Mg”* ions per Si,Os?~ unit. The addition of three 
Mg?* ions would make Mg3(Si,O;)**. In order to achieve charge 
balance in the mineral, there must be four OH™ per Si,0.7~. 
Thus, the formula of chrysotile is Mg3(Si205)(OH)4. Since 

this is not reducible to a simpler formula, this is the empirical 
formula. 


Glass 


Quartz melts at approximately 1600 °C, forming a tacky liquid. In the course of melting, 
many silicon-oxygen bonds are broken. When the liquid cools rapidly, silicon-oxygen 
bonds are re-formed before the atoms are able to arrange themselves in a regular fashion. 
An amorphous solid, known as quartz glass or silica glass, results. Many substances can 
be added to SiO, to cause it to melt at a lower temperature. The common glass used in 
windows and bottles, known as soda-lime glass, contains CaO and Na,O in addition to 
SiO, from sand. The CaO and Na,0O are produced by heating two inexpensive chemicals, 
limestone (CaCO3) and soda ash (Na,CO3), which decompose at high temperatures: 


CaCO3(s) —> CaO(s) + CO2(g) [22.68] 
NayCO3(s) —> Nay,O(s) + COo(g) [22.69] 


Other substances can be added to soda-lime glass to produce color or to change the 
properties of the glass in various ways. The addition of CoO, for example, produces the 
deep blue color of “cobalt glass.” Replacing NaO with K,O results in a harder glass that 
has a higher melting point. Replacing CaO with PbO results in a denser “lead crystal” glass 
with a higher refractive index. Lead crystal is used for decorative glassware; the higher 
refractive index gives this glass a particularly sparkling appearance. Addition of non- 
metal oxides, such as B,O3 and PyO;9, which form network structures related to the sili- 
cates, also changes the properties of the glass. Adding B,O3 creates a “borosilicate” glass 
with a higher melting point and a greater ability to withstand temperature changes. Such 
glasses, sold commercially under trade names such as Pyrex® and Kimax’®, are used where 
resistance to thermal shock is important, such as in laboratory glassware or coffeemakers. 


Silicones 


Silicones consist of O—Si—O chains in which the two remaining bonding positions on 
each silicon are occupied by organic groups such as CH3: 
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HC CH; H;G CH; H;¢ CH; 
ee Pe ae ed Sega ae 


Depending on chain length and degree of cross-linking, silicones can be either oils 
or rubber-like materials. Silicones are nontoxic and have good stability toward heat, light, 
oxygen, and water. They are used commercially in a wide variety of products, including 
lubricants, car polishes, sealants, and gaskets. They are also used for waterproofing fab- 
rics. When applied to a fabric, the oxygen atoms form hydrogen bonds with the mole- 
cules on the surface of the fabric. The hydrophobic (water-repelling) organic groups of 
the silicone are then left pointing away from the surface as a barrier. 


Self-Assessment Exercise 


22.39 Sodium metasilicate has the formula Na,SiO,. What struc- (c) Sheets 
ture do you expect for the silicate ions? (d) 3-D network 
(a) Individual units 
(b) Chains 

Exercises 

22.40 Select the member of Group 14 that best fits each descrip- 22.42 (a) Determine the number of sodium ions in the chemical 
tion: (a) has the greatest tendency to form multiple bonds formula of albite, Na,AISi,O0g. (b) Determine the number 
with itself, (b) forms polymeric structures with oxygen, of hydroxide ions in the chemical formula of tremolite, 
(c) isa metal with +2 and +4 oxidation states. CazMg35(Si4O,1)2(OH),. 


22.41 Speculate as to why carbon forms carbonate rather than 
silicate analogs. 
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13 Boron is the only Group 13 element that can be considered nonmetallic and thus is 
5 our final element in this chapter. The element has an extended network structure with 
B a melting point (2300°C) that is intermediate between the melting points of carbon 
13 (3550°C) and silicon (1410°C). The electron configuration of boron is [He]2s?2p!. 
Al In the family of compounds called boranes, the molecules contain only boron 
M 31 and hydrogen. Because B is less electronegative than H, the B—H bond in these com- 
Ga pounds is polarized, with H having the higher electron density. The simplest borane is 
| 49 BH3. This molecule contains only six valence electrons and is therefore an exception to 
Th the octet rule. As a result, BH; reacts with itself to form diborane (B2H6). This reaction can 
81 be viewed as a Lewis acid-base reaction in which one B —H bonding pair of electrons in 
Tl each BH, molecule is donated to the other. As a result, diborane is an unusual molecule 


in which hydrogen atoms form a bridge between two B atoms (Figure 22.32). Such hydro- 
gens are called bridging hydrogens. 

Sharing hydrogen atoms between the two boron atoms compensates somewhat for the 
deficiency in valence electrons around each boron. Nevertheless, diborane is an extremely 
reactive molecule, spontaneously flammable in air in a highly exothermic reaction: 


BoH,(g) + 3 O(g) —> B,O3(s) + 3H,O(g) AH° = -2030kKJ [22.70] 


Boron and hydrogen form a series of anions called borane anions. Salts of the borohy- 
dride ion (BH, ) are widely used as reducing agents. For example, sodium borohydride 


~ ™ (NaBH,) is a commonly used reducing agent for certain organic compounds. 
A Figure 22.32 The structure of diborane The only important oxide of boron is boric oxide (B203). This substance is the anhy- 
(B2He). dride of boric acid, which we may write as H3BO3 or B(OH)3. Boric acid is so weak an acid 


(Ka = 5.8 X 107 !°) that solutions of H3BO3 are used as an eyewash. Upon heating, boric 
acid loses water by a condensation reaction similar to that described for phosphorus in 
Section 22.8: 

4 H3BO3(s) => H2B407(8) +5 H20(8) [22.71] 


The diprotic acid H2B,07 is tetraboric acid. The hydrated sodium salt 
Na2B,07- 10 H3O, called borax, is used in various laundry and cleaning products. 


am Sample Integrative Exercise 


D Putting Concepts Together 


The interhalogen compound BrF; is a volatile, straw-colored liquid. The compound exhibits appreciable electrical conductivity 
because of autoionization (“solv” refers to BrF3 as the solvent): 


2 BrF3(/) == BrF,‘(solv) + BrF, (solv) 
(a) What are the molecular structures of the BrF* and BrF, ions? 


(b) The electrical conductivity of BrF3 decreases with increasing temperature. Is the autoionization process exothermic or endothermic? 


(c) One chemical characteristic of BrF3 is that it acts as a Lewis acid toward fluoride ions. What do we expect will happen when 
KF is dissolved in BrF3? 


SOLUTION 
(a) The BrF2" ion has 7 + 2(7) — 1 = 20 valence-shell electrons. we ee wet 
The Lewis structure for the ion is [#8 —] 


Because there are four electron domains around the central Br 

atom, the resulting electron domain geometry is tetrahedral. 

Because bonding pairs of electrons occupy two of these + + 
domains, the molecular geometry is bent: — 


(b) 


(c) 


The BrFy ion has 7 + 4(7) + 1 = 36 electrons, leading to the 
Lewis structure: 


Because there are six electron domains around the central Br 
atom in this ion, the electron-domain geometry is octahedral. 
The two nonbonding pairs of electrons are located opposite 
each other on the octahedron, leading to a square-planar 
molecular geometry: 


The observation that conductivity decreases as temperature 
increases indicates that there are fewer ions present in the 
solution at the higher temperature. Thus, increasing the tem- 
perature causes the equilibrium to shift to the left. According 
to Le Chatelier’s principle, this shift indicates that the reaction 
is exothermic as it proceeds from left to right. 


A Lewis acid is an electron-pair acceptor. The fluoride ion has 
four valence-shell electron pairs and can act as a Lewis base 
(an electron-pair donor). Thus, we can envision the following 
reaction occurring: 


Self-Assessment Exercise 


22.43 Recall that the hydride ion is H~. What is the oxidation 


state of boron in sodium borohydride? 


Exercises 


22.44 Write the formulas for the following compounds, and indi- 


cate the oxidation state of the Group 14 element or of boron 
in each: (a) stannous fluoride, (b) germane, (c) diborane, 
(d) tin(ID sulfate, (e) tin selenide, (f) zinc carbonate. 
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F 
she Neda. aoe 
*-F—Br—F: 
. N B 
E. 
— 
F F 
\ 
EH Be — > | F—Br—F 
NDE A 
F 


(a) -1 
(b) +1 
(c) +3 


22.45 Write a balanced equation for each of the following reac- 
tions: (a) Diborane reacts with water to form boric acid and 
molecular hydrogen. (b) Upon heating, boric acid undergoes 
a condensation reaction to form tetraboric acid. (c) Boron 
oxide dissolves in water to give a solution of boric acid. 


(0) eve 
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Chapter Summary and Key Terms 


THE PERIODIC TABLE AND CHEMICAL REACTIONS (SECTION 22.1) 
The periodic table is useful for organizing and remembering the 
descriptive chemistry of the elements. Among elements of a given 
group, size increases with increasing atomic number, and electro- 
negativity and ionization energy decrease. The most nonmetallic 
elements are found in the upper right portion of the periodic table. 

Among the nonmetallic elements, the first member of each 
group differs dramatically from the other members; it forms a max- 
imum of four bonds to other atoms and exhibits a much greater ten- 
dency to form r bonds than the heavier elements in its group. 

Because O; and H2O are abundant in our world, we focus on 
two important and general reaction types as we discuss the nonmet- 
als: oxidation by O, and proton-transfer reactions involving H20 or 
aqueous solutions. 


HYDROGEN (SECTION 22.2) Hydrogen has three isotopes: protium 
(1H), deuterium (7H), and tritium (7H). Hydrogen is not a member of 
any particular periodic group, although it is usually placed above 
lithium. The hydrogen atom can either lose an electron, forming H*, 
or gain one, forming H` (the hydride ion). Because the H—H bond 
is relatively strong, H; is fairly unreactive unless activated by heat 
or a catalyst. Hydrogen forms a very strong bond to oxygen, so the 
reactions of H; with oxygen-containing compounds usually lead to 
the formation of H2O. The H*(aq) ion is able to oxidize many metals, 
forming H2(g). The electrolysis of water also forms H2(g). 

The binary compounds of hydrogen are of three general types: 
ionic hydrides (formed by active metals), metallic hydrides (formed by 
transition metals), and molecular hydrides (formed by nonmetals). 
The ionic hydrides contain the H` ion; because this ion is extremely 
basic, ionic hydrides react with HO to form H; and OH. 


GROUP 18: THE NOBLE GASES AND GROUP 17: HALOGENS 
(SECTIONS 22.3 AND 22.4) The noble gases (Group 18) exhibit a 
very limited chemical reactivity because of the exceptional stability 
of their electron configurations. The xenon fluorides and oxides and 
KrF, are the best-established compounds of the noble gases. 

The halogens (Group 17) occur as diatomic molecules. All except 
fluorine exhibit oxidation states varying from —1 to +7. Fluorine is 
the most electronegative element, so it is restricted to the oxidation 
states 0 and —1. The oxidizing power of the element (the tendency 
to form the —1 oxidation state) decreases as we proceed down the 
group. 

The hydrogen halides are among the most useful compounds of 
these elements; these gases dissolve in water to form the hydrohalic 
acids, such as HCl(aq). Hydrofluoric acid reacts with silica. The inter- 
halogens are compounds formed between two different halogen ele- 
ments. Chlorine, bromine, and iodine form a series of oxyacids, in 
which the halogen atom is in a positive oxidation state. These com- 
pounds and their associated oxyanions are strong oxidizing agents. 


OXYGEN AND THE OTHER GROUP 16 ELEMENTS (SECTIONS 22.5 
AND 22.6) Oxygen has two allotropes, O; and O; (ozone). Ozone is 
unstable compared to Og, and it is a stronger oxidizing agent than Op. 
Most reactions of O, lead to oxides, compounds in which oxygen is 
in the —2 oxidation state. The soluble oxides of nonmetals generally 
produce acidic aqueous solutions; they are called acidic anhydrides 
or acidic oxides. In contrast, soluble metal oxides produce basic solu- 
tions and are called basic anhydrides or basic oxides. Many metal ox- 
ides that are insoluble in water dissolve in acid, accompanied by the 
formation of H20. 

Peroxides contain O— O bonds and oxygen in the —1 oxida- 
tion state. Peroxides are unstable, decomposing to Oz and oxides. In 


such reactions peroxides are simultaneously oxidized and reduced, a 
process called disproportionation. Superoxides contain the Oz ion in 
which oxygen is in the -4 oxidation state. 

Sulfur is the most important of the other Group 16 elements. It 
has several allotropic forms; the most stable one at room temperature 
consists of Sg rings. Sulfur forms two oxides, SO, and SO3, and both 
are important atmospheric pollutants. Sulfur trioxide is the anhy- 
dride of sulfuric acid, the most important sulfur compound and the 
most-produced industrial chemical. Sulfuric acid is a strong acid and 
a good dehydrating agent. Sulfur forms several oxyanions as well, 
including the SO (sulfite), SO.2~ (sulfate), and S2037 (thiosul- 
fate) ions. Sulfur is found combined with many metals as a sulfide, 
in which sulfur is in the —2 oxidation state. These compounds often 
react with acids to form hydrogen sulfide (H2S), which smells like 
rotten eggs. 


NITROGEN AND THE OTHER GROUP 15 ELEMENTS (SECTIONS 22.7 
AND 22.8) Nitrogen is found in the atmosphere as N; molecules. 
Molecular nitrogen is chemically very stable because of the strong 
N=N bond. Molecular nitrogen can be converted into ammonia via 
the Haber process. Once the ammonia is made, it can be converted 
into a variety of different compounds that exhibit nitrogen oxida- 
tion states ranging from —3 to +5. The most important industrial 
conversion of ammonia is the Ostwald process, in which ammonia is 
oxidized to nitric acid (HNO3). 

Nitrogen has three important oxides: nitrous oxide (N20), ni- 
tric oxide (NO), and nitrogen dioxide (NO 2). Nitrous acid (HNO,) is 
a weak acid; its conjugate base is the nitrite ion (NO; ). Another im- 
portant nitrogen compound is hydrazine (N2H,). 

Phosphorus is the most important of the remaining Group 15 
elements. It occurs in nature as phosphate minerals. Phosphorus has 
several allotropes, including white phosphorus, which consists of P4 
tetrahedra. In reaction with the halogens, phosphorus forms triha- 
lides PX, and pentahalides PX;. These compounds undergo hydroly- 
sis to produce an oxyacid of phosphorus and HX. 

Phosphorus forms two oxides, P4O6 and PyO;9. Their corre- 
sponding acids, phosphorous acid and phosphoric acid, undergo 
condensation reactions when heated. Phosphorus compounds are 
important in biochemistry and as fertilizers. 


CARBON AND THE OTHER GROUP 14 ELEMENTS (SECTIONS 22.9 
AND 22.10) The allotropes of carbon include diamond, graphite, 
fullerenes, carbon nanotubes, and graphene. Amorphous forms of 
graphite include charcoal and carbon black. Carbon forms two com- 
mon oxides, CO and CO 3. Aqueous solutions of CO, produce the 
weak diprotic acid carbonic acid (HzCO3), which is the parent acid 
of hydrogen carbonate and carbonate salts. Binary compounds of 
carbon are called carbides. Carbides may be ionic, interstitial, or co- 
valent. Calcium carbide (CaC2) contains the strongly basic acetylide 
ion (C,?~ ), which reacts with water to form acetylene. 

The other Group 14 elements show great diversity in physical 
and chemical properties. Silicon, the second most abundant ele- 
ment, is a semiconductor. It reacts with Cl, to form SiCly, a liquid at 
room temperature, a reaction that is used to help purify silicon from 
its native minerals. Silicon forms strong Si— O bonds and therefore 
occurs in a variety of silicate minerals. Silica is SiO3; silicates consist 
of SiO, tetrahedra, linked together at their vertices to form chains, 
sheets, or three-dimensional structures. The most common three- 
dimensional silicate is quartz (SiO2). Glass is an amorphous (non- 
crystalline) form of SiO}. Silicones contain O—Si—O chains with 
organic groups bonded to the Si atoms. Like silicon, germanium is a 
metalloid; tin and lead are metallic. 


BORON (SECTION 22.11) Boron is the only Group 13 element 
that is a nonmetal. It forms a variety of compounds with hydrogen 
called boron hydrides, or boranes. Diborane (B2H6) has an unusual 
structure with two hydrogen atoms that bridge between the two 
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boron atoms. Boranes react with oxygen to form boric oxide (B203), 
in which boron is in the +3 oxidation state. Boric oxide is the anhy- 
dride of boric acid (H3BO3). Boric acid readily undergoes condensa- 
tion reactions. 


——_—— 
Learning Outcomes after studying this chapter, you should be able to: 


e Use periodic trends to explain the basic differences between the 
elements of a group or period. (Section 22.1) 
Related Exercises: 22.57, 22.58, 22.59 


e Explain two ways in which the first element in a group differs 
from subsequent elements in the group. (Section 22.1) 
Related Exercises: 22.46, 22.58 


e Be able to determine electron configurations, oxidation num- 
bers, and molecular shapes of elements and compounds. 
(Sections 22.2-22.11) Related Exercises: 22.48, 22.67, 22.77 


e Complete and balance chemical equations for common reac- 
tions of the nonmetals. (Sections 22.1-22.11) 
Related Exercises: 22.20, 22.63, 22.84 


e Understand how phosphoric and phosphorous acids undergo 
condensation reactions. (Section 22.8) Related Exercise: 22.98 


e Explain how the bonding and structures of silicates relate to 
their chemical formulas and properties. (Section 22.10) 
Related Exercises: 22.87, 22.89, 22.102 


Exercises 


Visualizing Concepts 


22.46 Which statement identifies which of these two compounds 
is more stable and explains why? [Section 22.1] 


H H 
C=C 
H H 
H H 
Si=Si 
N 
H H 


(a) The carbon compound because C is less electronegative 
than Si 


(b) The silicon compound because Si forms stronger sigma 
bonds than C 

(c) The carbon compound because C forms stronger multi- 
ple bonds than Si 


(d) The silicon compound because Si forms stronger pi 
bonds than C 


22.47 (a) Identify the type of chemical reaction represented by 
the following diagram. (b) Place appropriate charges on 
the species on both sides of the equation. (c) Write the 
chemical equation for the reaction. [Section 22.1] 


Y- O- 


22.48 Which of the following species (there may be more than 
one) is/are likely to have the structure shown here: (a) XeF4, 
(b) BrF 4", (c) SiFy, (d) TeCly, (e) HC10,? (The colors do not 
reflect atom identities.) [Sections 22.3, 22.4, 22.6, and 22.10] 


22.49 You have two glass bottles, one containing oxygen and one 
filled with nitrogen. How could you determine which one 
is which? [Sections 22.5 and 22.7] 


22.50 Write the molecular formula and Lewis structure for each 
of the following oxides of nitrogen: [Section 22.7] 
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22.51 


22.52 


22.53 
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Which property of the Group 16 elements might be the one 
depicted in the graph shown here: (a) electronegativity, 
(b) first ionization energy, (c) density, (d) X — X single-bond 
enthalpy, (e) electron affinity? [Sections 22.5 and 22.6] 


Identify the true statements concerning the atoms and 
ions of the Group 16 elements. [Sections 22.5 and 22.6] 


Atomic 
radius 
(A) 


0.66 


1.84 


1.20 1.98 


(a) The ionic radii are larger than the atomic radii because 
the ions have more electrons than their corresponding 
atoms. 


(b) Atomic radii increase going down the group because of 
increasing nuclear charge. 


(c) The ionic radii increase going down the group because 
of the increase in the principal quantum number of 
outermost electrons. 


(d) Of these ions, Se?” is the strongest base in water be- 
cause it is largest. 


Which property of the third-row nonmetallic elements 
might be the one depicted here: (a) first ionization energy, 
(b) atomic radius, (c) electronegativity, (d) melting point, 
(e) X—X single-bond enthalpy? [Sections 22.3, 22.4, 22.6, 
22.8, and 22.10] 


Si 


22.54 


22.55 


Which of the following compounds would you expect to be 
the most generally reactive, and why? (Each corner in these 
structures represents a CH, group.) [Section 22.8] 


bo Jt & 


(a) Draw the Lewis structures for at least four species that 
have the general formula 


bay] 


where X and Y may be the same or different, and n may 
have a value from +1 to —2. (b) Which of the compounds 
is likely to be the strongest Bronsted base? Explain. [Sec- 
tions 22.1, 22.7, and 22.9] 


Periodic Trends and Chemical Reactions 
(Section 22.1) 


22.56 


22.57 


22.58 


22.59 


Identify each of the following elements as a metal, 
nonmetal, or metalloid: (a) boron, (b) barium, 
(c) argon, (d) caesium, (e) yttrium, (f) astatine. 


Consider the elements N, F, Si, Rb, Te, and Ir. From this list, 
select the element that (a) is most electronegative, (b) exhib- 
its a maximum oxidation state of +6, (c) loses an electron 
most readily, (d) forms 7 bonds most readily, (e) is a transi- 
tion metal, (f) forms four covalent bonds to achieve octet. 


Which of the following statements are true? 


(a) Both nitrogen and phosphorus can form a pentafluo- 
ride compound. 


(b) Although CO is a well-known compound, SiO does not 
exist under ordinary conditions. 


(c) Cl, is easier to oxidize than I. 


(d) At room temperature, the stable form of oxygen is Op, 
whereas that of sulfur is Sg. 


Complete and balance the following equations: 
(a) NaOCH;(s) + H,O(1) —> 

(b) CuO(s) + HNO3(aq) —> 

(©) WOs(s) + Ha(g) > 

(d) NH,OH(/) + O2(g) —> 

(e) AlyC3(s) + H20(1) —> 


Hydrogen, the Noble Gases, and the Halogens 
(Sections 22.2, 22.3, and 22.4) 


22.60 


22.61 


22.62 


The physical properties of D,O differ from those of HO 
because 


(a) Dhasa different electron configuration than O. 
(b) Dis radioactive. 

(c) D forms stronger bonds with O than H does. 
(d) Dis much more massive than H. 


Give a reason why hydrogen might be placed along with 
the Group 1 elements of the periodic table. 


Complete and balance the following equations: 
(a) NaH(s) + H,O(1) —> 

(b) Fe(s) + H2SO,4(aq) —> 

(c) H2(5) + Bra(g) —> 


22.63 


22.64 


22.65 


22.66 


22.67 


22.68 


(d) Na(/) + H(g) —> 

(e) PbO(s) + H2(g) —> 

Identify the following hydrides as ionic, metallic, or molec- 
ular: (a) H3S, (b) LiH, (c) VHo 56. 

Describe two characteristics of hydrogen that are favorable 
for its use as a general energy source in vehicles. 


Why does xenon form stable compounds with fluorine, 
whereas argon does not? 


Write the chemical formula for each of the following, and 
indicate the oxidation state of the halogen or noble-gas 
atom in each: (a) xenon trioxide difluoride, (b) chlorine 
dioxide, (c) molybdenum hexafluoride, (d) iodic acid, 
(e) sodium hypobromite, (f) magnesium iodite. 


Name the following compounds and assign oxidation 
states to the halogens in them: (a) Co(103)3, (b) Ca(1O4)2, 
(c) PF¢ , (d) ICI, (e) HBrO, (f) AtH. 

Explain each of the following observations: (a) At room 
temperature I; is a solid, Br; is a liquid, and Cl, and F; are 
both gases. (b) F, cannot be prepared by electrolytic oxida- 
tion of aqueous F~ solutions. (c) The boiling point of HF 
is much higher than those of the other hydrogen halides. 
(d) The halogens decrease in oxidizing power in the order 
F > Cl, > Br > Ip. 


Oxygen and the Other Group 16 Elements 
(Sections 22.5 and 22.6) 


22.69 


22.70 


22.71 


22.72 


22.73 


22.74 


Write balanced equations for each of the following reac- 
tions. (a) When mercury(I) oxide is heated, it decomposes 
to form O; and mercury metal. (b) When copper(II) nitrate 
is heated strongly, it decomposes to form copper(II) oxide, 
nitrogen dioxide, and oxygen. (c) Lead(II) sulfide, PbS(s), 
reacts with ozone to form PbSO,(s) and O2(g). (d) When 
heated in air, ZnS(s) is converted to ZnO. (e) Potassium 
peroxide reacts with CO2(g) to give potassium carbon- 
ate and O3. (£) Oxygen is converted to ozone in the upper 
atmosphere. 


Predict whether each of the following oxides is acidic, basic, 
amphoteric, or neutral: (a) SO3, (b) LizO, (c) SnO, (d) ZnO. 


Write the chemical formula for each of the following com- 
pounds, and indicate the oxidation state of the Group 16 
elements in each: (a) potassium peroxide, (b) potassium 
thiosulfate, (c) selenium oxychloride, (d) sodium telluride, 
(e) magnesium sulfite, (f) selenium hexafluoride. 


In aqueous solution, hydrogen sulfide reduces (a) Fe?* to 
Fe?*, (b) Br, to Br”, (c) MnOz to Mn?*, (d) HNO; to NO3. 
In all cases, under appropriate conditions, the product is 
elemental sulfur. Write a balanced net ionic equation for 
each reaction. 


Write the Lewis structure for each of the following species, 
and indicate the structure of each: (a) SeOCl,; (b) CS; 
(c) Telluric acid, HyTeO, (hydrogen is bonded to oxygen). 


Write a balanced equation for each of the following reac- 
tions: (a) Sulfur dioxide reacts with water. (b) Solid zinc 
sulfide reacts with hydrochloric acid. (c) Elemental sulfur 
reacts with sulfite ion to form thiosulfate. (d) Sulfur triox- 
ide is dissolved in sulfuric acid. 


Nitrogen and the Other Group 15 Elements 
(Sections 22.7 and 22.8) 


22.75 


Write the chemical formula for each of the following com- 
pounds, and indicate the oxidation state of nitrogen in 
each: (a) sodium azide, (b) ammonium ion, (c) nitrous 


22.76 


22.77 


22.78 


22.79 


22.80 


22.81 
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acid, (d) magnesium nitride, (e) diazene, (f) sodium nitrate, 
(g) nitrogen trifluoride, (h) nitric acid. 


Write the Lewis structure for each of the following species, 
describe its geometry, and indicate the oxidation state of 
the nitrogen: (a) HNO,, (b) N37, (c) NoH;*, (d) NO3 . 
Complete and balance the following equations: 

(a) Mg3No(s) + H20(1) —> 

(b) NO(g) + O2(g) —> 

(c) N2Os(g) + H20(1) —> 

(d) NH;(aq) + H*(aq) —> 

(© NoH,(I) + O2(g) —> 

Which ones of these are redox reactions? 


Write complete balanced half-reactions for (a) oxidation of 
nitrous acid to nitrate ion in acidic solution, (b) oxidation 
of Nz to N20 in acidic solution. 


Write a molecular formula for each compound, and indicate 
the oxidation state of the Group 15 element in each formula: 
(a) hexafluoroantimonate(V) ion, (b) calcium phosphate, 
(c) potassium dihydrogen phosphate, (d) arsenic trioxide, 
(e) tetraphosphorus hexaoxide, (f) arsenic trifluoride. 


Account for the following observations: (a) Phosphorus 
forms a pentachloride, but nitrogen does not. (b) HPO; is 
a monoprotic acid. (c) Phosphonium salts, such as PH,Cl, 
can be formed under anhydrous conditions, but they can- 
not be made in aqueous solution. (d) White phosphorus is 
more reactive than red phosphorus. 


Write a balanced equation for each of the following reac- 
tions: (a) preparation of white phosphorus from calcium 
phosphate, (b) hydrolysis of PBr3, (c) reduction of PBr3 to 
P, in the gas phase, using Hp. 


Carbon, the Other Group 14 Elements, and Boron 
(Sections 22.9, 22.10, and 22.11) 


22.82 


22.83 


22.84 


22.85 


22.86 


22.87 


Give the chemical formula for (a) copper(II) carbonate, 
(b) carbon monoxide, (c) magnesium hydrogen carbonate, 
(d) lithium acetylide, (e) carbon tetrafluoride. 


Complete and balance the following equations: 


(a) ZnCO;(s) —> 
(b) BaC2(s) F H20(1) — 

(©) C2H2(8) + O2(g) —> 

(d) CS2(g) + O2(3) —> 

(e) Ca(CN)2(s) + HBr(aq) —> 

Write a balanced equation for each of the following reac- 
tions: (a) Hydrogen cyanide is formed commercially by 
passing a mixture of methane, ammonia, and air over a 
catalyst at 800°C. Water is a by-product of the reaction. 
(b) Baking soda reacts with acids to produce carbon diox- 


ide gas. (c) When barium carbonate reacts in air with sulfur 
dioxide, barium sulfate and carbon dioxide form. 


Select the member of Group 14 that best fits each descrip- 
tion: (a) has the highest electronegativity, (b) a metalloid 
which is commonly used in computer chips, (c) is used for 
shielding for radiation. 


(a) What is the characteristic geometry about silicon in 
all silicate minerals? (b) Metasilicic acid has the empirical 
formula H,SiO3. Which of the structures shown in Figure 
22.32 would you expect metasilicic acid to have? 


(a) Determine the number of calcium ions in the chem- 
ical formula of the mineral hardystonite, Ca,Zn(Si,O7). 


1100 
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(b) Determine the number of hydroxide ions in the chemi- 
cal formula of the mineral pyrophyllite, Alp(Siz0s5)2(OH),. 


Write the formulas for the following compounds, and indi- 
cate the oxidation state of the Group 14 element or of boron 
in each: (a) silane, (b) germanium dichloride, (c) tin(II) 
sulfide, (d) sodium borohydride, (e) lead(IV) nitrate, (f) tin 
dioxide. 


22.89 


(a) How does the structure of diborane (BzH,) differ from 
that of ethane (C2H6)? (b) Explain why diborane adopts 
the geometry that it does. (c) What is the significance of 
the statement that the hydrogen atoms in diborane are 
described as “hydridic”? 


Additional Exercises 


22.90 


22.91 


22.92 


22.93 


22.94 


22.95 


Indicate whether each of the following statements is true 
or false (a) H2(g) and D2(g) are allotropic forms of hydro- 
gen. (b) CIF; is an interhalogen compound. (c) MgO(s) is 
an acidic anhydride. (d) SO,(g) is an acidic anhydride. 
(e) 2 H3PO,(1) > HyP207(/) + H,O(g) is an example of 
a condensation reaction. (f) Tritium is an isotope of the 
element hydrogen. (g) 2SO2(g) + O2(g) = 2803(g) is an 
example of a disproportionation reaction. 


Although the ClO; and IO}; ions have been known for a 
long time, BrO% was not synthesized until 1965. The ion was 
synthesized by oxidizing the bromate ion with xenon diflu- 
oride, producing xenon, hydrofluoric acid, and the perbro- 
mate ion. (a) Write the balanced equation for this reaction. 
(b) What are the oxidation states of Br in the Br-containing 
species in this reaction? 


Write a balanced equation for the reaction of each of the 
following compounds with water: (a) PCl;(s), (b) CO2(g), 
(© K202(s), (d) Mg3P2(s), (e) LiAlHy(s), (Œ ChO(s), 
(8) NO2(8). 

What is the anhydride for each of the following acids: 
(a) H250,, (b) HC1O3, (c) HNO,, (d) HzCO3, (e) H3PO4? 
Hydrogen peroxide is capable of oxidizing (a) hydrazine to 
N; and H,0, (b) SO; to SO”, (c) NOz to NO3 , (d) H2S(g) 
to S(s), (e) Fe?* to Fe?*. Write a balanced net ionic equation 
for each of these redox reactions. 


A sulfuric acid plant produces a considerable amount of 
heat. This heat is used to generate electricity, which helps 
reduce operating costs. The synthesis of H2SO, consists of 
three main chemical processes: (a) oxidation of S to SOz, 
(b) oxidation of SO, to SO}, (c) the dissolving of SO; in 
H,SO, and the subsequent reaction with water to form 
H2SO,4. If the third process produces 130kJ/mol, how 
much heat is produced in preparing a mole of H,SO, from 


22.96 


22.97 


22.98 


22.99 


22.100 


22.101 


a mole of S? How much heat is produced in preparing 
2000 kg of H,SO,4? 


(a) What is the oxidation state of Pin PF and of N in NF;? 
(b) Why doesn’t N form NF, ion analogous to P? 


(a) The P4, P4O6 and PyO;9 molecules have a common struc- 
tural feature of four P atoms arranged in a tetrahedron 
(Figures 22.27 and 22.28). Does this mean that the bonding 
between the P atoms is the same in all these cases? Explain. 
(b) Sodium trimetaphosphate (Na3P30 9) and sodium 
tetrametaphosphate (Na4P4012) are used as water-softening 
agents. They contain cyclic P0O7 and P40,247 ions, 
respectively. Propose reasonable structures for these ions. 


Write a balanced chemical reaction for the condensation 
reaction between H3PO, molecules to form H6P4013. 


Ultrapure germanium, like silicon, is used in semiconduc- 
tors. Germanium of “ordinary” purity is prepared by the 
high-temperature reduction of GeO, with carbon. The Ge is 
converted to GeCl, by treatment with Cl, and then purified 
by distillation; GeCl, is then hydrolyzed in water to GeO, 
and reduced to the elemental form with H,. The element 
is then zone refined. Write a balanced chemical equation 
for each of the chemical transformations in the course of 
forming ultrapure Ge from GeO}. 


When aluminum replaces up to half of the silicon atoms 
in SiO, a mineral class called feldspars result. The feldspars 
are the most abundant rock-forming minerals, comprising 
about 50% of the minerals in Earth’s crust. Orthoclase is a 
feldspar in which Al replaces one-fourth of the Si atoms of 
SiO, and charge balance is completed by K* ions. Deter- 
mine the chemical formula for orthoclase. 


(a) Determine the charge of the silicate ion whose com- 
position is Si,O,,. (b) Using Figure 22.32, propose a rea- 
sonable description of the structure of this silicate. 


a a a a iia 


Integrative Exercises 


22.102 


22.103 


22.104 


(a) How many grams of H; can be stored in 100.0 kg of the 
alloy FeTi if the hydride FeTiH, is formed? (b) What volume 
does this quantity of H, occupy at STP? (c) If this quantity 
of hydrogen was combusted in air to produce liquid water, 
how much energy could be produced? 


Using the thermochemical data in Table 22.1 and Appen- 
dix C, calculate the average Xe—F bond enthalpies in 
XeF,, XeFy, and XeF., respectively. What is the significance 
of the trend in these quantities? 


Hydrogen gas has a higher fuel value than natural gas on 
a mass basis but not on a volume basis. Thus, hydrogen is 
not competitive with natural gas as a fuel transported long 
distances through pipelines. Calculate the heats of com- 
bustion of H; and CH, (the principal component of natural 
gas) (a) per mole of each, (b) per gram of each, (c) per cubic 
meter of each at STP. Assume H2O(/) as a product. 


22.105 


22.106 


22.107 


Using AG? for NO and NO, from Appendix C, calculate 
the equilibrium constant for the oxidation of NO to NO, at 
298.0 Kas described in equation 22.38. 


The solubility of Cl, in 100 g of water at STP is 310 cm’. 
Assume that this quantity of Cl, is dissolved and equili- 
brated as follows: 


Cl(aq) + HO == Cl (aq) + HClO(aq) + H*(aq) 


(a) If the equilibrium constant for this reaction is 
4.7 x 10-4, calculate the equilibrium concentration of 
HClO formed. (b) What is the pH of the final solution? 


When ammonium perchlorate decomposes thermally, 
the products of the reaction are No(g), O2(g), H2O(g), and 
HCl(g). (a) Write a balanced equation for the reaction. (Hint: 
You might find it easier to use fractional coefficients for the 
products.) (b) Calculate the enthalpy change in the reac- 
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tion per mole of NH,ClO,. The standard enthalpy of for- 22.111 Thestandard heats of formation of H,O(g), H2S(g), H2Se(g), 
mation of NH4C1O4(s) is —295.8 kJ. (c) When NH,C10,(s) and H2Te(g) are —241.8, —20.17, +29.7, and +99.6 kJ/mol, 
is employed in solid-fuel booster rockets, it is packed with respectively. The enthalpies necessary to convert the ele- 
powdered aluminum. Given the high temperature needed ments in their standard states to one mole of gaseous atoms 
for NH,ClO,(s) decomposition and what the products of are 248, 277, 227, and 197kJ/mol of atoms for O, S, Se, 
the reaction are, what role does the aluminum play? (d) Cal- and Te, respectively. The enthalpy for dissociation of H3 
culate the volume of all the gases that would be produced is 436 kJ/mol. Calculate the average H— O, H— S, H— Se, 
at STP, assuming complete reaction of one pound of ammo- and H—Te bond enthalpies, and comment on their trend. 
nium perchlorate. 22.112 Manganese silicide has the empirical formula MnSi and 
22.108 The dissolved oxygen present in any highly pressurized, melts at 1280°C. It is insoluble in water but does dissolve 
high-temperature steam boiler can be extremely corrosive in aqueous HE (a) What type of compound do you expect 
to its metal parts. Hydrazine, which is completely miscible MnSi to be: metallic, molecular, covalent-network, or 
with water, can be added to remove oxygen by reacting with ionic? (b) Write a likely balanced chemical equation for the 
it to form nitrogen and water. (a) Write the balanced equa- reaction of MnSi with concentrated aqueous HF. 
tion for the reaction between gaseous hydrazine and oxygen. 22.113 Nitric acid is a powerful oxidizing agent. Using standard 
(b) Calculate the enthalpy change accompanying this reac- reduction potentials, predict whether the following metals 
tion. (c) Oxygen in air dissolves in water to the extent of can be oxidized to +2 ions by nitric acid: (a) iron, (b) cop- 
9.1 ppm at 20°C at sea level. How many grams of hydra- per, (c) rhodium, (d) zinc, (e) lead, (£) tin. 
zine are required to react with all the oxygen in 3.0 x 10*L . . 
(the volume of a small swimming pool) under these condi- 22.114 Both dimethylhydrazine, (CH3)2NNH2, and methylhydra- 
tions? zine, CHNHNH,, have been used as rocket fuels. When 
dinitrogen tetroxide (N2O4) is used as the oxidizer, the 
22.109 One method proposed for removing SO, from the flue gases products are HO, COs, and N3. If the thrust of the rocket 
of power plants involves scrubbing with an alkali solid such depends on the volume of the products produced, which 
as calcium carbonate to form calcium sulfite and carbon of the substituted hydrazines produces a greater thrust per 
dioxide gas. (a) Write a balanced chemical equation for gram total mass of oxidizer plus fuel? (Assume that both 
the reaction. (b) What mass of CaCO3 would be required fuels generate the same temperature and that H,O(g) is 
to remove the SO; formed by burning 1000 kg of coal con- formed.) 
taining 8.0% S by mass? (c) What volume of CO, is formed , i 
22.115 Borazine, (BH);(NH);, is an analog of C6He, benzene. It can 


under standard temperature and pressure? Assume that all 
reactions are 100% efficient. 


22.110 The maximum allowable concentration of H2S(g) in air is 
20 mg per kilogram of air (20 ppm by mass). How many 
grams of FeS would be required to react with hydrochloric 
acid to produce this concentration at 101.3 kPa and 25 °C 
in an average room measuring 3.5m X 6.0m X 2.5 m? 
(Under these conditions, the average molar mass of air is 
29.0 g/mol.) 


be prepared from the reaction of diborane with ammonia, 
with hydrogen as another product; or from lithium boro- 
hydride and ammonium chloride, with lithium chloride 
and hydrogen as the other products. (a) Write balanced 
chemical equations for the production of borazine using 
both synthetic methods. (b) Draw the Lewis dot structure 
of borazine. (c) How many grams of borazine can be pre- 
pared from 2.00 L of ammonia at STP, assuming diborane is 
in excess? 


Designing an Experiment 


You are given samples of five substances. At room temperature, 
three are colorless gases, one is a colorless liquid, and one is a white 
solid. You are told that the substances are NF3, PF3, PCl, PFs, and 
PCl;. Let’s design experiments to determine which substance is 
which, using concepts from this and earlier chapters. 


(a) Assuming that you don’t have access to either the Internet or to 
a handbook of chemistry (as is the case during your exams!), design 


experiments that would allow you to identify the substances. 
(b) How might you proceed differently if you had access to data 
from the Internet? (c) Which of the substances could undergo re- 
action to add more atoms around the central atom? What types 
of reactions might you choose to test this hypothesis? (d) Based 
on what you know about intermolecular forces, which of the sub- 
stances is likely the solid? 
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23.1 | The Transition Metals 


Humans, like all vertebrates, have red blood. The red color is due 
to an iron-containing protein called hemoglobin found in red 
blood cells. Hemoglobin is responsible for binding oxygen in 
the lungs and transporting it to cells throughout the body. 

However, not all animals have red blood. Some marine ani- 
mals, including octopuses, squids, and lobsters, have blue blood 
because they rely on a copper-containing protein called hemocy- 
anine for transporting oxygen. In the deoxygenated state, hemo- 
cyanine contains two Cu* ions separated from each other by over 
400 pm, a distance too long to form a bond. When an oxygen 
molecule encounters this site in the protein, an electron transfer 
reaction takes place in which the O, molecule is reduced to the 
peroxide ion, O,”", while both copper ions are oxidized to Cu”, 
as shown in Figure 23.1. The presence of Cu” ions in oxygenated 
hemocyanine is responsible for the blue color of the blood. 

Among the blue bloods of the animal kingdom, the blood 
of the horseshoe crab (as shown in the image at the beginning 
of this section) is the most valuable. That’s because the primi- 
tive immune system of the horseshoe crab contains a substance 
called limulus amoebocyte lysate (LAL), which protects the crabs 
from infection by binding to potentially harmful viruses and 
bacterial endotoxins. It was discovered in the early 1960s that 
LAL could be used to detect trace amounts of toxic substances in 
drugs and medical devices. 

The importance of transition metals such as iron and cop- 
per is not limited to biology and medicine. Transition metals 
and their alloys are used as structural materials as well as in 
numerous other applications such as coins and jewelry and as 
electronic conductors in wires and electronic devices. The pres- 
ence of partially filled d-orbitals allows transition-metal com- 
pounds to act as catalysts, magnets, and pigments. 

In earlier chapters, we saw that metal ions can function as 
Lewis acids, forming covalent bonds with molecules and ions 
that act as Lewis bases. (Section 16.8) We have encountered 
many ions and compounds that result from such interactions, 
such as [Ag(NH,),]* in Section 17.5 and hemoglobin in Section 
13.6. In this chapter, we focus on the rich and important chem- 
istry associated with such complex assemblies of metal ions sur- 
rounded by molecules and ions. Metal compounds of this kind 
are called coordination compounds, and the branch of chemistry 
that focuses on them is called coordination chemistry. We start by 
reviewing the general physical properties of the transition met- 
als. By the end of this section, you should be able to 


e Understand the physical properties of transition metals 
including metallic radius and magnetic properties. 


The part of the periodic table in which the d orbitals are being 
filled as we move left to right across a row is the home of the 
transition metals (Figure 23.2). 

With some exceptions (e.g., platinum, gold), metallic ele- 
ments are found in nature as solid inorganic compounds called 
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A Figure 23.1 Hemocyanine binds oxygen. The Cu* ions are each 
bound by three nitrogen atoms from the hemocyanine protein in the 
deoxygenated state (left). As the O> molecule binds between the Cu* 
ions, it is reduced to 02" while the Cu* ions are oxidized to Cu2* ions. 


3 4 8 6 7 8 9 10 11 12 


Dil 2A 23 24 25 26 27 28 29 30 
Sc Ti vV Cr | Mn | Fe | Co | Ni | Cu | Zn 


39 | 40 | 41 42 | 43 | 44 | 45 | 46 | 47 | 48 
Y | Zr | Nb | Mo | Tc | Ru | Rh | Pd | Ag | Cd 


ZL || 72 || 7 | A l l 7 | % e | So 
Lu | Hf | Ta | W | Re | Os | Ir Pt | Au | Hg 


A Figure 23.2 The position of the transition metals in the periodic table. 
They are Groups 3-12 in Periods 4, 5, and 6. The short-lived, radioactive 
transition metals from Period 7 are not shown. 


minerals. Notice from Table 23.1 that minerals are identified by common names rather 


than chemical names. 


Most transition metals in minerals have oxidation states ranging from +1 to +4. To 
obtain a pure metal from its mineral, various chemical processes must be performed to 
reduce the metal to its elemental form. Metallurgy is the science and technology of 
extracting metals from their natural sources and preparing them for practical use. It usually 
involves several steps: (1) mining, that is, removing the relevant ore (a mixture of minerals) 
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TABLE 23.1 Principal Mineral Sources of Some 
Transition Metals 


Metal Mineral Mineral Composition 
Chromium Chromite FeCr,04 
Cobalt Cobaltite CoAsS 
Copper Chalcocite CuS 
Chalcopyrite CuFeS, 
Malachite CuzCO3(OH)2 
Iron Hematite Fe,03 
Magnetite Fe304 
Manganese Pyrolusite MnO, 
Mercury Cinnabar Hgs 
Molybdenum Molybdenite MoS, 
Titanium Rutile TiO, 
Ilmenite FeTiO3 
Zinc Sphalerite ZnS 


from the ground, (2) concentrating the ore or otherwise preparing it for further treat- 
ment, (3) reducing the ore to obtain the free metal, (4) purifying the metal, and (5) mix- 
ing it with other elements to modify its properties. This last process produces an alloy, a 
metallic material composed of two or more elements. 


Physical Properties 


Some physical properties of the Period 4 (also known as “first-row”) transition metals are 
listed in Table 23.2. The properties of the heavier transition metals vary similarly across 
Periods 5 and 6. 

Figure 23.3 shows the atomic radius observed in close-packed metallic structures as 
a function of group number.* The trends seen in the graph are a result of two competing 
forces. On the one hand, increasing effective nuclear charge favors a decrease in radius as 
we move left to right across each period. On the other hand, the metallic bonding strength 
increases until we reach the middle of each period and then decreases as we fill antibonding 
orbitals. As a general rule, a bond shortens as it becomes stronger. For Groups 3 through 6, 
these two effects work cooperatively and the result is a marked decrease in radius. In ele- 
ments to the right of Group 6, the two effects counteract each other, reducing the decrease 
and eventually leading to an increase in radius. 


TABLE 23.2 Properties of the Period 4 Transition Metals 
Group 3 4 5 6 7 8 9 10 11 12 
Ground-state electron configuration 3414s” 3d?’4s? 3d’4s? 3d°4s1 = 3d54s* = 33d®4s”— 3d’4s? 3dř4s? 3dV4s! 31945? 


First ionization energy (kJ/mol) 631 658 650 653 717 759 758 737 745 906 
Metallic radius (pm) 164 147 135 129 137 126 WS 125 128 137 
Density (g/cm?) 3.0 4.5 6.1 7.9 7.2 7.9 8.7 8.9 8.9 7.1 

Melting point (°C) 1541 1660 1917 1857 1244 1537 1494 1455 1084 420 
Crystal structure* hep hep bec bec A bec hep fcc fcc hcp 


*Abbreviations for crystal structures are hcp = hexagonal close packed, fcc = face-centered cubic, bcc = body-centered cubic. 


**Manganese has a more complex crystal structure. 


*Note that the radii defined in this way, often referred to as metallic radii, differ somewhat from the 
bonding atomic radii defined in Section 7.3. 


In general, atomic radii increase as we move down in a given 
group in the periodic table because of the increasing principal 
quantum number of the outer-shell electrons. However, Figure 23.2 
shows that once we move beyond the Group 3 elements, the 
Period 5 and Period 6 transition elements in a given group have 
virtually the same radii. In Group 5, for example, tantalum in 
Period 6 has virtually the same radius as niobium in Period 5. 
This interesting and important effect has its origin in the lan- 
thanide series, elements 57 through 70. The filling of 4f orbitals 
through the lanthanide elements causes a steady increase in the 
effective nuclear charge, producing a size decrease, called the lan- 
thanide contraction, that just offsets the increase we expect 
as we go from Period 5 transition metals to Period 6. Thus, the 
Period 5 and Period 6 transition metals in each group have very 
similar radii and chemical properties. For example, the Group 4 
metals zirconium (Period 5) and hafnium (Period 6) always occur 
together in nature and are very difficult to separate. 


Electron Configurations and Oxidation 
States 


Transition metals owe their location in the periodic table to 
the filling of the d subshells, as you saw in Figure 6.28. Many of 
the chemical and physical properties of transition metals result 
from the unique characteristics of the d orbitals. For a given 
transition-metal atom, the valence (n — 1)d orbitals are smaller 
than the corresponding valence ns and np orbitals. In quantum 
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W Go Figure 


Does the variation in radius of the transition metals follow the 
same trend as the effective nuclear charge on moving from 
left to right across the periodic table? 

190 


—=— Period 4 (Sc—Zn) 
180 —e— Period 5 (Y—Cd) 
—4— Period 6 (Lu—Hg) 
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A Figure 23.3 Radii of transition metals as a function of group number. 


mechanical terms, the (n — 1)d orbital wave functions drop off more rapidly as we move 
away from the nucleus than do the ns and np orbital wave functions. This characteristic 
feature of the d orbitals limits their interaction with orbitals on neighboring atoms, but 
not so much that they are insensitive to surrounding atoms. As a result, electrons in these 


orbitals behave sometimes like valence electrons and sometimes like core electrons. The 


details depend on location in the periodic table and the atom’s environment. 

When transition metals are oxidized, they lose their outer s electrons before they lose 
electrons from the d subshell. The electron configuration of Fe is [Ar]3d°4s?, for example, 
whereas that of Fe?* is [Ar]3d°. Formation of Fe** requires loss of one 3d electron, giv- 
ing [ Ar]3d°. Most transition-metal ions contain partially occupied d subshells, which are 


responsible in large part for three characteristics: 


1. Transition metals often have more than one stable oxidation state. 


2. Many transition-metal compounds are colored, as shown in Figure 23.4. 


3. Transition metals and their compounds often exhibit magnetic properties. 


Figure 23.5 shows the common nonzero oxidation states for the Period 4 transition 
metals. The +2 oxidation state, which is common for most transition metals, is due to 
the loss of the two outer 4s electrons. This oxidation state is found for all these elements 
except Sc, where the 3+ ion with an [Ar] configuration is particularly stable. 

Oxidation states above +2 are due to successive losses of 3d electrons. From Sc 
through Mn the maximum oxidation state increases from +3 to +7, equaling in each 


case the total number of 4s plus 3d electrons in the atom. Thus, manganese has a maxi- 
mum oxidation state of 2 + 5 = +7. As we move to the right beyond Mn in Figure 23.5, 
the maximum oxidation state decreases. This decrease is due to the attraction of d orbital 
electrons to the nucleus, which increases faster than the attraction of the s orbital elec- 
trons to the nucleus as we move left to right across the periodic table. In other words, in 


each period the d electrons become more corelike as the atomic number increases. By the 


time we get to zinc, it is not possible to remove electrons from the 3d orbitals through 


chemical oxidation. 
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YW. TRAE In which transition-metal ion of this group are the 3d orbitals 
completely filled? 


A Figure 23.4 Aqueous solutions of transition metal ions. Left to right: Co**, Ni2*, Cu2*, and 
Zn**. The counterion is nitrate in all cases. 


In the transition metals of Periods 5 and 6, the increased size of the 
4d and 5d orbitals makes it possible to attain maximum oxidation states 
as high as +8, which is achieved in RuO, and OsQ,. In general, the maxi- 


W Go Figure 


Are there any ions in this figure for which the 4s 


orbitals are not empty? For which ions are the 3d mum oxidation states are found only when the metals are combined with 
orbitals empty? the most electronegative elements, especially O, F, and in some cases Cl. 
© Most frequently seen , 
@ Less common Magnetism 
3 4 5 6 7 8 9 10 11 12 The spin that an electron possesses gives the electron a magnetic moment, 
a property that causes the electron to behave like a tiny magnet. In a dia- 
+8 magnetic solid, defined as one in which all the electrons in the solid are 
paired, the spin-up and spin-down electrons cancel one another. Dia- 
+o magnetic substances are generally described as being nonmagnetic, but 
+4 when a diamagnetic substance is placed in a magnetic field, the motions 
of the electrons cause the substance to be very weakly repelled by the 
+2 magnet. In other words, these supposedly nonmagnetic substances do 
0 show some very faint magnetic character in the presence of a magnetic 
Sc Ti V Cr Mn Fe Co Ni Cu Zn field. 
A Figure 23.5 Nonzero oxidation states of the Period 4 A substance in which the atoms or ions have one or more unpaired 
transition metals. electrons is paramagnetic. In a paramagnetic solid, the electrons on one 


atom or ion do not influence the unpaired electrons on neighboring 

atoms or ions. As a result, the magnetic moments on the atoms or ions 
are randomly oriented and constantly changing direction, as shown in Figure 23.6(a). 
When a paramagnetic substance is placed in a magnetic field, however, the magnetic 
moments tend to align parallel to one another, producing a net attractive interaction 
with the magnet. Thus, unlike a diamagnetic substance, which is weakly repulsed by a 
magnetic field, a paramagnetic substance is attracted to a magnetic field. 


When you think of a magnet, you probably picture a sim- 
ple iron magnet. Iron exhibits ferromagnetism, a form of 
magnetism much stronger than paramagnetism. Ferromag- 
netism arises when the unpaired electrons of the atoms or ions 
in a solid are influenced by the orientations of the electrons 
in neighboring atoms or ions. The most stable (lowest-energy) 
arrangement is when the spins of electrons on adjacent atoms 
or ions are aligned in the same direction, as in Figure 23.6(b). 
When a ferromagnetic solid is placed in a magnetic field, the 
electrons tend to align strongly in a direction parallel to the 
magnetic field. The attraction to the magnetic field that results 
may be as much as a million times stronger than that for a 
paramagnetic substance. 

When a ferromagnet is removed from an external mag- 
netic field, the interactions between the electrons cause the 
ferromagnetic substance to maintain a magnetic moment. We 
then refer to it as a permanent magnet (Figure 23.7). 

The only ferromagnetic transition metals are Fe, Co, 
and Ni, but many alloys also exhibit ferromagnetism, which 
is in some cases stronger than the ferromagnetism of the 
pure metals. Particularly powerful ferromagnetism is found 
in compounds containing both transition metals and lan- 
thanide metals. Two of the most important examples are 
SmCos and Nd»Fe,4B. 

Two additional types of magnetism involving ordered 
arrangements of unpaired electrons are depicted in Fig- 
ure 23.6. In materials that exhibit antiferromagnetism 
[Figure 23.6(c)], the unpaired electrons on a given atom or 
ion align so that their spins are oriented in the direction 
opposite the spin direction on neighboring atoms. This 
means that the spin-up and spin-down electrons cancel each 
other. Examples of antiferromagnetic substances are chro- 
mium metal, FeMn alloys, and such transition-metal oxides 
as Fe,03, LaFeO3, and MnO. 

A substance that exhibits ferrimagnetism [Fig- 
ure 23.6(d)] has both ferromagnetic and antiferromagnetic 
characteristics. Like an antiferromagnet, the unpaired elec- 
trons align so that the spins in adjacent atoms or ions point in 


opposite directions. However, unlike an antiferromagnet, the net magnetic moments of 
the spin-up electrons are not fully canceled by the spin-down electrons. This can happen 
because the magnetic centers have different numbers of unpaired electrons (NiMnOs3), 
because the number of magnetic sites aligned in one direction is larger than the num- 
ber aligned in the other direction (Y3Fe;O012), or because both of these conditions apply 
(Fe304). Because the magnetic moments do not cancel, the properties of ferrimagnetic 
materials are similar to the properties of ferromagnetic materials. 

Ferromagnets, ferrimagnets, and antiferromagnets all become paramagnetic when 
heated above a critical temperature. This happens when the thermal energy is sufficient 
to overcome the forces determining the spin directions of the electrons. This tempera- 
ture is called the Curie temperature, To, for ferromagnets and ferrimagnets and the Néel 


temperature, Ty, for antiferromagnets. 
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W. Go Figure 


Describe how the representation shown for the paramagnetic 
material would change if the material were placed in a 


magnetic field. 


Ferromagnetic; spins 
align parallel to each 
other 


Paramagnetic; spin direction 
is constantly changing and 


random in the absence of 
an external magnetic field 


(a) 


Antiferromagnetic; spins 
align in opposite directions 
and cancel each other 


Ferrimagnetic; unequal spins align 
in opposite directions but do not 
completely cancel each other 


(c) (d) 


A Figure 23.6 The relative orientation of electron spins in various types 
of magnetic substances. 


A Figure 23.7 A permanent magnet. 
Permanent magnets are made from 
ferromagnetic and ferrimagnetic materials. 


Self-Assessment Exercise 


23.1 Do you expect TiCl, to exhibit any of the magnetic proper- 


ties shown in figure 23.6? 


(a) Yes 
(b) No 
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Exercises 
23.2 Which periodic trend is partially responsible for the obser- 23.3 For each of the following compounds, determine the elec- 
vation that the maximum oxidation state of the transition- tron configuration of the transition-metal ion. (a) CuO, 
metal elements peaks near Groups 7 and 8? (a) The number (b) Cu,0, (c) V20s, (d) MnO. 


of valence electrons reaches a maximum at Group 8. 


23.4 How many electrons are in the valence d orbitals in these 


(b) The effective nuclear charge increases on moving left transition-metal ions? (a) Ru**, (b) Pd2*, (c) Ti2*, (d) W™. 
across each period. (c) The radii of the transition-metal ele- 


ments reach a minimum for Group 8, and as the size of the 
atoms decreases it becomes easier to remove electrons. 


23.5 Which type of magnetic material cannot be used to make 
permanent magnets, a ferromagnetic substance, an anti- 
ferromagnetic substance, or a ferrimagnetic substance? 
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23.2 | Transition-Metal Complexes 


Gold has been highly valued for thousands of years. It is one of the few metals to occur 
naturally as an element. Its distribution is widespread but almost always in extremely 
low concentrations. In the few places where it has been concentrated into alluvial depos- 
its, nuggets may be extracted by panning or using a separation table. The high density 
of gold means that it drops to the bottom of the pan and the slurry of unwanted mate- 
rial above it can be decanted. Panning for gold is still performed by artisan prospectors 
but requires nuggets to be visible to the eye. Commercial gold mines use an extraction 
process to recover fine grained gold. Here, the gold-bearing rock is crushed and leeched 
with a sodium cyanide solution in the presence of air. This forms the soluble gold ion, 
[Au(CN),]", which is concentrated in by absorption onto fine carbon particles and recov- 
ered electrolytically. The hazards associated with using large quantities of cyanide have 
stimulated research into an alternate leeching material but the inertness of gold—one of 
the properties that makes it so desirable—means the choices are limited. 


SECTION 23.2 Transition-Metal Complexes 


In this section, we start our discussion of coordination chemistry, and by the end, 
you should be able to 


e Understand the component parts of a coordination compound 
e Determine the charge on the metal in a complex ion 


The transition metals occur in many interesting and important molecular forms. Species 
that are assemblies of a central transition-metal ion bonded to a group of surrounding 
molecules or ions, such as [Ag(NH3)2]* and [Fe(H20),]*", are called metal complexes, 
or merely complexes.* If the complex carries a net charge, it is generally called a complex 
ion. Compounds that contain complexes are known as coordination compounds. 

The molecules or ions that bond to the metal ion in a complex are known as 
ligands (from the Latin word ligare, “to bind”). There are two NH; ligands bonded to 
Ag* in the complex ion [Ag(NH3)2]*, for instance, and six H2O ligands bonded to Fe** in 
[Fe(H2O),]°*. Each ligand functions as a Lewis base and so donates a pair of electrons to 
form the ligand-metal bond. Thus, every ligand has at least one unshared pair of valence 
electrons. Four of the most frequently encountered ligands, 


7 a H cl :-C=N: 
H H 


illustrate that most ligands are either polar molecules or anions. In forming a complex, 
the ligands are said to coordinate to the metal. 


The Development of Coordination Chemistry: 
Werner’s Theory 


Because compounds of the transition metals are beautifully colored, the chemistry of 
these elements fascinated chemists even before the periodic table was introduced. During 
the late 1700s through the 1800s, the many coordination compounds that were isolated 
and studied had properties that were puzzling in light of the bonding theories prevailing 
at the time. Table 23.3, for example, lists a series of CoCl;-NH3 compounds that have 
strikingly different colors. Note that the third and fourth species have different colors, 
even though the originally assigned formula was the same for both, CoCl; + 4 NH3. 

The modern formulations of the compounds in Table 23.3 are based on various 
lines of experimental evidence. For example, all four compounds are strong electrolytes 
but yield different numbers of ions when dissolved in water. Dissolving CoCl;- 6 NH3 
in water yields four ions per formula unit ([Co(NH3)6]** plus three Cl ions), whereas 
CoCl + 5 NH; yields only three ions per formula unit ({ Co(NH3) 5Cl]?* and two Cl ions). 
Furthermore, the reaction of the compounds with excess aqueous silver nitrate leads to 
the precipitation of different amounts of AgCl(s). When CoCl,: 6 NH; is treated with 
excess AgNO;(aq), 3 mol of AgCl(s) precipitate per mole of complex, which means all 
three Cl ions in the complex can react to form AgCl(s). By contrast, when CoCl; + 5 NH3 
is treated with excess AgNO3(aq), only 2 mol of AgCl(s) precipitate per mole of complex, 


TABLE 23.3 Properties of Some Ammonia Complexes of Cobalt(III) 


Original lons per “Free” CI~ lons 

Formulation Color Formula Unit per Formula Unit Modern Formulation 
CoCl; + 6 NH3 Orange + 3 [Co(NH3)¢6]Cl3 

CoCl; : 5 NH3 Purple 3 2 [Co(NH3)5Cl]Cl 
CoCl; : 4 NH3 Green 2 il trans-| Co(NH3)4Cl2}Cl 
CoCl; : 4 NH3 Violet 2 1 cis-[Co(NH3)4Cl2]C1 


*Most of the coordination compounds we examine in this chapter contain transition-metal 
ions, although ions of other metals can also form complexes. 
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telling us that one of the Cl ions in the complex does not react. These results are sum- 
marized in Table 23.3. 

In 1893, the Swiss chemist Alfred Werner (1866-1919) proposed a theory that suc- 
cessfully explained the observations in Table 23.3. In a theory that became the basis for 
understanding coordination chemistry, Werner proposed that any metal ion exhibits 
both a primary valence and a secondary valence. The primary valence is the oxidation 
state of the metal, which is +3 for the complexes in Table 23.3. The secondary valence is 
the number of atoms bonded to the metal ion, which is also called the coordination 
number. For these cobalt complexes, Werner deduced a coordination number of 6 with 
the ligands in an octahedral arrangement around the Co*" ion. 

Werner’s theory provided a beautiful explanation for the results in Table 23.3. The 
NH; molecules are ligands bonded to the Co*" ion (through the nitrogen atom as we will 
see later); if there are fewer than six NH3 molecules, the remaining ligands are Cl ions. 
The central metal and the ligands bound to it constitute the coordination sphere of 
the complex. 

In writing the chemical formula for a coordination compound, Werner suggested 
using square brackets to signify the makeup of the coordination sphere in any given 
compound. He therefore proposed that CoCl3 + 6 NH3 and CoCl; + 5 NH; are better writ- 
ten as [Co(NHs3).|Cls and [Co(NH3);Cl]Cl:, respectively. He further proposed that the 
chloride ions that are part of the coordination sphere are bound so tightly that they do 
not dissociate when the complex is dissolved in water. Thus, dissolving [| Co(NH3)5Cl]Cl> 
in water produces a [Co(NH3)5Cl]** ion and two CI” ions. 

Werner’s ideas also explained why there are two forms of CoCl; + 4 NH3. Using Wer- 
ner’s postulates, we write the formula as [Co(NH3)4Cl2]Cl. As shown in Figure 23.8, there 
are two ways to arrange the ligands in the [Co(NH3)4Cl,]* complex, called the cis and 
trans forms. In the cis form, the two chloride ligands occupy adjacent vertices of the octa- 
hedral arrangement. In trans-[Co(NH3)4Cl,]* the two chlorides are opposite each other. 
It is this difference in positions of the Cl ligands that leads to two compounds, one violet 
and one green. 


W Go Figure Is there another way to arrange the chloride ions in the 
[Co(NHs3)4Clz]* ion besides the two shown in this figure? 


6 Two Cl on 4 Two Cl on 
@ -E same side @ Ke) opposite 
w @ of metal ion r+) D @ sides of 
Ç metal ion 
@ e@ 


cis isomer trans isomer 


A Figure 23.8 Isomers of [Co(NH3)4Cl2]*. The cis isomer is violet, and the trans isomer is green. 
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The insight Werner provided into the bonding in coordination compounds is even 
more remarkable when we realize that his theory predated Lewis’s ideas of covalent 
bonding by more than 20 years! Because of his tremendous contributions to coordina- 
tion chemistry, Werner was awarded the 1913 Nobel Prize in Chemistry. 


a Sample Exercise 23.1 
Lt Identifying the Coordination Sphere of a Complex 


Palladium(Il) tends to form complexes with coordination number 4. A compound has the composition PdCl» + 3 NH3. (a) Write the 
formula for this compound that best shows the coordination structure. (b) When an aqueous solution of the compound is treated 
with excess AgNO3(aq), how many moles of AgCl(s) are formed per mole of PdCl 3 NH3? 


SOLUTION in the compound. We conclude that the formula showing the 
Analyze We are given the coordination number of Pd(II) anda structure best is | PatNgaCl Cl. 

chemical formula indicating that the complex contains NH; and (b) Because only the non-ligand Cl can react, we expect to 

Cl. We are asked to determine (a) which ligands are attached to produce 1 mol of AgCl(s) per mole of complex. The balanced 
Pd(II) in the compound and (b) how the compound behaves to- equation is 


ward AgNO; in aqueous solution. [Pd(NH,)3Cl]Cl(aq) + AgNO;(aq) 


Plan (a) Because of their charge, the Cl" ions can be either in the 
coordination sphere, where ne are bonded directly to the metal, LENE INO (ag) + AgCI) 
or outside the coordination sphere, where they are bonded ioni- This is a metathesis reaction in which one of the cations is the 
cally to the complex. The electrically neutral NH; ligands must be [Pd(NH3)3Cl]* complex ion. 
in the coordination sphere, and we will assume that four ligands 
are bonded to the Pd(II) ion. (b) Any chlorides in the coordination 
sphere do not precipitate as AgCl. 

> Practice Exercise 


Solve When the compound RhCl; - 4 NH; is dissolved in water and 
(a) By analogy to the ammonia complexes of cobalt(III) shown in treated with excess AgNO3(aq) one mole of AgCl(s) is formed 
Figure 23.7, we predict that the three NH; are ligands attached for every mole of RhCl; + 4 NH3. What is the correct way to 
to the Pd(II) ion. The fourth ligand around Pd(II) is one chlo- write the formula of this compound? 
ride ion. The second chloride ion is not a ligand; it serves only (a) [Rh(NH3),Cls] (b) [Rh(NH3)4Cl,|Cl (c) [Rh(NH3)4Cl]Cly 
as a counterion (a noncoordinating ion that balances charge) (d) [Rh(NH;)4]Cl; (€) [RhC1;](NH3)4 


The Metal-Ligand Bond 


The bond between a ligand and a metal ion forms as a result of a Lewis acid-base inter- 
action. Because the ligands have available pairs of electrons, they can function as Lewis 
bases (electron-pair donors). Metal ions (particularly transition-metal ions) have empty 
valence orbitals, so they can act as Lewis acids (electron-pair acceptors). We can picture 
the bond between the metal ion and ligand as the result of their sharing a pair of elec- 
trons initially on the ligand: 


H H H t 
Ag+ (aq) + 2 4 H(aq) —>|H wae (aq) [23.1] 
H |. H H 


The formation of metal-ligand bonds can markedly alter the properties we observe 
for the metal ion. A metal complex is a distinct chemical species that has physical and 
chemical properties different from those of the metal ion and ligands from which it is 
formed. As one example, Figure 23.9 shows the color change that occurs when aqueous 
solutions of NCS” (colorless) and Fe** (yellow) are mixed, forming [Fe(H,O);NCS]**. 

Complex formation can also significantly change other properties of metal ions, 
such as their ease of oxidation or reduction. Silver ion, for example, is readily reduced in 
water, 


Ag*(aq) + e —> Ag(s) E° = +0.799V [23.2] 
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VW TN TTT) Does the coordination number of iron change during this 
reaction? Does the oxidation number of iron change? 


NH,NCS(aq) 
solution 


= 


[Fe(HO),]}°* (aq) 


_ solution 


Red [Fe(H,O0);NCS}?* 
forms 


A Figure 23.9 The reaction between [Fe(H20)¢]°*(ag) and NCS~ (aq). 


but the [Ag(CN).] ion is not so easily reduced because complexation by CN’ ions stabi- 
lizes silver in the +1 oxidation state: 


[Ag(CN)2] (aq) + © —> Ag(s) + 2CN (aq) E° = —0.31V [23.3] 


Hydrated metal ions are complexes in which the ligand is water. Thus, Fe**(aq) con- 
sists largely of [Fe(H2O),]**. It is important to realize that ligands can undergo reaction. 
For example, we saw in Figure 16.18 that a water molecule in [Fe(H2O)¢]?" (aq) can be 
deprotonated to yield [ Fe(H,O);OH]** (aq) and H*(aq). The iron ion retains its oxidation 
state; the coordinated hydroxide ligand, with a 1— charge, reduces the complex charge to 
2+. Ligands can also be displaced from the coordination sphere by other ligands, if the 
incoming ligands bind more strongly to the metal ion than the original ones. For exam- 
ple, ligands such as NH3, NCS’, and CN’ can replace H20 in the coordination sphere of 
metal ions. 


Charges, Coordination Numbers, and Geometries 


The charge of a complex is the sum of the charges on the metal and on the ligands. In 
[| Cu(NH3)4 |SO4 we can deduce the charge on the complex ion because we know that the 
charge of the sulfate ion is 2—. Because the compound is electrically neutral, the complex 
ion must have a 2+ charge, [Cu(NH3)4]?*. We can then use the charge of the complex ion 
to deduce the oxidation number of copper. Because the NH; ligands are uncharged mole- 
cules, the oxidation number of copper must be +2: 


+2 + 4(0) =2+ 


[Cu(NH3)4)°* 


Recall that the number of atoms directly bonded to the metal atom in a complex 
is the coordination number of the complex. Thus, the silver ion in [Ag(NH3)2]* has a 


= Sample Exercise 23.2 


SOLUTION 


Analyze We are given the chemical formula of a coordination com- 
pound and asked to determine the oxidation number of its metal 
atom. 


Plan To determine the oxidation number of Rh, we need to figure 
out what charges are contributed by the other groups. The overall 
charge is zero, so the oxidation number of the metal must balance 
the charge due to the rest of the compound. 


Solve The NO; group is the nitrate anion, which has a 1— charge. 
The NH; ligands carry zero charge, and the Cl is a coordinated 
chloride ion, which has a 1— charge. The sum of all the charges 
must be zero: 


coordination number of 2, and the cobalt ion has a coordination 
number of 6 in all four complexes in Table 23.3. 

Some metal ions have only one observed coordination number. 
The coordination number of chromium(IID and cobalt(II) is invari- 
ably 6, for example, and that of platinum(ID is always 4. For most 
metals, however, the coordination number is different for different 
ligands. In these complexes, the most common coordination num- 
bers are 4 and 6. 

The coordination number of a metal ion is often influenced 
by the relative sizes of the metal ion and the ligands. As the ligand 
gets larger, fewer of them can coordinate to the metal ion. Thus, 
iron(II) is able to coordinate to six fluorides in [FeF,]* but to 
only four chlorides in [FeCl4] . Ligands that transfer substantial 
negative charge to the metal also produce reduced coordination 
numbers. For example, six ammonia molecules can coordinate to 
nickel(II), forming [Ni(NH3).]*", but only four cyanide ions can 
coordinate to this ion, forming [Ni(CN),4]*. 

The most common coordination geometries for coordination 
complexes are shown in Figure 23.10. Complexes in which the coor- 
dination number is 4 have two geometries—tetrahedral and square 
planar. The tetrahedral geometry is the more common of the 
two and is especially prevalent among nontransition metals. The 
square planar geometry is characteristic of transition-metal ions 
with eight d electrons in the valence shell, such as platinum(ID 
and gold(III). Complexes with a coordination number of 6 almost 
always have an octahedral geometry. Even though the octahedron 
can be drawn as a square with one ligand above and another below 
the plane, all six vertices are equivalent. 


lt Determining the Oxidation Number of a Metal in a Complex 


What is the oxidation number of the metal in [Rh(NH3)5CI](NO3)>o? 
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© 


x +5(0) + (1) + 2(-1) = 0 


[Rh(NH3)5Cl](NO3)2 


The oxidation number of rhodium, x, must therefore be +3. 


> Practice Exercise 
In which of the following compounds does the 
transition-metal have the highest oxidation number? 
(a) [Co(NH3)4Cly] (b) K2[PtCl6] (c) Rb3[MoO3F3] 
(d) Na[Ag(CN)2] (e) Ka[Mn(CN)¢] 


V Go Figure 


In the drawings on the right-hand side, what does the 
solid wedge connecting atoms represent? What does the 
dashed wedge connecting atoms represent? 


A tetrahedron has four 
triangular faces and four 


equivalent vertices. 


cow 
Cl 


Tetrahedral geometry 


The metal and all four ligands 
lie in the same plane. 


An octahedron has eight 
triangular faces and six 
equivalent vertices. 


Octahedral geometry 


A Figure 23.10 Common geometries of coordination complexes. 
In complexes having coordination number 4, the geometry is 
typically either tetrahedral or square planar. In complexes having 
coordination number 6, the geometry is nearly always octahedral. 
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Self-Assessment Exercise 


23.6 What is the coordination number, charge on the metal, (a) Au‘, Coordination number = 2, Linear geometry 


and geometry of the complex: [Au(CN),|"? (b) Au**, Coordination number = 3, Linear geometry 


(c) Au’, Coordination number = 6, Octahedral geometry 


Exercises 
23.7 Which species are more likely to act as ligands? (a) Posi- case for Cr3*. How can this be the case if the ratio of Cr to 
tively charged ions or negatively charged ions? (b) Neutral Cl is not 1:6? 


9 
molecules that are polar or those that are nonpolar? 23.9 Indicate the coordination number and the oxidation num- 


23.8 Crystals of hydrated chromium(III) chloride are green, ber of the metal for each of the following complexes: 
have an empirical formula of CrCl; + 6 H2O, and are highly (a) K,PtCl 
soluble, (a) Write the complex ion that exists in this com- z $ 


pound. (b) If the complex is treated with excess AgNO3(aq), (b) [Ni(CO)4]Br2 
how many moles of AgCl will precipitate per mole of (c) OsO4 
CrCl; - 6 H2O dissolved in solution? (c) Crystals of anhy- (d) [Mn(en)3](NO3), 


drous chromium(III) chloride are violet and insoluble in 
aqueous solution. The coordination geometry of chro- (e) [Cr(en)(NHa)4]Cls 
mium in these crystals is octahedral, as is almost always the (£) [Zn(bipy)2](ClO4)2 


ƏS1913X7J JUBWSSASsy-}|9S 0} SIƏMSUY 


y 


23.3 | Common Ligands in Coordination 
Chemistry 


We have already seen that the color of a complex can vary greatly even when the same 
metal ion is involved. Cobalt provides another good example of this, having a blue 
[CoCl,]?" complex and pink [Co(OH,),]?* complex. The two complexes, when dissolved 
in water, are in equilibrium: 


[CoCl,]? (aq) + 6H,O(J) —= [Co(OH,) 6] (aq) + 4Cr (aq) 
Blue Pink 
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When the complexes are immobilized in a gel, the equilibrium can still operate and pro- 

vides a visual guide to the degree of hydration of the gel. This is frequently used in com- 

bination with silica gel desiccants to indicate when the drying agents need regenerating. 
By the end of this section, you should be able to 


e Identify common ligands and distinguish between chelating and nonchelating 
ligands. 


The ligand atom that binds to the central metal ion in a coordination complex is 
called the donor atom of the ligand. Ligands having only one donor atom are called 
monodentate ligands (from the Latin, meaning “one-toothed”). These ligands are 
able to occupy only one site in a coordination sphere. Ligands having two donor atoms 
are bidentate ligands (“two-toothed”), and those having three or more donor atoms 
are polydentate ligands (“many-toothed”). In both bidentate and polydentate spe- 
cies, the multiple donor atoms can simultaneously bond to the metal ion, thereby occu- 
pying two or more sites in a coordination sphere. Table 23.4 gives examples of all three 
types of ligands. 

Because they appear to grasp the metal between two or more donor atoms, bidentate 
and polydentate ligands are also known as chelating agents (pronounced “KEE-lay- 
ting”; from the Greek chele, “claw”). 

One common chelating agent is the bidentate ligand ethylenediamine, denoted en: 


cham 
7 
HN 


N 
NH) 


in which each donor nitrogen atom has one nonbonding electron pair. These donor 
atoms are sufficiently far apart to allow both of them to bond to the metal ion in 


TABLE 23.4 Some Common Ligands 


Ligand Type Examples 


Monodentate H,0: Water :F:7 Fluoride ion :CŒEN: 7 Cyanide ion 


>NH3 Ammonia acl > Chloride ion 


Bidentate 


HC— CHo VA 
HN NH) 


N. 


Ortho-phenanthroline 
(o-phen) 


=N. N 
Bipyridine 
(bipy or bpy) 


N= 


Ethylenediamine (en) 


Polydentate 5- 


td 
HC m CH, 
7 N 
HN 


CH,—CH, 
Z 
NH) 


70: :O: 


Triphosphate ion 


‘G—P—G—p_-8—P_G: 
70: 

Diethylenetriamine 
T T 

:Ö—C— CH, J 

¿NT N; 

Hy e i 

:O: :O: 


Ethylenediaminetetraacetate ion (EDTA* ) 


:5=C=Ñ] Thiocyanate ion 


or—! 


1115 


Ke) —H]- Hydroxide ion 


LO —N= O:]” Nitrite ion 
Tori 


p 


Oxalate ion Carbonate ion 
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> Figure 23.11 The [Co(en)3]°* ion. The 
ligand is ethylenediamine. 


A Figure 23.12 The complex ion 
[Co(EDTA)]~ . The ligand is the polydentate 
ethylenediaminetetraacetate ion, whose full 
representation is given in Table 23.4. This 
representation shows how the two N and 
four O donor atoms coordinate to cobalt. 


3+ 
H 3+ 
me 
H, HN SCH, 
HC Ni, | aw’ 2 
O° — 
meN” | NH 
H3 HN, ee 
C 


[Co(en)3}°* 


adjacent positions. The [Co(en)3]?* complex ion, which contains three ethylenediamine 
ligands in the octahedral coordination sphere of cobalt(II), is shown in Figure 23.11. 
Notice that in the image on the right the en is written in a shorthand notation as two 
nitrogen atoms connected by an arc. 

The ethylenediaminetetraacetate ion, [EDTA]*, is an important polydentate ligand 
that has six donor atoms. It can wrap around a metal ion using all six donor atoms, as shown 
in Figure 23.12, although it sometimes binds to a metal using only five of its donor atoms. 

In general, the complexes formed by chelating ligands (that is, bidentate and 
polydentate ligands) are more stable than the complexes formed by related monodentate 
ligands. The equilibrium formation constants for [Ni(NH3).]7* and [Ni(en)3]”* illustrate 
this observation: 


[Ni(H20)6] (aq) + 6 NH3(aq) == [Ni(NH3)6]” (aq) + 6 H2O) 

Ky = 1.2 x 10? [23.4] 
[Ni(H20)6] (aq) + 3 en(aq) == [Ni(en)3]?*(aq) + 6 HzO) 

Kp = 6.8 X 101” [23.5] 


Although the donor atom is nitrogen in both instances, [Ni(en)3]** has a formation con- 
stant that is more than 108 times larger than that of [Ni(NH3)¢]|**. This trend of generally 
larger formation constants for bidentate and polydentate ligands, known as the chelate 
effect, is examined in the “A Closer Look” essay on page 1118. 

Chelating agents are often used to prevent one or more of the customary reactions 
of a metal ion without removing the ion from solution. For example, a metal ion that 
interferes with a chemical analysis can often be complexed and its interference thereby 
removed. In a sense, the chelating agent hides the metal ion. For this reason, scientists 
sometimes refer to these ligands as sequestering agents. 

Phosphate ligands, such as sodium triphosphate, Nas[OPO,0PO,0PQO3], are used to 
sequester Ca** and Mg” ions in hard water so that these ions cannot interfere with the 
action of soap or detergents. 

Chelating agents are used in many prepared foods, such as salad dressings and frozen 
desserts, to complex trace metal ions that catalyze decomposition reactions. Chelating 
agents are used in medicine to remove toxic heavy metal ions that have been ingested, 
such as Hg**, Pb?*, and Cd**. One method of treating lead poisoning, for example, is to 
administer Na,Ca(EDTA). The EDTA chelates the lead, allowing it to be removed from 
the body via urine. 


Metals and Chelates in Living Systems 


Nine of the 29 elements known to be necessary for human life are transition metals. 
These 10 elements—V, Cr, Mn, Fe, Co, Ni, Cu, Zn, and Mo form complexes with a variety 
of groups present in biological systems. 
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Although our bodies require only small quantities of metals, 
deficiencies can lead to serious illness. A deficiency of manganese, for 
example, can lead to convulsive disorders. Some epilepsy patients have 
been helped by the addition of manganese to their diets. 

Among the most important chelating agents in nature are those 
derived from the porphine molecule (Figure 23.13). This molecule can 
coordinate to a metal via its four nitrogen donor atoms. Once por- 
phine bonds to a metal ion, the two H atoms on the nitrogens are 
displaced to form complexes called porphyrins. Two important 
porphyrins are heme, in which the metal ion is Fe(II), and chlorophyll, 
with a Mg(IJ) central ion. 

Figure 23.14 shows a schematic structure of myoglobin, a pro- 
tein that contains one heme group. Myoglobin is a globular protein, 
one that folds into a compact, roughly spherical shape. Myoglobin 
is found in the cells of skeletal muscle, particularly in seals, whales, 
and porpoises. It stores oxygen in cells, one molecule of Oz per myo- 
globin, until it is needed for metabolic activities. Hemoglobin, the 
protein that transports oxygen in human blood, is made up of four 
heme-containing subunits, each of which is very similar to myoglo- 
bin. One hemoglobin can bind up to four Oz molecules. 

In both myoglobin and hemoglobin, the iron is coordinated to 
the four nitrogen atoms of a porphyrin and to a nitrogen atom from 
the protein chain (Figure 23.15). In hemoglobin, the sixth position 
around the iron is occupied either by O; (in oxyhemoglobin, the 
bright red form) or by water (in deoxyhemoglobin, the purplish red 
form). The oxy form is the one shown in Figure 23.15. 

Carbon monoxide is poisonous because the equilibrium bind- 
ing constant of human hemoglobin for CO is about 210 times 
greater than that for Op. As a result, a relatively small quantity of CO 
can inactivate a substantial fraction of the hemoglobin in the blood 
by displacing the Oz molecule from the heme-containing subunit. 
For example, a person breathing air that contains only 0.1% CO 
takes in enough CO after a few hours to convert up to 60% of the 
hemoglobin (Hb) into COHb, thereby reducing the blood’s normal 
oxygen-carrying capacity by 60%. 

Under normal conditions, anonsmoker breathing unpolluted 
air has about 0.3 to 0.5% COHb in her or his blood. This amount 


W. Go Figure 


How many carbon atoms are there in porphine? How many 
have sp? hybridization? How many have sp? hybridization? 


Porphine 


Í 


HC 


Chlorophyll a 


A Figure 23.13 Porphine and two porphyrins, heme b and 
chlorophyll a. Fe(11) and Mg(Il) ions replace the two blue H atoms 
in porphine and bond with all four nitrogens in heme b and 
chlorophyll a, respectively. 


< Figure 23.14 Myoglobin. This ribbon diagram does not 
show most of the atoms. 
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W Go Figure 


What is the coordination number of iron in the heme unit shown 
here? What is the identity of the blue donor atoms in the heme? 


Protein (globin) 


A Figure 23.15 Coordination sphere of the hemes in oxymyoglobin and oxyhemoglobin. 


arises mainly from the production of small quantities of CO in the course of normal 
body chemistry and from the small amount of CO present in clean air. Exposure to 
higher concentrations of CO causes the COHb level to increase, which in turn leaves 
fewer Hb sites to which O; can bind. If the level of COHb becomes too high, oxygen 
transport is effectively shut down and death occurs. Because CO is colorless and odor- 
less, CO poisoning occurs with very little warning. Improperly ventilated combustion 


devices, such as kerosene lanterns and stoves, thus pose a potential health hazard. 


A CLOSER LOOK SWE RAHI EGE acta 


We learned in Section 19.5 that chemical processes are favored by 
positive entropy changes and by negative enthalpy changes. The spe- 
cial stability associated with the formation of chelates, called the che- 
late effect, can be explained by comparing the entropy changes that 
occur with monodentate ligands with the entropy changes that occur 
with polydentate ligands. 

We begin with the reaction in which two H,O ligands of 
the square-planar Cu(II) complex [Cu(H20),]?* are replaced by 
monodentate NH; ligands at 27 °C: 


[Cu(H,0),4]?*(aq) + 2NH3(aq) —= 
[Cu(H20)2(NH3)2]**(aq) + 2 H2,0() 


AH’ = —46kJ; AS° = —8.4J/K; AG° = —43kJ 


The thermodynamic data tell us about the relative abilities of 
H,O and NH; to serve as ligands in this reaction. In general, NH3 
binds more tightly to metal ions than does H,O, so this substitution 
reaction is exothermic (AH < 0). The stronger bonding of the NH3 
ligands also causes the [Cu(H,O)(NH3)2]** ion to be more rigid, 
which is probably the reason AS° is slightly negative. 

We can use Equation 19.20, AG? = -RT In K, to calculate 
the equilibrium constant of the reaction at 27°C. The result, 
K = 3.1 x 10’, tells us that the equilibrium lies far to the right, 
favoring replacement of H2O by NH3. For this equilibrium, therefore, 
the enthalpy change, AH°® = —46 kJ, is large enough and negative 
enough to overcome the entropy change, AS° = —8.4J/K. 

Now let’s use a single bidentate ethylenediamine (en) ligand in 
our substitution reaction: 


[Cu(H,0),4]°*(aq) + en(aq) == [Cu(H,0),(en)]”*(aq) + 2H,0() 


AH? = —54kJ; AS = +23J/K; AG? = -61kJ 


The en ligand binds slightly more strongly to the Cu?* ion than two 
NH; ligands, so the enthalpy change here (—54 kJ) is slightly more 
negative than for [ Cu(H20)(NH3)2|*(—46 kJ). There is a big differ- 


ence in the entropy change, however: AS° is —8.4 J/K for the NH; re- 
action but +23J/K for the en reaction. We can explain the positive 
AS value using concepts discussed in Section 19.3. Because a single 
en ligand occupies two coordination sites, two molecules of H2O are 
released when one en ligand bonds. Thus, there are three product 
molecules in the reaction but only two reactant molecules. The great- 
er number of product molecules leads to the positive entropy change 
for the equilibrium. 

The slightly more negative value of AH” for the en reaction 
(—54kJ versus —46 kJ) coupled with the positive entropy change 
leads to a much more negative value of AG” (-61 kJ for en, —43 kJ for 
NH3) and thus a larger equilibrium constant: K = 4.2 x 10!°, 

We can combine our two equations using Hess’s law to calculate 
the enthalpy, entropy, and free-energy changes that occur for en to 
replace ammonia as ligands on Cu(II): 


[Cu(H,0)2(NH3)2/?*(aq) + en(aq) —= 
[Cu(H0) (en) }?*(aq) + 2 NH3(aq) 


AH® = (—54kJ) — (—46kJ) = -8 KJ 
AS° = (+23J/K) — (-8.4J/K) = +31J/K 
AG? = (-61kJ) — (-43kJ) = -18kJ 


Notice that at 27°C, the entropic contribution (—TAS°) to the 
free-energy change, AG? = AH’ — TAS” (Equation 19.12), is negative 
and greater in magnitude than the enthalpic contribution (AH°). The 
equilibrium constant for the NH3-en reaction, 1.4 X 103, shows that 
the replacement of NH; by en is thermodynamically favorable. 

The chelate effect is important in biochemistry and molecular 
biology. The additional thermodynamic stabilization provided by 
entropy effects helps stabilize biological metal-chelate complexes, 
such as porphyrins, and can allow changes in the oxidation state of 
the metal ion while retaining the structural integrity of the complex. 

Related Exercises: 23.3, 23.104 


SECTION 23.3 Common Ligands in Coordination Chemistry 


The chlorophylls, which are porphyrins that contain Mg(II) 
(Figure 23.13), are the key components in the conversion of solar energy 
into forms that can be used by living organisms. This process, called photo- 
synthesis, occurs in the leaves of green plants: 


6 CO8) + 6 H,0(1) — > CoH i20¢6(aq) + 6 On(g) [23.6] 


The formation of 1 mol of glucose, C6H1206, requires the absorption of 
48 mol of photons from sunlight or other sources of light. Chlorophyll- 
containing pigments in the leaves of plants absorb the photons. 
Figure 23.13 shows that the chlorophyll molecule has a series of alternat- 
ing, or conjugated, double bonds in the ring surrounding the metal ion. 
This system of conjugated double bonds makes it possible for chlorophyll 
to absorb light strongly in the visible region of the spectrum. As Figure 23.16 
shows, chlorophyll is green because it absorbs red light (maximum ab- 
sorption at 655 nm) and blue light (maximum absorption at 430 nm) and 
transmits green light. 

Photosynthesis is nature’s solar energy-conversion machine, and 
thus all living systems on Earth depend on photosynthesis for continued 
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A Go Figure 


Which peak in this curve corresponds to the 
lowest-energy transition by an electron in a 
chlorophyll molecule? 


Light absorption —> 


existence. 


400 500 600 


Wavelength (nm) 


700 


A Figure 23.16 The absorption of sunlight by chlorophyll. 


CHEMISTRY AND LIFE BUREE TES SCs 


Because living systems have difficulty assimilating enough iron to 
satisfy their nutritional needs, iron-deficiency anemia is a common 
problem in humans. Chlorosis, an iron deficiency in plants that 
makes leaves turn yellow, is also commonplace. 

Living systems have difficulty assimilating iron because 
most iron compounds found in nature are not very soluble in wa- 
ter. Microorganisms have adapted to this problem by secreting an 
iron-binding compound, called a siderophore, that forms an extreme- 
ly stable water-soluble complex with iron(II). One such complex is 
ferrichrome (Figure 23.17). The iron-binding strength of a siderophore 
is so great that it can extract iron from iron oxides. 
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A Figure 23.17 Ferrichrome. 


When ferrichrome enters a living cell, the iron it carries is 
removed through an enzyme-catalyzed reaction that reduces the 
strongly bonding iron(II) to iron(II), which is only weakly com- 
plexed by the siderophore (Figure 23.18). Microorganisms thus 
acquire iron by excreting a siderophore into their immediate envi- 
ronment and then taking the resulting iron complex into the cell. 

In humans, iron is assimilated from food in the intestine. A pro- 
tein called transferrin binds iron and transports it across the intesti- 
nal wall to distribute it to other tissues in the body. The normal adult 
body contains about 4 g of iron. At any one time, about 3 g of this 
iron is in the blood, mostly in the form of hemoglobin. Most of the 
remainder is carried by transferrin. 

A bacterium that infects the blood requires a source of iron if it is 
to grow and reproduce. The bacterium excretes a siderophore into the 
blood to compete with transferrin for iron. The equilibrium constants 


Cell wall 


M V 


Siderophore 


Fe?* 


Ferrichrome 


A Figure 23.18 The iron-transport system of a bacterial cell. 
Continued 
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for forming the iron complex are about the same for transferrin and 
siderophores. The more iron available to the bacterium, the more rap- 
idly it can reproduce and thus the more harm it can do. 

Several years ago, New Zealand clinics regularly gave iron supple- 
ments to infants soon after birth. However, the incidence of certain 
bacterial infections was eight times higher in treated than in untreat- 
ed infants. Presumably, the presence of more iron in the blood than 
absolutely necessary makes it easier for bacteria to obtain the iron 
needed for growth and reproduction. 

In the United States, it is common medical practice to supple- 
ment infant formula with iron sometime during the first year of life. 
However, iron supplements are not necessary for infants who breast- 
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feed because breast milk contains two specialized proteins, lactofer- 
rin and transferrin, which provide sufficient iron while denying its 
availability to bacteria. Even for infants fed with infant formulas, sup- 
plementing with iron during the first several months of life may be 
ill-advised. 

For bacteria to continue to multiply in the blood, they must 
synthesize new supplies of siderophores. Synthesis of siderophores 
in bacteria slows, however, as the temperature is increased above the 
normal body temperature of 37 °C and stops completely at 40 °C. This 
suggests that fever in the presence of an invading microbe is a mecha- 
nism used by the body to deprive bacteria of iron. 

Related Exercise: 23.88 


Self-Assessment Exercise 


23.10 Cobalt(III) has a coordination number of 6 in all its com- 
plexes. Is the carbonate ion a monodentate or bidentate 
ligand in the [Co(NH,),(CO,)}* ion? 


(a) Monodentate 
(b) Bidentate 


Exercises 


23.11 For each of the following polydentate ligands, determine (i) 
the maximum number of coordination sites that the ligand 
can occupy on a single metal ion and (ii) the number and 
type of donor atoms in the ligand: (a) acetylacetonate ion 
(acac), (b) phenanthroline (phen), (c) diethylenetriamine, 
(d) carbonate ion, (e) triphosphate ion. 


23.12 Indicate the likely coordination number of the metal in 


each of the following complexes: 

(a) [Ru(bipy)3](NOs)2 

(b) Re(o-phen)2(C204)2 

(c) Pd(PPh3)3Cl 

(d) (NH4)2Mn (EDTA) 

Pyridine (C;H;N), abbreviated py, is the molecule 


G Xi: 


23.13 


(a) Would you expect pyridine to act as a monodentate or 
bidentate ligand? (b) For the equilibrium reaction 


[Ru(py)4(bipy)]?* + 2py == [Ru(py),]** + bipy 


would you predict the equilibrium constant to be larger or 
smaller than one? 


23.14 When silver nitrate is reacted with the molecular base 
ortho-phenanthroline, colorless crystals form that contain 
the transition-metal complex shown here. (a) What is the 
coordination geometry of silver in this complex? (b) Assum- 
ing no oxidation or reduction occurs during the reaction, 
what is charge of the complex shown here? (c) Do you expect 
any nitrate ions will be present in the crystal? (d) Write a for- 
mula for the compound that forms in this reaction. 
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23.4 | Nomenclature and Isomerism 
in Coordination Chemistry 


[Pt(NH,),CL,] is a simple looking coordination compound but it has a far reaching influ- 
ence. It was the first of a series of platinum complexes that have been successful in the 
treatment of a wide range of cancers. Perhaps not surprisingly, it is on the World Health 
Organization’s list of essential medicines. The therapeutic compound is introduced 
intravenously (using a medical set up similar to the one shown here) where the complex 
migrates to the inside of the tumour cell. Here the chloride concentration is low and one 
of the chloride ligands dissociates from the complex and is replaced by a water molecule. 
In turn, the water ligand is displaced and a nitrogen that is part of the DNA base guanine 
coordinates to the metal. The process is repeated with the remaining chloride ligand and 
the DNA-bound complex disrupts the replication of the DNA and the cell dies. There 
are two isomers of this complex only one of which, cisplatin, has therapeutic value. We 
touch on the reason for this in this shortly. 
By the end of this section, you should be able to 


e Systematically name simple coordination compounds and write a formula of a com- 
plex ion from its name. 


When complexes were first discovered, they were named after the chemist who origi- 
nally prepared them. A few of these names persist, as, for example, with the dark red sub- 
stance NH,4[ Cr(NH3)2(NCS),4], which is still known as Reinecke’s salt. Once the structures 
of complexes were more fully understood, it became possible to name them in a more 
systematic manner. Let’s use two substances to illustrate how coordination compounds 
are named: 


Cation Anion 
[Co(NH3)s5Cl]Cl> Pentanninechloridocobalt(III) Chloride 


| 


5 NH3 cr Cobalt in 
ligands ligand +3 oxidation 
state 
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Cation Anion 
Na»[MoOCl] Sodium tetrachloridooxomolybdate(IV) 
4cil- Oxide,O?~ Molybdenum 
ligands ligand in +4 oxidation 
state 


How to Name Coordination Compounds 


1. 


In naming complexes that are salts, the name of the cation is given 
before the name of the anion. Thus, in [Co(NH3);Cl]Cl, we name the 
[Co(NH3)5Cl]** cation and then the Cl. 


. In naming complex ions or molecules, the ligands are named before 


the metal. Ligands are listed in alphabetical order, regardless of their 
charges. Prefixes that give the number of ligands are not considered 
part of the ligand name in determining alphabetical order. Thus, the 
[Co(NH3)5Cl]?* ion is pentaamminechloridocobalt(II]). (Be careful to note, how- 
ever, that the metal is written first in the chemical formula.) 


. The names of anionic ligands end in the letter ido, but electrically neu- 


tral ligands ordinarily bear the name of the molecules (Table 23.5). Special 
names are used for H2O (aqua), NH; (ammine), and CO (carbonyl). For example, 
[ Fe(CN)2(NH3)2(H2O)2]* is the diamminediaquadicyanidoiron(IID ion. 


. Greek prefixes (di-, tri-, tetra-, penta-, hexa-) are used to indicate the 


number of each kind of monodentate ligand when more than one is 
present. If the ligand or is polydentate, the alternate prefixes bis-, tris-, 
tetrakis-, are used and the ligand name is placed in parentheses. For ex- 
ample, the name for [ Co(en)3|Br3 is tris(ethylenediamine)cobalt(III) bromide. 


. If the complex is an anion, its name ends in -ate. The compound K4[Fe(CN)6] 


is potassium hexacyanidoferrate(II), for example, and the ion [CoCl,}*~ is 
tetrachloridocobaltate(II) ion. 


. The oxidation number of the metal is given in parentheses in Roman 


numerals following the name of the metal. 


Three examples for applying these rules are 


[Ni(NH3)6|Bro Hexaamminenickel(II) bromide 
[Co(en)2(H20)(CN) |Cly Aquacyanidobis(ethylenediamine)cobalt(III) chloride 
Na,{ MoOCl, | Sodium tetrachloridooxomolybdate(IV) 


TABLE 23.5 Some Common Ligands and Their Names 


Name in 
Ligand Complexes Ligand Name in Complexes 
Azide, N3 Azido Oxalate, C,0/~ Oxalato 
Bromide, Br Bromo Oxide, O% Oxo 
Chloride, Cl Chloro Ammonia, NH3 Ammine 
Cyanide, CN" Cyano Carbon monoxide, CO Carbonyl 
Fluoride, E- Fluoro Ethylenediamine, en Ethylenediamine 
Hydroxide, OH™ Hydroxido Pyridine, C;H;N Pyridine 
Carbonate, CO7 Carbonato Water, HO Aqua 


When writing the formula of complexes, it is preferable to write the donor atom of the 
ligand closest to the metal. So [Cu(OH,),]** is preferred to [Cu(H,O),]?*. 
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= Sample Exercise 23.3 


lt Naming Coordination Compounds 


Name the compounds (a) [Cr(OH2)4Cl2]CI, (b) K4[NI(CN)4]. 


SOLUTION 


Analyze We are given the chemical formulas for two coordination 
compounds and assigned the task of naming them. 


Plan To name the complexes, we need to determine the ligands in 
the complexes, the names of the ligands, and the oxidation state 
of the metal ion. We then put the information together following 
the rules listed in the text. 


Solve 


(a) The ligands are four water molecules—tetraaqua—and two 
chloride ions—dichlorido. By assigning all the oxidation 
numbers we know for this molecule, we see that the oxidation 
number of Cr is +3: 


-3 + 4(0) + 2(—1) + (1) <0 


[Cr(OH;)4C1l,]C1 


Thus, we have chromium(III). Finally, the anion is chloride. 
The name of the compound is tetraaquadichloridochromi- 
um(III) chloride. 


Isomerism 


1123 


(b) The complex has four cyanide ion ligands, CN’, which 
means tetracyanido, and the oxidation state of the nickel 
is zero: 


4(+1) + 0 + 4(-1) =0 


| J 


Ky[Ni(CN)4] 


Because the complex is an anion, the metal is indicated as 
nickelate(0). Putting these parts together and naming the 
cation first, we have potassium tetracyanidonickelate(0). 


> Practice Exercise 
What is the name of the compound [ Rh(NH3)4Cl, |Cl? 
(a) Rhodium (III) tetraamminedichlorido chloride 
(b) Tetraammoniadichloridorhodium(III) chloride 
(c) Tetraamminedichloridorhodium(III) chloride 
(d) Tetraamminetrichlorido-rhodium(III) 
(e) Tetraamminedichloridorhodium(II) chloride 


When two or more compounds have the same composition but a different arrangement 
of atoms, we call them isomers. Here we consider two main kinds of isomers in coor- 
dination compounds: constitutional isomers (which have different bonds) and ste- 
reoisomers (which have the same bonds but different ways in which the ligands occupy 
the space around the metal center). Each of these classes also has subclasses, as shown in 


Figure 23.19. 
NO Do the molecules have YES 
the same atoms? ) 
; Not Do the molecules have 
isomers NO the same bonds (atoms YES 
linked to the same 
partners)? 
Constitutional F 
isomers Stereoisomers 
Doth Are the 
NO Do the same YES NO molecules non- YES 
ligands bind to . bl 
the metal ion? SUPETUNposan S 
i mirror images? 
Coordination Link G ical Optical 
sohe Linkage eometrica £ ptica 
SP. isomers isomers isomers 
isomers 


A Figure 23.19 Forms of isomerism in coordination compounds. 
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vV Go Figure 


@ 2 
o Fe 


Nitro isomer 


Bonding via ligand N atom 


What are the chemical formula and name for each 
of the complex ions in this figure? 


2+ 


A Figure 23.20 Linkage isomerism. 


Bonding via ligand O atom 


Constitutional Isomerism 


Many types of constitutional isomerism are 
known in coordination chemistry, including the 
two named in Figure 23.19: linkage isomerism and 
coordination-sphere isomerism. Linkage isom- 
erism is a relatively rare but interesting type 
that arises when a particular ligand is capable of 
coordinating to a metal in two ways. The nitrite 
ion, NO, , for example, can coordinate to a metal 
ion through either its nitrogen or one of its oxy- 
gens (Figure 23.20). When it coordinates through 
the nitrogen atom, the NO, ligand is called nitro; 
when it coordinates through the oxygen atom, 
2+ it is called nitrito and is generally written ONO’. 
eo The isomers shown in Figure 23.20 have different 


properties. The nitro isomer is yellow, for example, 
@ Q 2 
C we 
@ 


Another ligand capable of coordinating through 
either of two donor atoms is thiocyanate, SCN7, 
whose potential donor atoms are N and S. 

Coordination-sphere isomers are isomers 
that differ in which species in the complex act as 
ligands, and which are outside the coordination 
a sphere. For example, three isomers have the formula 

CrCl;(OH2)s. When the ligands are six H,O and the 
chloride ions are in the crystal lattice (as counteri- 
ons), we have the violet compound [Cr(OH3)6]Cl;. 
When the ligands are five H2O and one Cl, with the 
sixth H2O and the two Cl out in the lattice, we have 
the green compound [Cr(OH2);C1]Cl; * H2O. The 
third isomer, [Cr(OH3)4Cl;]C1- 2 HO, is also a green 
compound. In the two green compounds, either one or two water molecules have been 
displaced from the coordination sphere by chloride ions. The displaced H,O molecules 
occupy a site in the crystal lattice. 


whereas the nitrito isomer is red. 


Nitrito isomer 


Stereoisomerism 


Stereoisomers have the same chemical bonds but different spatial arrangements. In the 
square-planar complex [Pt(NH;)2Cl2], for example, the chlorido ligands can be either 
adjacent to or opposite each other (Figure 23.21). (We saw an earlier example of this type 
of isomerism in the cobalt complex of Figure 23.8, and we will return to that complex in 
a moment.) This form of stereoisomerism, in which the arrangement of the atoms is dif- 
ferent but the same bonds are present, is called geometric isomerism. The isomer with 
like ligands in adjacent positions is the cis isomer, and the isomer with like ligands across 
from one another is the trans isomer. 

Geometric isomers generally have different physical properties and may also have 
markedly different chemical reactivities. For example, cis-[ Pt(NH3)2Cl,], also called 
cisplatin, is effective in the treatment of testicular, ovarian, and certain other cancers, 
whereas the trans isomer is ineffective. This is because cisplatin forms a chelate with two 
nitrogens of DNA, displacing the chloride ligands. The chloride ligands of the trans iso- 
mer are too far apart to form the N-Pt-N chelate with the nitrogen donors in DNA. 

Geometric isomerism is also possible in octahedral complexes when two or more dif- 
ferent ligands are present, as in the cis and trans tetraamminedichloridocobalt(II]) ion in 
Figure 23.8. Because all four corners of a tetrahedron are adjacent to one another, cis-trans 
isomerism is not observed in tetrahedral complexes. 

The second type of stereoisomerism listed in Figure 23.19 is optical isomerism. 
Optical isomers, called enantiomers, are mirror images that cannot be superimposed 
on each other. They bear the same resemblance to each other that your left hand bears to 
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your right hand. If you look at your left hand in a mirror, the image is identical 
to your right hand (Figure 23.22). No matter how hard you try, however, you 
cannot superimpose your two hands on each other. An example of a complex 
that exhibits this type of isomerism is the [Co(en)3]** ion. Figure 23.22 shows 
the two enantiomers of this complex and their mirror-image relationship. Just 
as there is no way that we can twist or turn our right hand to make it look iden- 
tical to our left, so also there is no way to rotate one of these enantiomers to 
make it identical to the other. Molecules or ions that are not superimposable on 
their mirror image are said to be chiral (pronounced KY-rul). 

The properties of two optical isomers differ only if the isomers are in a chi- 
ral environment—that is, an environment in which there is a sense of right- 
and left-handedness. A chiral enzyme, for example, might catalyze the reaction 
of one optical isomer but not the other. Consequently, one optical isomer may 
produce a specific physiological effect in the body, with its mirror image pro- 
ducing either a different effect or none at all. Chiral reactions are also extremely 
important in the synthesis of pharmaceuticals and other industrially important 
chemicals. 

Optical isomers are usually distinguished from each other by 
their interaction with plane-polarized light. If light is polarized— 
for example, by being passed through a sheet of polarizing film— 
the electric-field vector of the light is confined to a single plane 
(Figure 23.23). If the polarized light is then passed through a solution con- 
taining one optical isomer, the plane of polarization is rotated either to the 
right or to the left. The isomer that rotates the plane of polarization to the 
right is dextrorotatory; it is the dextro, or d, isomer (Latin dexter, “right”). 
Its mirror image rotates the plane of polarization to the left; it is levorota- 
tory and is the levo, or l, isomer (Latin laevus, “left”). The [Co(en)3]** iso- 
mer on the right in Figure 23.22 is found experimentally to be the / isomer of 
this ion. Its mirror image is the d isomer. Because of their effect on plane-po- 
larized light, chiral molecules are said to be optically active. 

When a substance with optical isomers is prepared in the laboratory, the 
chemical environment during the synthesis is not usually chiral. Consequently, 
equal amounts of the two isomers are obtained, and the mixture is said to be race- 
mic. A racemic mixture does not rotate polarized light because the rotatory effects 
of the two isomers cancel each other. 


W. Go Figure 


Which of these isomers has a 
nonzero dipole moment? 


cis ` 
Cl ligands adjacent to each other 
NH; ligands adjacent to each other 


trans 
Cl ligands on opposite sides of central atom 
NH; ligands on opposite sides of central atom 


A Figure 23.21 Geometric isomerism. 


Mirror Mirror 


pr 


Left hand Mirror image of left hand Enantiomers of [Co(en)3 
is identical to right hand 


A Figure 23.22 Optical isomerism. 
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A Figure 23.23 Using polarized light to detect optical activity. 


> Sample Exercise 23.4 


D Determining the Number of Geometric Isomers 


The Lewis structure :C==0: indicates that the CO molecule has two lone pairs of electrons. When CO binds to a transition-metal 
atom, it nearly always does so by using the C lone pair. How many geometric isomers are there for tetracarbonyldichloridoiron(I|)? 


SOLUTION incorrectly thought to be different isomers. If two structures can 
be rotated so that they are equivalent, they are not isomers of 
each other. The problem of identifying isomers is compounded 
by the difficulty we often have in visualizing three-dimensional 
molecules from their two-dimensional representations. It is 

Plan We can count the number of ligands to determine the sometimes easier to determine the number of isomers if we use 
coordination number of the Fe and then use the coordination three-dimensional models. 

number to predict the geometry. We can then either make a series 

of drawings with ligands in different positions to determine the 

number of isomers or deduce the number of isomers by analogy 


Analyze We are given the name of a complex containing only 
monodentate ligands, and we must determine the number of iso- 
mers the complex can form. 


to cases we have discussed. > Practice Exercise 
Solve The name indicates that the complex has four carbonyl Which of the following molecules does not have a geometric 
(CO) ligands and two chlorido (CI) ligands, so its formula is isomer? 


Fe(CO)4Cly. The complex therefore has a coordination num- 

ber of 6, and we can assume an octahedral geometry. Like 
[Co(NH3)4Cly]* (Figure 23.8), it has four ligands of one type 

and two of another. Consequently, there are two isomers possi- 
ble: one with the Cl” ligands across the metal from each other, 
trans-[Fe(CO)4Cly], and one with the CI ligands adjacent to each 
other, cis-[Fe(CO)4Cly]. 


[MX2Y9] [MX4Y9] [MX3Y5] 
(b) (c) (d) 


Comment It is easy to overestimate the number of geometric iso- 
mers. Sometimes different orientations of a single isomer are 


= Sample Exercise 23.5 
D Predicting Whether a Complex Has Optical Isomers 


Does either cis-[Co(en) Cl2|* or trans-[Co(en)2Cl2|~ have optical isomers? 


SOLUTION 

Analyze We are given the chemical formula for two geometric Plan We need to sketch the structures of the cis and trans isomers 
isomers and asked to determine whether either one has optical and their mirror images. We can draw the en ligand as two N at- 
isomers. Because en is a bidentate ligand, we know that both oms connected by an arc. If the mirror image cannot be superim- 
complexes are octahedral and both have coordination posed on the original structure, the complex and its mirror image 


number 6. are optical isomers. 


Solve 
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The trans isomer of [Co(en)2Clz]* and its mirror image are shown 
here. Notice that the mirror image of the isomer is identical to the 
original. Consequently trans-[Co(en) Cl, ]* does not exhibit opti- 
cal isomerism. 
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Mirror 
Pa 


The cis isomer of [Co(en) Cl,]* and its mirror image are shown 
here. In this case the two cannot be superimposed on each other. 
Thus, the two cis structures are optical isomers (enantiomers). We 
say that cis-[Co(en),Cl,]* is a chiral complex. 


> Practice Exercise 
Which of the following complexes has an optical isomer? 


(a) Tetrahedral [CdBr,Cl,]?~ (b) Octahedral [CoCl,(en)]*- (c) 
Octahedral [Co(NH3)4Cl, ** (d) Tetrahedral [| Co(NH3)BrClI]~ 


Self-Assessment Exercise 


23.15 


How many isomers are possible for the complex: 
[Cr(OH,),Cl,]*? 


(a) 1 
(b) 2 
(c) 3 
(d) 4 


r 
HO | NWH, 


cl OH, 
Cli, | tO, Cla, | „aw OH? 


r 
a | "OH; 
CI CI 


Exercises 


23.16 


23.17 


23.18 


Write the formula for each of the following compounds, 
being sure to use brackets to indicate the coordination 
sphere: 


(a) hexaammineiron(IJ) nitrate 

(b) tetraaquadibromidochromium (III) perchlorate 

(c) ammonium hexachloridopalladate(IV) 

(d) diammineoxolatonickel(I] 

(e) Hexaamminemolybdenum (IlI) tetrachloridocuprate(II) 
Write names for the following coordination compounds: 
(a) Na;[Fe(CN);NO] 

(b) [CoO(NHs3)5]Br 

(c) Na[NiBr4] 

(d) [Rh(OH,).][Ag(CN)2]3 

Consider the following three complexes: 

(Complex 1) [Co(NH3);SCN]?* 

(Complex 2) [Co(NH3)3Cls]** 

(Complex 3) CoClBr- SNH; 


23.19 


23.20 


23.21 


Whichofthethreecomplexescan have(a)geometricisomers, 
(b) linkage isomers, (c) optical isomers, (d) coordination- 
sphere isomers? 


Consider an octahedral complex, MA,B,. How many geo- 
metric isomers are expected for this compound? Will any of 
the isomers be optically active? If so, which ones? 


Determine if each of the following complexes exhibits 
geometric isomerism. If geometric isomers exist, deter- 
mine how many there are. (a) [Rh(bipy)(o-phen),]°**, 
(b) [Co(NH3)3(bipy)Br]?*, (c) square-planar [Pd(en)(CN)>]. 


Determine if each of the following metal complexes is chi- 
ral and therefore has an optical isomer: (a) square planar 
[Pd(en)(CN),], (b) octahedral [Ni(en)(NH,) Hige (c) octahe- 
dral cis-[V(en),CIBr]. 
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Go Figure 


23.5 | Color and Magnetism in 
Coordination Chemistry 


Studies of the colors and magnetic properties of transition-metal complexes have played 
an important role in the development of modern models for metal-ligand bonding. 
We discussed the various types of magnetic behavior of the transition metals in Section 
23.1, and we discussed the interaction of radiant energy with matter in Section 6.3. Let’s 
briefly examine the significance of these two properties for transition-metal complexes 
before we develop a model for metal-ligand bonding. 

By the end of this section, you should be able to 


e Appreciate the relationship between absorbed light and perceived color. 


Color 


In Figure 23.4, we saw the diverse range of colors seen in salts of transition-metal ions 
and their aqueous solutions. In general, the color of a complex depends on the identity 
of the metal ion, on its oxidation state, and on the ligands bound to it. Figure 23.24, for 


Is the equilibrium binding constant of ammonia for Cuil) likely to be larger 
or smaller than that of water for Cu(II)? 


[Cu(OH,)¢]** (aq) NH, (aq) [Cu(NH,) 4]** (aq) 


A Figure 23.24 The color of a coordination complex changes when the ligand changes. 
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Only blue light absorbed; 
eye perceives orange, 
blue’s complementary color 


Eye perceives orange 
since only orange light 
reflected 


A Figure 23.25 Two ways of perceiving the color orange. An object appears orange either when 
it reflects orange light to the eye (left) or when it transmits to the eye all colors except blue, the 
complement of orange (middle). Complementary colors lie opposite to each other on an artist’s 
color wheel (right). 


instance, shows how the pale blue color characteristic of [Cu(OH2)4]** changes to deep 
blue-violet as NH; ligands replace the H2O ligands to form [Cu(NH3)4]7*. 

For a substance to have color we can see, it must absorb some portion of the spec- 
trum of visible light. Absorption happens, however, only if the energy needed to move 
an electron in the substance from its ground state to an excited state corresponds to the 
energy of some portion of the visible spectrum. Thus, the particular energies of radiation 
a substance absorbs dictate the color we see for the substance. 

When an object absorbs some portion of the visible spectrum, the color we perceive 
is the sum of the unabsorbed portions, which are either reflected or transmitted by the 
object and strike our eyes. (Opaque objects reflect light, and transparent ones transmit it.) 
If an object absorbs all wavelengths of visible light, none reaches our eyes and the object 
appears black. If it absorbs no visible light, it is white if opaque or colorless if transparent. 
If it absorbs all but orange light, the orange light is what reaches our eye and therefore is 
the color we see. 

An interesting phenomenon of vision is that we also perceive an orange color when 
an object absorbs only the blue portion of the visible spectrum and all the other colors 
strike our eyes. This is because orange and blue are complementary colors, which 
means that the removal of blue from white light makes the light look orange (and the 
removal of orange makes the light look blue). 

Complementary colors can be determined with an artist’s color wheel, which shows 
complementary colors on opposite sides (Figure 23.25). 

The amount of light absorbed by a sample as a function of wavelength is known 
as the sample’s absorption spectrum. The visible absorption spectrum of a trans- 
parent sample can be determined using a spectrometer, as described in the “A Closer 
Look” box on page 667. The absorption spectrum of the ion [Ti(H20)6]?* is shown in 
Figure 23.26. The absorption maximum is at 500 nm, but the graph shows that much 
of the yellow, green, and blue light is absorbed. Because the sample absorbs all of these 
colors, what we see is the unabsorbed red and violet light, which we perceive as purple 
(the color purple is classified as a tertiary color located between red and violet on an 
artist’s color wheel). 


Magnetism of Coordination Compounds 


Many transition-metal complexes exhibit paramagnetism, as described in Sections 9.8 
and 23.1. In such compounds, the metal ions possess some number of unpaired elec- 
trons. It is possible to experimentally determine the number of unpaired electrons per 
metal ion from the measured degree of paramagnetism, and experiments reveal some 
interesting comparisons. 

Compounds of the complex ion [Co(CN).]*" have no unpaired electrons, for example, 
but compounds of the [CoF,]*" ion have four unpaired electrons per metal ion. Both com- 
plexes contain Co(II) with a 3d° electron configuration. Clearly, there is a major difference 
in the ways in which the electrons are arranged in these two cases. Any successful bonding 
theory must explain this difference, and we present such a theory in the next section. 


W Go Figure 


How would this absorbance 
spectrum change if you decreased 
the concentration of the [Ti(H20)6]?* 
in solution? 


Blue, green, yellow 
absorbed; a mixture of 
violet and red light travel 
to the eye, solution 
appears purple 


Absorbance 


400 500 600 700 
Wavelength (nm) 


A Figure 23.26 The color of [Ti(H20)6]? + 
A solution containing the [Ti(H0).]>* 

ion appears purple because, as its visible 
absorption spectrum shows, the solution 
does not absorb light from the violet 

and red ends of the spectrum. That 
unabsorbed light is what reaches our eyes. 
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= Sample Exercise 23.6 


D Relating Color Absorbed to Color Observed 


The complex ion trans-[Co(NH3)4Cl2]* absorbs light primarily in the red region of the visible spectrum (the most intense 
absorption is at 680 nm). What is the color of the complex ion? 


SOLUTION 


Analyze We need to relate the color absorbed by a complex (red) to 
the color observed for the complex. 


Plan For an object that absorbs only one color from the visible 
spectrum, the color we see is complementary to the color ab- 
sorbed. We can use the color wheel of Figure 23.25 to determine 
the complementary color. 


Absorbance 


Solve From Figure 23.25, we see that green is complementary to 
red, so the complex appears green. 


Comment As noted in Section 23.2, this green complex was one 
of those that helped Werner establish his theory of coordina- 400 500 600 AL 
tion (Table 23.3). The other geometric isomer of this complex, Wavelength (nm) 
cis-[Co(NH3)4Cl,]*, absorbs yellow light and therefore appears 
violet. What color would you expect a solution containing this ion 
to be? (a) violet (b) blue (c) green (d) orange (e) red 

> Practice Exercise 

A solution containing a certain transition-metal complex ion 

has the absorption spectrum shown here. 


Self-Assessment Exercise 


23.22 What is the electron configuration and number of un- (c) Co: [Ar] 4s? 4d’; 3 unpaired electrons. Co**: [Ar] 4d°; 
paired electrons in a Co atom and Co** ion? 4 unpaired electrons. 
(a) Co: [Ar] 4s? 3d’; 3 unpaired electrons. Cot: [Ar] 3d°; (d) Co: [Ar] 4s? 3d’; 3 unpaired electrons. Co**: [Ar] 4s? 34; 
0 unpaired electrons. 4 unpaired electrons. 
(b) Co: [Ar] 4s? 3d’; 3 unpaired electrons. Co**: [Ar] 3d°; 
4 unpaired electrons. 
Exercises 
23.23 (a) A complex absorbs photons with an energy of 23.24 Identify each of the following coordination complexes as 
4.51 x 107!9J. What is the wavelength of these photons? either diamagnetic or paramagnetic: 
(b) If this is the only place in the visible spectrum where (a) [ZnBry)]?- 


the complex absorbs light, what color would you expect 
the complex to be? 


(b) [Mn(H,0),]?* 
(c) OsO4 
(d) [Ptc] 


(a) zz'ez 


A 
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23.6 | Crystal-Field Theory 


Ruby and emerald are allochromatic minerals. This means that their color arises from 
a trace impurity rather than from the bulk of the material. In these two cases it is the 
substitution of ~1% of the Al** in the crystal lattice by Cr** that gives the red color of a 
ruby and the green of an emerald. Why such different colors if they both arise from the 
same transition metal ion? The answer lies, in part, with the nature of the crystal lattice 
around the chromium ion. Ruby is composed of Al,O,, which is colorless when pure. 
The lattice is compact and the distance between O and a Cr" ion is relatively short, 
resulting in a strong interaction and absorption of green light (giving the red appear- 
ance). In emerald, which is composed of Be,Al1,Si,Oj., the lattice is expanded and there 
is a longer O—Cr*" distance. This means less interaction with the Cr** ion and lower-en- 
ergy red light is absorbed giving a green appearance to the mineral. 

In this section, we discuss a model that explains the wide variety of colors observed 
in transition metal compounds. By the end of this section, you should be able to 


e Predict the number of unpaired electrons in a transition metal complex. 
e Use the spectrochemical series to qualitatively predict the crystal-field splitting in a 
complex. 


Scientists have long recognized that many of the magnetic properties and colors of 
transition-metal complexes are related to the presence of d electrons in the metal cat- 
ion. In this section, we consider a model for bonding in transition-metal complexes, 
crystal-field theory, that accounts for many of the observed properties of these sub- 
stances.* Because many predictions of crystal-field theory are qualitatively the same 
as those obtained with more advanced molecular-orbital theories, crystal-field theory 
is an excellent place to start in considering the electronic structure of coordination 
compounds. 

The attraction of a ligand to a metal ion is essentially a Lewis acid-base interaction in 
which the base—that is, the ligand—donates a pair of electrons to an empty orbital on the 
metal ion (Figure 23.27). Much of the attractive interaction between the metal ion and the 
ligands is due, however, to the electrostatic forces between the positive charge on the metal 
ion and negative charges on the ligands. An ionic ligand, such as Cl” or SCN, experiences 
the usual cation-anion attraction. When the ligand is a neutral molecule, as in the case 
of H20 or NH3, the negative ends of these polar molecules, which contain an unshared 
electron pair, are directed toward the metal ion. In this case, the attractive interaction is of 


*The name crystal-field arose because the theory was first developed to explain the properties of 
solid crystalline materials. The theory applies equally well to complexes in solution, however. 
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N 
mE @ 
A Figure 23.27 Metal-ligand bond 
formation. The ligand acts as a Lewis base 
by donating its nonbonding electron pair 
to an empty orbital on the metal ion. The 


bond that results is strongly polar with some 
covalent character. 
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Energy 


Free metal ion 


an octahedral crystal-field. 


| 


Metal ion plus 


ligands (negative Y 


point charges 
with spherical 
symmetry) 


i 
T 
| 

i 


D4 ATE which d orbitals have lobes that point directly toward the ligands in an 
octahedral crystal-field? 


— eset (d,2, dy2_y2) 


\ 


HP tz set (dyy dyz dyz) 


In octahedral 
crystal field 


dey 


A Figure 23.28 Energies of d orbitals in a free metal ion, a spherically symmetric crystal-field, and 


the ion-dipole type. In either case, the ligands are attracted strongly toward the metal ion. 
Because of the metal-ligand electrostatic attraction, the energy of the complex is lower 
than the combined energy of the separated metal ion and ligands. 

Although the metal ion is attracted to the ligand electrons, the metal ion’s d elec- 
trons are repulsed by the ligands. Let’s examine this effect more closely, specifically the 
case in which the ligands form an octahedral array around a metal ion that has coordina- 
tion number 6. 

In crystal-field theory, we consider the ligands to be negative points of charge that 
repel the negatively charged electrons in the d orbitals of the metal ion. The energy dia- 
gram in Figure 23.28 shows how these ligand point charges affect the energies of the d 
orbitals. First, we imagine the complex as having all the ligand point charges uniformly 
distributed on the surface of a sphere centered on the metal ion. The average energy of 
the metal ion’s d orbitals is raised by the presence of this uniformly charged sphere. 
Hence, the energies of all five d orbitals are raised by the same amount. 

This energy picture is only a first approximation, however, because the ligands are 
not distributed uniformly on a spherical surface and, therefore, do not approach the 
metal ion equally from every direction. Instead, we envision the six ligands approach- 
ing along x-, y-, and z-axes, as shown on the right in Figure 23.28. This arrangement of 
ligands is called an octahedral crystal-field. Because the metal ion’s d orbitals have dif- 
ferent orientations and shapes, they do not all experience the same repulsion from the 
ligands and, therefore, do not all have the same energy under the influence of the octa- 
hedral crystal-field. To see why, we must consider the shapes of the d orbitals and how 
their lobes are oriented relative to the ligands. 

Figure 23.28 shows that the lobes of the d,2 and d,2_,2 orbitals are directed along 
the x-, y-, and z-axes and so point directly toward the ligand point charges. The lobes of 
the d,,, d,,, and d,, orbitals, however, are directed between the axes and so do not point 
directly toward the charges. The result of this difference in orientation—d,_,2 and d;2 
lobes point directly toward the ligand charges; d,,, dxz, and d,, lobes do not—is that an 
electron residing in either the d,2_,2 or d,2 orbitals feels more repulsion from the nega- 
tively charged ligands. Hence the energy of the dy_,2 and dz? orbitals is higher than the 
energy of the dy, d,z, and d,, orbitals. This difference in energy is represented by the red 
boxes in the energy diagram of Figure 23.28. 


W Go Figure How would you calculate the energy gap between the t and 
e orbitals from this diagram? 


| Light l e 


The three lower-energy d orbitals are called the t, set of orbitals, and the two higher- 
energy ones are called the e set.* The energy gap A between the two sets is called the 
crystal-field splitting energy. 

It might seem like the energy of the d,2_,2 orbital should be different from that of 
the d, orbital because the d,2_ 2 has four lobes pointing at ligands and the d, has only 
two lobes pointing at ligands. However, the d, orbital does have electron density in the 
xy plane, represented by the ring encircling the point where the two lobes meet. More 
advanced calculations show that two orbitals do indeed have the same energy in the 
presence of the octahedral crystal-field. 

Crystal-field theory helps us account for the colors observed in transition-metal 
complexes. The energy gap A between the e and t, sets of d orbitals is of the same order 
of magnitude as the energy of a photon of visible light. It is therefore possible for a 
transition-metal complex to absorb visible light that excites an electron from a lower-en- 
ergy (t2) d orbital into a higher-energy (e) d orbital. In [Ti(OH2)6]*", for example, the Ti(1D 
ion has an [Ar]3d! electron configuration. (Recall from Section 7.4 that when determin- 
ing the electron configurations of transition-metal ions, we remove the s electrons first.) 
Ti(III) is thus called a d! ion. In the ground state of [Ti(OH2)6]*", the single 3d electron 
resides in an orbital in the t, set (Figure 23.29). Absorption of 495 nm light excites this 
electron up to an orbital in the e set, generating the absorption spectrum shown in Fig- 
ure 23.26. Because this transition involves exciting an electron from one set of d orbitals 
to the other, we call it a d-d transition. As noted earlier, the absorption of visible radia- 
tion that produces this d-d transition causes the [Ti(H2O)¢]** ion to appear purple. 

The magnitude of the crystal-field splitting energy and, consequently, the color 
of a complex depend on both the metal and the ligands. For example, we saw in Fig- 
ure 23.4 that the color of [M(OH ).]”* complexes changes from reddish-pink when the 
metal ion is Co*, to green for Ni?*, to pale blue for Cu". If we change the ligands in 
the [Ni(OH2)¢]** ion, the color also changes. [Ni(NH3),]** has a blue-violet color, while 
[Ni(en)3]** is purple (Figure 23.30). In a ranking called the spectrochemical series, 
ligands are arranged in order of their abilities to increase the crystal-field splitting energy, 
as in this abbreviated list: 


— Increasing A —> 
Cl’ < F < HO < NH; < en < NO; (N-bonded) < CN™ 


The magnitude of A increases by roughly a factor of 2 from the far left to the far right 
of the spectrochemical series. Ligands at the low-A end of the spectrochemical series are 
termed weak-field ligands; those at the high-A end are termed strong-field ligands. 

Let’s take a closer look at the colors and crystal-field splitting as we vary the ligands 
for the series of Ni?* complexes discussed earlier. Because the Ni atom has an [Ar]3d°45” 
electron configuration, Ni?* has the configuration [Ar]3d° and therefore is a d8 ion. The 
t, set of orbitals holds six electrons, two in each orbital, while the last two electrons go 
into the e set of orbitals. Consistent with Hund’s rule, each e orbital holds one electron 
and both electrons have the same spin. 


*The labels t, for the d,,, d,,, and d,, orbitals and e for the d, and d,29,2 orbitals come from the 
application of a branch of mathematics called group theory to crystal-field theory. Group theory 
can be used to analyze the effects of symmetry on molecular properties. 
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< Figure 23.29 The d-d transition in 
[Ti(H20)¢]°* is produced by the absorption 
of 495-nm light. 
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W CONTEC if you were to use a ligand L that was a stronger field ligand 
than ethylenediamine, what color would you expect the 
[NiL,]2* complex ion to have? 


1 (1 |. Sle 


Energy 


L, AUM aa 


[Ni(OH,),]°* [Ni(NH,),]?* [Ni(en),]** 
Max absorption in Max absorption in Max absorption in 
the visible at 720 nm the visible at570 nm the visible at 545 nm 


105 


A Figure 23.30 Effect of ligand on crystal-field splitting. The greater the crystal-field strength of 
the ligand, the greater the energy gap A it causes between the t, and e sets of the metal ion’s 
orbitals. This shifts the wavelength of the absorption maximum to shorter values. 


ty 


As the ligand changes from H20 to NH; to ethylenediamine, the spectrochemi- 
cal series tells us that the crystal-field, A, exerted by the six ligands should increase. 
When there is more than one electron in the d orbitals, interactions between the elec- 
trons make the absorption spectra more complicated than the spectrum shown for 
[Ti(H20)6]?* in Figure 23.26, which complicates the task of relating changes in A with 
color. With d’ ions like Ni?* three peaks are observed in the absorption spectra. For- 
tunately, for Ni2* complexes we can simplify the analysis because only one of these 
three peaks falls in the visible region of the spectrum.* Because the energy separa- 
tion A is increasing, the wavelength of the absorption peak should shift to a shorter 
wavelength. In the case of [Ni(OH)),|** the absorption peak in the visible part of the 
spectrum reaches a maximum near 720 nm, in the red region of the spectrum. So the 
complex ion takes the complementary color—green. For [Ni(NH3)¢|** the absorption 
peak reaches its maximum at 570 nm near the boundary between orange and yellow. 
The resulting color of the complex ion is a mixture of the complementary colors— 
blue and violet. Finally, for [Ni(en)3]?* the peak shifts to an even shorter wavelength, 
540 nm, which lies near the boundary between green and yellow. The resulting color 
purple is a mixture of the complementary colors red and violet. 


Electron Configurations in Octahedral Complexes 


Crystal-field theory helps us understand the magnetic properties and some important 
chemical properties of transition-metal ions. From Hund’s rule, we expect electrons to 
always occupy the lowest-energy vacant orbitals first and to occupy a set of degenerate 
(same-energy) orbitals one at a time with their spins parallel. Thus, if we have a d!, d’, 
or d? octahedral complex, the electrons go into the lower-energy t, orbitals, with 
their spins parallel. When a fourth electron must be added, we have the two choices 
shown in Figure 23.31: The electron can either go into an e orbital, where it will be the 
sole electron in the orbital or become the second electron in a t, orbital. Because the 


*The other two peaks fall in the infrared (IR) and ultraviolet (UV) regions of the spectrum. For 
[Ni(H20).,]?* the IR peak is found at 1176 nm and the UV peak at 388 nm. 
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A Figure 23.31 Two possibilities for adding a fourth electron to a d? octahedral complex. Whether 
the fourth electron goes into a t orbital or into an e orbital depends on the relative energies of the 
crystal-field splitting energy and the spin-pairing energy. 


energy difference between the t, and e sets is the splitting energy A, the energy cost of 
going into an e orbital rather than a t, orbital is also A. Thus, the goal of filling lowest- 
energy available orbitals first is met by putting the electron in a t, orbital. 

There is a penalty for doing this, however, because the electron must now be paired 
with the electron already occupying the orbital. The difference between the energy 
required to pair an electron in an occupied orbital and the energy required to place that 
electron in an empty orbital is called the spin-pairing energy. The spin-pairing energy 
arises from the fact that the electrostatic repulsion between two electrons that share an 
orbital (and so must have opposite spins) is greater than the repulsion between two elec- 
trons that are in different orbitals and have parallel spins. 

In coordination complexes, the nature of the ligands and the charge on the metal 
ion often play major roles in determining which of the two electron arrangements shown 
in Figure 23.31 is used. In [CoF,]?~ and [Co(CN),]*~, both ligands have a 1— charge. 
The F` ion, however, is on the low end of the spectrochemical series, so it is a weak-field 
ligand. The CN” ion is on the high end and so is a strong-field ligand, which means it 
produces a larger energy gap A than the F ion. The splittings of the d-orbital energies in 
these two complexes are compared in Figure 23.32. 

Cobalt(III) has an [Ar]3d° electron configuration, so both complexes in Figure 23.32 
are d° complexes. Let’s imagine that we add these six electrons one at a time to the d 
orbitals of the [CoF,]?~ ion. The first three go into the t, orbitals with their spins par- 
allel. The fourth electron could pair up in one of the t, orbitals. The F` ion is a weak- 
field ligand, however, and so the energy gap A between the t, set and the e set is small. In 
this case, the more stable arrangement is the fourth electron in one of the e orbitals. By 
the same energy argument, the fifth electron goes into the other e orbital. With all five d 
orbitals containing one electron, the sixth must pair up, and the energy needed to place 
the sixth electron in a tz orbital is less than that needed to place it in an e orbital. We end 
up with four t, electrons and two e electrons. 

Figure 23.32 shows that the crystal-field splitting energy A is much larger in the 
[Co(CN).]?~ complex. In this case, the spin-pairing energy is smaller than A, so the 
lowest-energy arrangement is to place all six electrons in the t, orbitals. 

The [CoF,]*~ complex is a high-spin complex; that is, the electrons are arranged 
so that they remain unpaired as much as possible. The [Co(CN)¢]?~ ion is a low-spin 
complex; that is, the electrons are arranged so that they remain paired as much as pos- 
sible while still following Hund’s rule. These two electronic arrangements can be readily 
distinguished by measuring the magnetic properties of the complex. Experiments show 
that [CoF,]?~ has four unpaired electrons and is paramagnetic, while [Co(CN)¢]?~ has no 
unpaired electrons and is diamagnetic. The absorption spectrum also shows peaks corre- 
sponding to the different values of A in these two complexes. 


A less than spin- 
pairing energy, 
electrons singly 
occupy each e 
orbital before 
pairing in the t> 
orbitals. 


A greater than 
spin-pairing 
energy, to 
orbitals are filled 
with electrons 
before occupying 
the e orbitals. 


e 
E3 Mik A A 
a| Es 
[CoF,]>~ 
High-spin il il! il! to 
complex [Co(CN),]>~ 
Low-spin 


complex 


A Figure 23.32 High-spin and low-spin 
complexes. The high-spin [CoF6]?7 ion 
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has a weak-field ligand and so a small A 
value. The low-spin [Co(CN)¢]*~ ion has a 
strong-field ligand and so a large A value. 
Because [CoF,]®~ has unpaired electrons 
it is paramagnetic, while [Co(CN),]°~ is 
diamagnetic. 
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In the transition metal ions of Periods 5 and 6 (which have 4d and 5d valence elec- 
trons), the d orbitals are larger than in the Period 4 ions (which have only 3d electrons). 
Thus, ions from Periods 5 and 6 interact more strongly with ligands, resulting in a larger 
crystal-field splitting. Consequently, metal ions in Periods 5 and 6 are invariably low spin in 
an octahedral crystal-field. 


a Sample Exercise 23.7 
D The Spectrochemical Series, Crystal-Field Splitting, Color, and Magnetism 


The compound hexaamminecobalt(III) chloride is diamagnetic and orange in color with a single absorption peak in its visible 
absorption spectrum. (a) What is the electron configuration of the cobalt(III) ion? (b) Is [Co(NH3)¢]°~ a high-spin complex or a 
low-spin complex? (c) Estimate the wavelength where you expect the absorption of light to reach a maximum? (d) What color and 
magnetic behavior would you predict for the complex ion [Co(en)3]?*? 


SOLUTION (c) Weare told that the compound is orange and has a single 
absorption peak in the visible region of the spectrum. The 
compound must therefore absorb the complementary color 
of orange, which is blue. The blue region of the spectrum 
ranges from approximately 430 nm to 490 nm. As an estimate 
we assume that the complex ion absorbs somewhere in the 
middle of the blue region, near 460 nm. 


Analyze We are given the color and magnetic behavior of an octahe- 

dral complex containing Co with a +3 oxidation number. We need 

to use this information to determine its electron configuration, its 

spin state (low-spin or high-spin), and the color of light it absorbs. 

In part (d), we must use the spectrochemical series to predict how its 
properties will change if NH3 is replaced by ethylenediamine (en). 

(d 


Rar] 


Ethylenediammine is higher in the spectrochemical 

series than ammonia. Therefore, we expect a larger A for 
[Co(en)3]**. Because A was already greater than the spin- 
pairing energy for [Co(NH3)¢]**, we expect [Co(en)3]** to be 

a low-spin complex as well, with a dê configuration, so it will 
also be diamagnetic. The wavelength at which the complex 
absorbs light will shift to higher energy. If we assume a shift in 
the absorption maximum from blue to violet, the color of the 
complex will become yellow. 


Plan (a) From the oxidation number and the periodic table we can 
determine the number of valence electrons for Co(II), and from 
that we can determine the electron configuration. (b) The magnetic 
behavior can be used to determine whether this compound is a 
low-spin or high-spin complex. (c) Since there is a single peak in the 
visible absorption spectrum, the color of the compound should be 
complementary to the color of light that is absorbed most strongly. 
(d) Ethylenediamine is a stronger field ligand than NHs3, so we ex- 
pect a larger A for [Co(en)3]** than for [Co(NH3)¢]**. 


Solve Comment The compound [Co(en),]Cl,, which contains the 
[Co(en)3]** ion, was made and studied by Alfred Werner. This 


A 2 T 3+ 
(a) Co has an electron configuration of [ Ar]4s“3d’, and Co’ has compound forms diamagnetic, golden-yellow crystals. 


three fewer electrons than Co. Because transition-metal ions 
always lose their valence shell s electrons, the electron config- 
uration of Co** is [Ar]3d°. 


(b 


= 


There are six valence electrons in the d orbitals. The filling of 
the t, and e orbitals for both high-spin and low-spin com- 
plexes is shown here. Because the compound is diamagnetic, 
we know all of the electrons must be paired up, which allows 
us to determine that [Co(NH;)6]?* is a low-spin complex. 


> Practice Exercise 
Which of the following octahedral complex ions will have 


the fewest number of unpaired electrons? 
(a) [Cr(OH3)6]?* (b) [V(H20)¢]?* (c) [FeFs]? (d) [RhC16]’7 


ea ’ 47111. (e) [Ni(NH3)6]** 
i i 
AUM AUN T ha 
Low spin High spin 


Tetrahedral and Square-Planar Complexes 


Thus far we have considered crystal-field theory only for complexes having an octahe- 
dral geometry. When there are only four ligands in a complex, the geometry is gener- 
ally tetrahedral, except for the special case of d8 metal ions, which we will discuss in a 
moment. 

The crystal-field splitting of d orbitals in tetrahedral complexes differs from that 
in octahedral complexes. Four equivalent ligands can interact with a central metal ion 


rit il + ty set (dry, Ay, dyz) 


AAHH K A 
\ 
In spherical pa | 
crystal field “LHF eset (dz, d2_y) 
In tetrahedral 
crystal field 


A Figure 23.33 Energies of the d orbitals in a tetrahedral crystal-field. The splitting of the e and tz 
sets of orbitals is inverted with respect to the splitting associated with an octahedral crystal-field. 
The crystal-field splitting energy A is smaller than it is in an octahedral crystal-field. 


most effectively by approaching along the vertices of a tetrahedron. In this geometry the 
lobes of the two e orbitals point toward the edges of the tetrahedron, exactly in between 
the ligands (Figure 23.33). This orientation keeps the d,2_,2 and d; as far from the ligand 
point charges as possible. Consequently, these two d orbitals experience less repulsion 
from the ligands and lie at lower energy than the other three d orbitals. The three tz 
orbitals do not point directly at the ligand point charges, but they do come closer to the 
ligands than the e set, and as a result they experience more repulsion and are higher in 
energy. As we see in Figure 23.33, the splitting of d orbitals in a tetrahedral geometry is 
the opposite of what we find for the octahedral geometry, namely, the e orbitals are now 
below the t, orbitals. The crystal-field splitting energy A is much smaller for tetrahedral 
complexes than it is for comparable octahedral complexes, in part because there are fewer 
ligand point charges in the tetrahedral geometry, and in part because neither set of orbit- 
als has lobes that point directly at the ligands. Calculations show that for the same metal 
ion and ligand set, A for the tetrahedral complex is only four-ninths as large as for the 
octahedral complex. For this reason, nearly all tetrahedral complexes are high spin; the 
crystal-field splitting energy is never large enough to overcome the spin-pairing energies. 

In a square-planar complex, four ligands are arranged about the metal ion such 
that all five species are in the xy plane. The resulting energy levels of the d orbitals are 
illustrated in Figure 23.34. Note in particular that the d,2 orbital is considerably lower in 
energy than the d,2_,2 orbital. To understand why this is so, recall from Figure 23.28 that 
in an octahedral field the d; orbital of the metal ion interacts with the ligands positioned 
above and below the xy plane. There are no ligands in these two positions in a square- 
planar complex, which means that the d» orbital experiences less repulsion and so 
remains in a lower-energy, more stable state. 

Square-planar complexes are characteristic of metal ions with a d° electron config- 
uration. They are nearly always low spin, with the eight d electrons spin-paired to form 
a diamagnetic complex. This pairing leaves the d,2_,2 orbital empty. Such an electronic 
arrangement is particularly common among the d’ ions of Periods 5 and 6, such as 
Pd?*, Pt?*, Ir*, and Au**. 

Crystal-field theory can be used to explain many observations in addition to those 
we have discussed. The theory is based on electrostatic interactions between ions and 
atoms, which essentially means ionic bonds. Many lines of evidence show, however, that 
the bonding in complexes must have some covalent character. Therefore, molecular- 
orbital theory can also be used to describe the bonding in complexes, but the application 
of molecular-orbital theory to coordination compounds is beyond the scope of our dis- 
cussion. Crystal-field theory, although not entirely accurate in all details, provides an ade- 
quate and useful first description of the electronic structure of complexes. 
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For which d orbital(s) do the lobes 
point directly at the ligands in a 
square-planar crystal-field? 
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A Figure 23.34 Energies of the d orbitals 
in a square-planar crystal-field. 
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= Sample Exercise 23.8 


SOLUTION 


Analyze We are given two complexes containing Ni?” and their 
magnetic properties. We are given two molecular geometry 
choices and asked to use crystal-field splitting diagrams from the 
text to determine which complex has which geometry. 


Plan We need to determine the number of d electrons in Ni? and 
then use Figure 23.33 for the tetrahedral complex and Figure 23.34 
for the square-planar complex. 


Solve Nickel(II) has the electron configuration [Ar]3d°. With 
very few exceptions tetrahedral complexes are high spin and 
square-planar complexes are low spin. Therefore, the population 
of the d orbitals in the two geometries is 
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D Populating d Orbitals in Tetrahedral and Square-Planar Complexes 


Nickel(II) complexes in which the metal coordination number is 4 can have either square-planar or tetrahedral geometry. 
[NiCl4]^ is paramagnetic, and [Ni(CN)q]* is diamagnetic. One of these complexes is square planar, and the other is tetrahedral. 
Use the relevant crystal-field splitting diagrams in the text to determine which complex has which geometry. 


The tetrahedral complex has two unpaired electrons, and the 
square-planar complex has none. We know from Section 23.1 that 
the tetrahedral complex must be paramagnetic and the square pla- 
nar must be diamagnetic. Therefore, [NiCl,]*~ is tetrahedral, and 
[Ni(CN),4]?~ is square planar. 


Comment Nickel(II) forms octahedral complexes more frequently 
than square-planar ones, whereas dë metals from Periods 5 and 6 
tend to favor square-planar coordination. 


> Practice Exercise 
How many unpaired electrons do you predict for the tetrahe- 
dral [MnCl,]?~ ion? 
(a) 1, (b) 2, (c) 3, (d) 4, (e) 5. 


A CLOSER LOOK HECERA [hy 


KMnO; 


KCrO, 


A Figure 23.35 The colors of compounds can arise from charge-transfer transitions. KMnO, and 
KCrO; are colored due to ligand-to-metal charge-transfer transitions in their anions. Higher 
energy ultraviolet photons are needed to excite the charge-transfer transition in the 


perchlorate ion, therefore KCIO, is white. 


In the laboratory portion of your course, you have probably seen many 
colorful transition-metal compounds, including those shown in Fig- 
ure 23.35. Many of these compounds are colored because of d-d transi- 
tions. Some colored complexes, however, including the violet perman- 
ganate ion, MnO, , and the yellow chromate ion, CrO, derive their 
color from a different type of excitation involving the d orbitals. 

The permanganate ion strongly absorbs visible light, with a 
maximum absorption at 565 nm. Because violet is complementary 
to yellow, this strong absorption in the yellow portion of the visible 
spectrum is responsible for the violet color of salts and solutions 


of the ion. What is happening during this absorption of light? The 
MnO, ion is a complex of Mn(VII). Because Mn(VII) has a [Ar]3d° 
electron configuration, the absorption cannot be due to a d-d transi- 
tion because there are no d electrons to excite! That does not mean, 
however, that the d orbitals are not involved in the transition. The 
excitation in the MnO, ion is due to a charge-transfer transition, in 
which an electron on one oxygen ligand is excited into a vacant d 
orbital on the Mn ion (Figure 23.36). In essence, an electron is trans- 
ferred from a ligand to the metal, so this transition is called a ligand- 
to-metal charge-transfer (LMCT) transition. 
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An LMCT transition is also responsible for the color of the Empty Mn 3d orbitals 
CrO, , which contains the Cr(VI) ion with an [Ar]3d° electron 
configuration. == j set 


Also shown in Figure 23.35 is a salt of the perchlorate ion 
(ClO, ). Like MnO, , ClO, is tetrahedral and has its central atom in 
the +7 oxidation state. However, because the Cl atom does not have 


Energy 


low-lying d orbitals, exciting an electron from O to Cl requires a more == est 
energetic photon than does it in MnO,. The first absorption for 
ClO, is in the ultraviolet portion of the spectrum, so no visible light 
is absorbed and the salt appears white. 4 = +t + 
Other complexes exhibit charge-transfer excitations in which 
an electron from the metal atom is excited to an empty orbital on a Filled ligand orbitals 


ligand. Such an excitation is called a metal-to-ligand charge-transfer 
(MLCT) transition. 

Charge-transfer transitions are generally more intense than d-d 
transitions. Many metal-containing pigments used for oil painting, 
such as cadmium yellow (CdS), chrome yellow (PbCrO,), and red ochre 
(Fe,O3), have intense colors because of charge-transfer transitions. 

Related Exercises: 23.96, 23.97 


A Figure 23.36 Ligand-to-metal charge-transfer transition in MnO, . 
As shown by the blue arrow, an electron is excited from a nonbonding 
orbital on O into one of the empty d orbitals on Mn. 


Self-Assessment Exercise 


23.25 Using the spectrochemical series as a guide, predict how (a) 1 

many unpaired d-electrons are in the complex: [FeBr,]>-. (b) 3 
(c) 5 
Exercises 

23.26 The lobes of which d orbitals point directly between 23.30 Fora given metal ion and set of ligands, is the crystal-field split- 
the ligands in (a) octahedral geometry, (b) tetrahedral ting energy larger for a tetrahedral or an octahedral geometry? 
geometry? 23.31 For each of the following metals, write the electronic con- 

23.27 As shown in Figure 23.26, the d-d transition of [Ti(OH»)¢]* figuration of the atom and its 3+ ion: (a) Fe, (b) Mo, (c) Co. 
produces an absorption maximum at a wavelength Draw the crystal-field energy-level diagram for the d 
of about 500 nm. (a) What is the magnitude of A for orbitals of an octahedral complex, and show the placement 
[Ti(OH2)¢]>* in kJ/mol? (b) How would the magnitude of of the d electrons for each 3+ ion, assuming a weak-field 
A change if the H20 ligands in [Ti(OH2),]** were replaced complex. How many unpaired electrons are there in each 
with NH; ligands? case? 

23.28 The color and wavelength of the absorption maxi- 23.32 Draw the crystal-field energy-level diagrams and show 
mum for [Ni(H,0)¢]**, [Ni(NH3),]?*, and [Ni(en)3]?* are the placement of electrons for the following com- 
given in Figure 23.30. The absorption maximum for the plexes: (a) [VCl,]*", (b) [FeF,]*" (a high-spin complex), 
[Ni(bipy)3]7* ion occurs at about 520 nm. (a) What color (c) [Ru(bipy)3]?* (a low-spin complex), (d) [NiCl4]?~ (tetra- 
would you expect for the [Ni(bipy)3]** ion? (b) Based on hedral), (e) [PtBr¢]?”, (£) [Ti(en)3]?". 
these data, where would you put bipy in the spectrochemi- 23.33 The ion [Fe(CN),]* has one unpaired electron, whereas 
cal series? [Fe(NCS),]*>" has five unpaired electrons. From these 

23.29 Give the number of (valence) d electrons associated with results, what can you conclude about whether each com- 
the central metal ion in each of the following complexes: plex is high spin or low spin? What can you say about the 
(a) [Cr(OH2)6]Cl;, (b) [Zr(OH2)6]SO4, (c) Naz[CuCl,], placement of NCS in the spectrochemical series? 


(d) (NH4)2[ Ni(CO3)2(H20)2], (e) K3[ Fe(CN)g] 


9S1919Xq JUBWSSASSY-}|9S 0} SIƏMSUY 


y 


ag Sample Integrative Exercise 


PF Putting Concepts Together 


The oxalate ion has the Lewis structure shown in Table 23.4. (a) Show the geometry of the complex formed when this ion 
complexes with cobalt(II) to form [Co(C20,4)(H20)4]. (b) Write the formula for the salt formed when three oxalate ions complex 
with Co(II), assuming that the charge-balancing cation is Na*. (c) Sketch all the possible geometric isomers for the cobalt 
complex formed in part (b). Are any of these isomers chiral? Explain. (d) The equilibrium constant for the formation of the 


Continued 
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cobalt(II) complex produced by coordination of three oxalate anions, as in part (b), is 5.0 x 10%, and the equilibrium constant 
for formation of the cobalt(II) complex with three molecules of ortho-phenanthroline (Table 23.4) is 9 x 101°. From these 
results, what conclusions can you draw regarding the relative Lewis base properties of the two ligands toward cobalt(II)? (e) Using 
the approach described in Sample Exercise 17.14, calculate the concentration of free aqueous Co(II) ion in a solution initially 
containing 0.040 M oxalate (aq) and 0.0010 M Co**(aq). 


SOLUTION 


(a) The complex formed by coordination of one oxalate ion is 
octahedral: 


(b) Because the oxalate ion has a charge of 2—, the net charge of 
a complex with three oxalate anions and one Co?” ion is 4-. 
Therefore, the coordination compound has the formula: Na,[Co(C204)3| 


(c) There is only one geometric isomer. The complex is chiral, 
however, in the same way the [Co(en)3]** complex is chiral 
(Figure 23.22). The two mirror images are not superimposable, 
so there are two enantiomers: 


(d 


Ye 


The ortho-phenanthroline ligand is bidentate, like the oxa- 
late ligand, so they both exhibit the chelate effect. Thus, we 
conclude that ortho-phenanthroline is a stronger Lewis base 
toward Co”* than oxalate. This conclusion is consistent with 
what we learned about bases in Section 16.6, that nitrogen 
bases are generally stronger than oxygen bases. (Recall, for ex- 
ample, that NH; is a stronger base than H30.) 


(e) The equilibrium we must consider involves 3 mol of oxalate 
ion (represented as Ox). Co% (aq) + 3 Ox% (aq) == [Co(Ox)3]* (aq) 


f pane [[Co(Ox)3]*7] 
The formation-constant expression 1S: Kr = [Co [Oox 
O X 


Because K; is so large, we can assume that essential- 

ly all the Co”* is converted to the oxalato complex. 

Under that assumption, the final concentration of 

[Co(Ox)3]*" is 0.0010 M and that of oxalate ion is 

[Ox?-] = (0.040) — 3(0.0010) = 0.037 M (three Ox? ions 

react with each Co** ion). We then have: [Co**] = x M, [Ox?"] = 0.037 M, [[Co(Ox)3]*7] = 0.0010 M 


Inserting these values into the equilibrium-constant expres- (0.0010) 
sion, and solving for x, we obtain 4 x 107° M. From this, we B x(0.037)3 = 
see that the oxalate has complexed all but a tiny fraction of 

the Co” in solution. x=4x10°M 


x 10° 


NT 


Chapter Summary and Key Terms 


THE TRANSITION METALS (SECTION 23.1) Metallic elements are 
obtained from minerals, which are solid inorganic compounds found 
in nature. Metallurgy is the science and technology of extracting met- 
als from the earth and processing them for further use. Transition 
metals are characterized by incomplete filling of the d orbitals. The 
presence of d electrons in transition elements leads to multiple oxi- 
dation states. As we proceed through the transition metals in a given 
row of the periodic table, the attraction between the nucleus and the 
valence electrons increases more markedly for d electrons than for s 
electrons. As a result, the later transition elements in a period tend to 
have lower oxidation states. 

The atomic and ionic radii of Period 5 transition metals are 
larger than those of Period 4 metals. The transition metals of Periods 
5 and 6 have comparable atomic and ionic radii and are also similar 
in other properties. This similarity is due to the lanthanide contraction. 

The presence of unpaired electrons in valence orbitals leads 
to magnetic behavior in transition metals and their compounds. 
In ferromagnetic, ferrimagnetic, and antiferromagnetic substances, the 
unpaired electron spins on atoms in a solid are affected by spins on 
neighboring atoms. In a ferromagnetic substance the spins all point 
in the same direction. In an antiferromagnetic substance the spins 
point in opposite directions and cancel one another. In a ferrimag- 
netic substance the spins point in opposite directions but do not 
fully cancel. Ferromagnetic and ferrimagnetic substances are used to 
make permanent magnets. 


TRANSITION-METAL COMPLEXES (SECTION 23.2) Coordination 
compounds are substances that contain metal complexes. Metal com- 
plexes contain metal ions bonded to several surrounding anions or 
molecules known as ligands. The metal ion and its ligands make up 
the coordination sphere of the complex. The number of atoms attached 
to the metal ion is the coordination number of the metal ion. The most 
common coordination numbers are 4 and 6; the most common coor- 
dination geometries are tetrahedral, square planar, and octahedral. 


COMMON LIGANDS IN COORDINATION CHEMISTRY (SECTION 
23.3) Ligands that occupy only one site in a coordination sphere 
are called monodentate ligands. The atom of the ligand that bonds to 
the metal ion is the donor atom. Ligands that have two donor atoms 
are bidentate ligands. Polydentate ligands have three or more donor 
atoms. Bidentate and polydendate ligands are also called chelating 
agents. In general, chelating agents form more stable complexes than 
do related monodentate ligands, an observation known as the che- 
late effect. Many biologically important molecules, such as the por- 
phyrins, are complexes of chelating agents. A related group of plant 
pigments known as chlorophylls are important in photosynthesis, the 
process by which plants use solar energy to convert CO, and H,O 
into carbohydrates. 


NOMENCLATURE AND ISOMERISM IN COORDINATION CHEM- 
ISTRY (SECTION 23.4) In naming coordination compounds, the 
number and type of ligands attached to the metal ion are specified, 
as is the oxidation state of the metal ion. Isomers are compounds 
with the same composition but different arrangements of atoms 
and therefore different properties. Constitutional isomers differ in the 
bonding arrangements of the ligands. Linkage isomerism occurs when 
a ligand can coordinate to a metal ion through different donor atoms. 
Coordination-sphere isomers contain different ligands in the 
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coordination sphere. Stereoisomers are isomers with the same chem- 
ical bonding arrangements but different spatial arrangements of 
ligands. The most common forms of stereoisomerism are geometric 
isomerism and optical isomerism. Geometric isomers differ from one 
another in the relative locations of donor atoms in the coordina- 
tion sphere; the most common being cis and trans isomers. Geomet- 
ric isomers differ from one another in their chemical and physical 
properties. Optical isomers are nonsuperimposable mirror images 
of each other. Optical isomers, or enantiomers, are chiral, meaning 
that they have a specific “handedness” and differ only in the pres- 
ence of a chiral environment. Optical isomers can be distinguished 
from one another by their interactions with plane-polarized light; 
solutions of one isomer rotate the plane of polarization to the right 
(dextrorotatory), and solutions of its mirror image rotate the plane to 
the left (levorotatory). Chiral molecules, therefore, are optically active. 
A 50-50 mixture of two optical isomers does not rotate plane-polar- 
ized light and is said to be racemic. 


COLOR AND MAGNETISM IN COORDINATION CHEMISTRY (SEC- 
TION 23.5) A substance has a particular color because it either 
reflects or transmits light of that color or absorbs light of the comple- 
mentary color. The amount of light absorbed by a sample as a function 
of wavelength is known as its absorption spectrum. The light absorbed 
provides the energy to excite electrons to higher-energy states. 

It is possible to determine the number of unpaired electrons in 
a complex from its degree of paramagnetism. Compounds with no 
unpaired electrons are diamagnetic. 


CRYSTAL-FIELD THEORY (SECTION 23.6) Crystal-field theory suc- 
cessfully accounts for many properties of coordination compounds, 
including their color and magnetism. In crystal-field theory, the 
interaction between metal ion and ligand is viewed as electrostatic. 
Because some d orbitals point directly at the ligands whereas oth- 
ers point between them, the ligands split the energies of the metal 
d orbitals. For an octahedral complex, the d orbitals are split into a 
lower-energy set of three degenerate orbitals (the t, set) and a higher- 
energy set of two degenerate orbitals (the e set). Visible light can cause 
a d-d transition, in which an electron is excited from a lower-energy 
d orbital to a higher-energy d orbital. The spectrochemical series lists 
ligands in order of their ability to increase the split in d-orbital ener- 
gies in octahedral complexes. 

Strong-field ligands create a splitting of d-orbital energies that 
is large enough to overcome the spin-pairing energy. The d electrons 
then preferentially pair up in the lower-energy orbitals, producing 
a low-spin complex. When the ligands exert a weak crystal-field, the 
splitting of the d orbitals is small. The electrons then occupy the 
higher-energy d orbitals in preference to pairing up in the lower- 
energy set, producing a high-spin complex. Transition metal ions from 
Periods 5 and 6 have large crystal-field splitting energies and adopt 
low spin configurations in octahedral complexes. 

Crystal-field theory also applies to tetrahedral and square- 
planar complexes, which leads to different d-orbital splitting pat- 
terns. In a tetrahedral crystal-field, the splitting of the d orbitals 
results in a higher-energy t, set and a lower-energy e set, the opposite 
of the octahedral case. The splitting in a tetrahedral crystal-field is 
much smaller than that in an octahedral crystal-field, so tetrahedral 
complexes are nearly always high-spin complexes. 


LL, 


Learning Outcomes After studying this chapter, you should be able to: 


e Describe the periodic trends in radii and oxidation states of the 
transition-metal ions, including the origin and effect of the lantha- 
nide contraction. (Section 23.1) Related Exercises: 23.2, 23.34, 23.44 


° Determine the oxidation number and number of d electrons for 
metal ions in complexes. (Section 23.2) Related Exercises: 23.3, 
23.4, 23.46, 23.52 
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Identify common ligands and distinguish between chelating 
and nonchelating ligands. (Section 23.3) 
Related Exercises: 23.12, 23.53, 23.54, 23.56 


Name coordination compounds given their formula and write 
their formula given their name. (Section 23.4) 
Related Exercises: 23.16, 23.17, 23.57, 23.58 


Define isomerism and differentiate between the various types of 
isomers. (Section 23.4) Related Exercises: 23.18, 23.59 


Recognize and draw the geometric isomers of a complex. (Sec- 
tion 23.4) Related Exercises: 23.19, 23.20, 23.60, 23.61 
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Recognize and draw the optical isomers of a complex. (Section 
23.4) Related Exercises: 23.21, 23.62 


Use crystal-field theory to determine the number of unpaired 
electrons in a complex. (Sections 23.5 and 23.6) 
Related Exercises: 23.64, 23.70, 23.71, 23.72 


Use the spectrochemical series to predict the relative crystal- 
field splitting energy and colors of metal complexes. (Sec- 
tions 23.5 and 23.6) Related Exercises: 23.28, 23.67 


Differentiate between high-spin and low-spin ions, and identify 
the factors that stabilize each. (Section 23.6) 
Related Exercises: 23.33, 23.41, 23.69, 23.72 


N NN NE ooo ____________ 


Exercises 


Visualizing Concepts 


23.34 These three graphs show the variation in radius, effective 


nuclear charge, and maximum oxidation state for the 


transition metals of Period 4. In each part, identify which 
property is being plotted. [Section 23.1] 


Akie 


Sc 


Ti V Cr Mn Fe Co Ni Cu Zn Sc Ti 
(a) 


23.35 Draw the structure for Pt(C204)(NH3), and use it to answer 


the following questions: (a) What is the coordination 
number for platinum in this complex? (b) What is the 
coordination geometry? (c) What is the oxidation state of 
the platinum? (d) How many unpaired electrons are there? 
[Sections 23.2 and 23.6] 


23.36 Draw the Lewis structure for the ligand shown here. 


(a) Which atoms can serve as donor atoms? Classify this 
ligand as monodentate, bidentate, or polydentate. (b) How 
many of these ligands are needed to fill the coordination 
sphere in an octahedral complex? [Section 23.2] 


>@, °g 1 
29 a 


NH,CH,CH,NHCH,CO,~ 


23.37 Four-coordinate metals can have either a tetrahedral or a 


square-planar geometry; both possibilities are shown here 


V Cr Mn Fe Co Ni Cu Zn Sc Ti 


(b) 


V Cr Mn Fe Co Ni Cu Zn 
(c) 


for [PtCl,(NH,),]. (a) What is the name of this molecule? 
(b) Would the tetrahedral molecule have a geometric iso- 
mer? (c) Would the tetrahedral molecule be diamagnetic or 
paramagnetic? (d) Would the square-planar molecule have 
a geometric isomer? (e) Would the square-planar molecule 
be diamagnetic or paramagnetic? (f) Would determining the 
number of geometric isomers help you distinguish between 
the tetrahedral and square-planar geometries? (g) Would mea- 
suring the molecule’s response to a magnetic field help you 
distinguish between the two geometries? [Sections 23.4-23.6] 


square planar 


tetrahedral 


23.38 There are two geometric isomers of octahedral complexes 
of the type MA3X3, where M is a metal and A and X are 
monodentate ligands. Of the complexes shown here, 
which are identical to (1) and which are the geometric iso- 
mers of (1)? [Section 23.4] 


(1) (2) (3) (4) (5) 
23.39 Which of the complexes shown here are chiral? [Section 23.4] 
@=Ccr GF W=NHCH.CH,NH, @=Cl @=NH; 


(1) (2) (3) (4) 


23.40 The solutions shown here each have an absorption spec- 
trum with a single absorption peak like that shown in 
Figure 23.26. What color does each solution absorb most 
strongly? [Section 23.5] 


23.41 
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Which of these crystal-field splitting diagrams represents: 
(a) a weak-field octahedral complex of Fe**, (b) a strong- 
field octahedral complex of Fe*", (c) a tetrahedral complex 
of Fe?*, (d) a tetrahedral complex of Ni**? (The diagrams do 
not indicate the relative magnitudes of A.) [Section 23.6] 


el aS 1:1 


WA 
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(1) 


23.42 


(2) (3) (4) 


In the linear crystal-field shown here, the negative charges 
are on the z-axis. Using Figure 23.28 as a guide, predict 
which of the following choices most accurately describes 
the splitting of the d orbitals in a linear crystal-field? [Sec- 
tion 23.6] 


(a) 


23.43 


(b) (c) (d) (e) 


Two Co(II) complexes are both low spin but have differ- 
ent ligands. A solution of one is orange and a solution of 
the other is yellow. Which solution is likely to contain the 
complex that has the stronger-field ligand? [Section 23.6] 


The Transition Metals (Section 23.1) 


23.44 


23.45 


23.46 


23.47 


The lanthanide contraction explains which of the follow- 
ing periodic trends? (a) The atomic radii of the transition 
metals first decrease and then increase when moving hor- 
izontally across each period. (b) When forming ions the 
Period 4 transition metals lose their 4s electrons before 
their 3d electrons. (c) The radii of the Period 5 transition 
metals (Y-Cd) are very similar to the radii of the Period 6 
transition metals (Lu-Hg). 


Among the Period 4 transition metals (Sc-Zn), which ele- 
ments do not form ions where there are partially filled 3d 
orbitals? 


Write out the ground-state electron configurations of 
(a) Sc?*, (b) Mo”, (c) Rh*, (d) Fe*". 


Which type of substance is attracted by a magnetic field, a 
diamagnetic substance or a paramagnetic substance? 
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23.48 What kind of magnetism is exhibited by this diagram? 


O A) Put in vertical (1) D 


magnetic field 
23.49 The most important oxides of iron are magnetite, Fe3;04, 
and hematite, Fe20;3. (a) What are the oxidation states 
of iron in these compounds? (b) One of these iron 
oxides is ferrimagnetic, and the other is antiferromag- 
netic. Which iron oxide is more likely to be ferrimag- 
netic? Explain. 


Magnetic field 


Transition-Metal Complexes (Section 23.2) 


23.50 (a) Using Werner’s definition of valence, which property is 
the same as oxidation number, primary valence or secondary 
valence? (b) What term do we normally use for the other 
type of valence? (c) Why can NH; serve as a ligand but BH; 
cannot? 


23.51 A complex is written as NiBr,-6NH3. (a) What is the oxi- 
dation state of the Ni atom in this complex? (b) What is 
the likely coordination number for the complex? (c) If 
the complex is treated with excess AgNO3(aq), how many 
moles of AgBr will precipitate per mole of complex? 

23.52 Indicate the coordination number and the oxidation num- 
ber of the metal for each of the following complexes: 

(a) Na,[Co(EDTA) | 
(b) KMnO, 

(c) [Pt0NH;)4]Cl2 
(d) K;Fe(CN)« 

(e) Rh(PPh3)3C1 

(f) Zn(C204)(NH3)2 


Common Ligands in Coordination Chemistry 
(Section 23.3) 


23.53 For each of the following molecules or polyatomic ions, 
draw the Lewis structure and indicate if it can act as a 
monodentate ligand, a bidentate ligand, or is unlikely 
to act as a ligand at all: (a) ethylamine, CH,CH,NH,, 
(b) trimethylphosphine, P(CH,),, (c) carbonate, CO7; 
(d) ethane, C,H,. 

23.54 Polydentate ligands can vary in the number of coordi- 
nation positions they occupy. In each of the following, 
identify the polydentate ligand present and indicate the 
probable number of coordination positions it occupies: 


(a) Cr(EDTA)~ 
(b) [Ni(C204)(H20)2]Br2 
(c) [Ru(en)(NH3)4]Cls 
(d) K,[Fe(o-phen)(CN) 4] 

23.55 For each of the following pairs, identify the molecule or 
ion that is more likely to act as a ligand in a metal complex: 
(a) carbonic acid (H2CO3) or carbonate (CO? ), (b) water 
(H20) or hydronium ion (H30%*), (c) phosphine (PH3) or 
phosphoric acid (H3PO,). 

23.56 True or false? The following ligand can act as a bidentate 
ligand. 
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Nomenclature and Isomerism in Coordination 
Chemistry (Section 23.4) 
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Write the formula for each of the following compounds, 
being sure to use brackets to indicate the coordination 
sphere: 


(a) triamminetriaquachromium(II]) nitrate 

(b) dichloridobis(ethylenediamine)platinum(I]) 

(c) pentacarbonyliron(0) 

(d) ammonium diaquabis(oxalato)Co(II) 

(e) tris(bipyridyl)cobalt(IID sulfate 

Write the names of the following compounds, using the 
standard nomenclature rules for coordination complexes: 
(a) [Ag(NH3)2]NO3 

(b) Hg[Co(SCN)4] 

(c) [Ru(PPh3)3Cls] 

(d) [Co(NH3)5CO3]2SO4 

Consider the following three complexes: 

(Complex 1) [Co(NH3)4Br2]C1 

(Complex 2) [ Pd(NH3)2(ONO),] 

(Complex 3) [V(en)Cly]*, 

Which of the three complexes can have (a) geometric isomers, 


(b) linkage isomers, (c) optical isomers, (d) coordination- 
sphere isomers? 


A four-coordinate complex MA2Bz is prepared and found to 
have two different isomers. Is it possible to determine from 
this information whether the complex is square planar or 
tetrahedral? If so, which is it? 


Determine if each of the following complexes exhibits geo- 
metric isomerism. If geometric isomers exist, determine how 
many there are. (a) tetrahedral [Cd(H20)2Cly], (b) square- 
planar [IrCl2(PH3)2]”, (c) octahedral [ Fe(o-phen),Cly]*. 


Determine if each of the following metal complexes is 
chiral and therefore has an optical isomer: (a) tetrahedral 
[Zn(H,O),Cl,], (b) octahedral trans-[Ru(bipy),Cl,], (c) octa- 
hedral cis-[Ru(bipy),Cl,]. 


Color and Magnetism in Coordination Chemistry; 
Crystal-Field Theory (Sections 23.5 and 23.6) 
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(a) If a complex absorbs light at 610 nm, what color would 
you expect the complex to be? (b) What is the energy in 
joules of a photon with a wavelength of 610 nm? (c) What 
is the energy of this absorption in kJ/mol? 


Identify each of the following coordination complexes as 
either diamagnetic or paramagnetic: 


(a) [CoBr(NHs)5]”* 

(b) [W(CN)6]*- 

(c) [VEs] 

(d) [Rh(o-phen)3]** 

If the lobes of a given d-orbital point directly at the ligands, 
will an electron in that orbital have a higher or lower 


energy than an electron in a d-orbital whose lobes do not 
point directly at the ligands? 


(a) Sketch a diagram that shows the definition of the crystal- 
field splitting energy (A) for an octahedral crystal-field. (b) 
What is the relationship between the magnitude of A and 
the energy of the d-d transition for a d! complex? (c) Cal- 
culate A in kJ/mol if a d! complex has an absorption max- 
imum at 545 nm. 


23.67 The colors in the copper-containing minerals malachite, 


which is green and has an empirical formula of Cu2CO3 
(OH)», and azurite, which is blue and has an empirical for- 
mula of Cu3(CO3)2(OH)2, come from a single d-d transition 
in each compound. The compounds are sometimes found 
together in nature as shown here. (a) What is the electron 
configuration of the copper ion in each mineral? (b) Based 
on their colors, in which compound would you predict the 
crystal-field splitting A is larger? 


Additional Exercises 


23.73 The Curie temperature is the temperature at which a ferro- 


magnetic solid switches from ferromagnetic to paramag- 
netic, and for nickel, the Curie temperature is 354°C. 
Knowing this, you tie a string to two paper clips made of 
nickel and hold the paper clips near a permanent magnet. 
The magnet attracts the paper clips, as shown in the photo- 
graph on the left. Now you heat one of the paper clips with 
a cigarette lighter, and the clip drops (right photograph). 
Explain what happened. 


23.74 Explain why the transition metals in Periods 5 and 6 have 


nearly identical radii in each group. 
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Additional Exercises 1145 


Give the number of (valence) d electrons associated with 
the central metal ion in each of the following complexes: 
(a) [Pt(NH3)2Cly]Cly, (b) K2[Cu(C204)2], (c) [Os(en)3]Cls, 
(d) [Cr(EDTA)]SOu, (e) [Cd(OH2)¢]Clo. 

A classmate says, “A weak-field ligand usually means the 
complex is high spin.” Is your classmate correct? Explain. 


For each of the following metals, write the electronic con- 
figuration of the atom and its 2+ ion: (a) Mn, (b) Ru, (c) Rh. 
Draw the crystal-field energy-level diagram for the d orbit- 
als of an octahedral complex, and show the placement of 
the d electrons for each 2+ ion, assuming a strong-field 
complex. How many unpaired electrons are there in each 
case? 


Draw the crystal-field energy-level diagrams and show 
the placement of d electrons for each of the following: 
(a) [Cr(OH)),]?* (four unpaired electrons), (b) [Mn(H,O),]** 
(a high-spin complex), (c) [Ru(NH3)5(OH))]?* (a low-spin 
complex), (d) [IrCl¢]7- (a low-spin complex), (e) [Cr(en)3]°", 
(®© [Nike]. 

The complex [Mn(NH3)¢]|** contains five unpaired elec- 
trons. Sketch the energy-level diagram for the d orbitals, 
and indicate the placement of electrons for this complex 
ion. Is the ion a high-spin or a low-spin complex? 


Based on the molar conductance values listed here for the 
series of platinum(IV) complexes, write the formula for 
each complex so as to show which ligands are in the coor- 
dination sphere of the metal. By way of example, the molar 
conductances of 0.050 M NaCl and BaCl, are 107 ohm! 
and 197 ohm |, respectively. 


Molar Conductance (ohm ~ *)* 


Complex of 0.050 M Solution 
Pt(NH3)6Cly 523 
Pt(NH3)4Cly 228 
Pt(NH3)3Cly 97 
Pt(NH3)2Cly 0 
KPt(NH3)Cl; 108 


*The ohm is a unit of resistance; conductance is the 
inverse of resistance. 


(a) A compound with formula RuCl; - 5 H20 is dissolved in 
water, forming a solution that is approximately the same 
color as the solid. Immediately after forming the solution, 
the addition of excess AgNO3(aq) forms 2 mol of solid AgCl 
per mole of complex. Write the formula for the compound, 
showing which ligands are likely to be present in the coor- 
dination sphere. (b) After a solution of RuCl; + 5 H2O has 
stood for about a year, addition of AgNO3;(aq) precipitates 
3 mol of AgCl per mole of complex. What has happened in 
the ensuing time? 
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Sketch the structure of the complex in each of the follow- 
ing compounds and give the full compound name: 


(a) cis-[PtBrCl(NOg)2]?- 

(b) [Mn(CO)3(C¢Hg) ]* 

(c) cis-[CrCl4)(OH2)2|~ 

(d) trans-[Co(OH)(en)Cl]* 

Does complex d in Exercise 23.77 have optical isomers? 


The molecule dimethylphosphinoethane | (CH3)2PCH2CH2 
P(CH3)2, which is abbreviated dmpe] is used as a ligand 
for some complexes that serve as catalysts. A complex that 
contains this ligand is Mo(CO)4(dmpe). (a) Draw the Lewis 
structure for dmpe, and compare it with ethylenediamine as 
a coordinating ligand. (b) What is the oxidation state of Mo 
in Nag{ Mo(CN)2(CO)2(dmpe)]? (c) Sketch the structure of 
the [Mo(CN) (CO) (dmpe) |? ion, including all the possi- 
ble isomers. 

The square-planar complex [Pt(en)Cl,] only forms in one 


of two possible geometric isomers. Which isomer is not 
observed: cis or trans? 


The acetylacetone ion forms very stable complexes with 
many metallic ions. It acts as a bidentate ligand, coordi- 
nating to the metal at two adjacent positions. Suppose that 
one of the CH; groups of the ligand is replaced by a CF; 
group, as shown here: 


ji 
Trifluoromethyl C 
acetylacetonate No 
(acy [RE a 


Sketch all possible isomers for the complex with three tfac 
ligands on cobalt(III). (You can use the symbol ¢ © to repre- 
sent the ligand.) 


Which transition metal atom is present in each of the fol- 
lowing biologically important molecules: (a) hemoglobin, 
(b) chlorophylls, (c) siderophores, (d) hemocyanine. 


Carbon monoxide, CO, is an important ligand in coordi- 
nation chemistry. When CO is reacted with nickel metal, 
the product is [Ni(CO)4], which is a toxic, pale yellow liq- 
uid. (a) What is the oxidation number for nickel in this 
compound? (b) Given that [Ni(CO),4] is a diamagnetic 
molecule with a tetrahedral geometry, what is the electron 
configuration of nickel in this compound? (c) Write the 
name for { Ni(CO),4] using the nomenclature rules for coor- 
dination compounds. 


Some metal complexes have a coordination number of 5. 
One such complex is Fe(CO)s, which adopts a trigonal bipy- 
ramidal geometry (see Figure 9.8). (a) Write the name for 
Fe(CO)s, using the nomenclature rules for coordination 
compounds. (b) What is the oxidation state of Fe in this 
compound? (c) Suppose one of the CO ligands is replaced 
with a CN’ ligand, forming [Fe(CO),4(CN) |". How many 
geometric isomers would you predict this complex could 
have? 


Which of the following objects is chiral: (a) a pencil, (b) 
a computer keyboard, (c) a grand piano, (d) a molecular 
model of cis-Fe(bipy)2Cly, (e) a piece of plane A4 paper? 


The complexes [CrBr,]*~ and [Cr(NH3)¢]** are both known. 
(a) Draw the d-orbital energy-level diagram for octahedral 
Cr(II) complexes. (b) What gives rise to the colors of these 
complexes? (c) Which of the two complexes would you 
expect to absorb light of higher energy? 
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One of the more famous species in coordination chemistry 
is the Creutz-Taube complex: 


5+ 


YN 
(NH3)sRuN NRu(NHs3)s 


It is named for the two scientists who discovered it and ini- 
tially studied its properties. The central ligand is pyrazine, a 
planar six-membered ring with nitrogens at opposite sides. 
(a) How can you account for the fact that the complex, 
which has only neutral ligands, has an odd overall charge? 
(b) The metal is in a low-spin configuration in both cases. 
Assuming octahedral coordination, draw the d-orbital 
energy-level diagram for each metal. (c) In many experi- 
ments the two metal ions appear to be in exactly equivalent 
states. Can you think of a reason that this might appear to 
be so, recognizing that electrons move very rapidly com- 
pared to nuclei? 


Solutions of [Co(NH3)¢]?*, [Co(OH3)6]?" (both octahedral), 
and [CoCl,]?~ (tetrahedral) are colored. One is pink, one is 
blue, and one is yellow. Based on the spectrochemical series 
and remembering that the energy splitting in tetrahedral 
complexes is normally much less than that in octahedral 
ones, assign a color to each complex. 


Oxyhemoglobin, with an O, bound to iron, is a low-spin 
Fe(II) complex; deoxyhemoglobin, without the O mol- 
ecule, is a high-spin complex. (a) Assuming that the coor- 
dination environment about the metal is octahedral, how 
many unpaired electrons are centered on the metal ion in 
each case? (b) What ligand is coordinated to the iron in 
place of O, in deoxyhemoglobin? (c) Explain in a general 
way why the two forms of hemoglobin have different colors 
(hemoglobin is red, whereas deoxyhemoglobin has a bluish 
cast). (d) A 15-minute exposure to air containing 400 ppm 
of CO causes about 10% of the hemoglobin in the blood 
to be converted into the carbon monoxide complex, called 
carboxyhemoglobin. What does this suggest about the rela- 
tive equilibrium constants for binding of carbon monoxide 
and O, to hemoglobin? (e) CO is a strong-field ligand. What 
color might you expect carboxyhemoglobin to be? 


Consider the tetrahedral anions VO% (orthovanadate 
ion), CrO (chromate ion), and MnO, (permanganate 
ion). (a) These anions are isoelectronic. What does this state- 
ment mean? (b) Would you expect these anions to exhibit 
d-d transitions? Explain. (c) As mentioned in “A Closer 
Look” on charge-transfer color, the violet color of MnO, 
is due to a ligand-to-metal charge transfer (LMCT) transition. 
What is meant by this term? (d) The LMCT transition in 
MnO, occurs at a wavelength of 565 nm. The Cro ion 
is yellow. Is the wavelength of the LMCT transition for 
chromate larger or smaller than that for MnO, ? Explain. 
(e) The VO; ion is colorless. Do you expect the light 
absorbed by the LMCT to fall in the UV or the IR region of 
the electromagnetic spectrum? Explain your reasoning. 


Given the colors observed for VO?- (orthovanadate ion), 
CrO/? (chromate ion), and MnO, (permanganate ion) 
(see Exercise 23.90), what can you say about how the energy 
separation between the ligand orbitals and the empty d 
orbitals changes as a function of the oxidation state of the 
transition metal at the center of the tetrahedral anion? 


The blue-green color of turquoise is due to the presence of 
Cu(II) ions at octahedral sites which is coordinated with 
OH and H,0. Assuming Cu(II) ions adopt an octahedral 


23.93 


23.94 


geometry, draw the crystal-field splitting diagram for Cu(II) 
in this environment. Suppose that the turquoise crystal 
is subjected to high pressure. What do you predict for the 
variation in the wavelength of absorption of the turquoise 
as a function of pressure? Explain. 


In 2001, chemists at State University of New York- 
Stony Brook succeeded in synthesizing the complex 
trans-[Fe(CN)4(CO),]*", which could be a model of com- 
plexes that may have played a role in the origin of life. (a) 
Sketch the structure of the complex. (b) The complex is iso- 
lated as a sodium salt. Write the complete name of this salt. 
(c) What is the oxidation state of Fe in this complex? How 
many d electrons are associated with the Fe in this com- 
plex? (d) Would you expect this complex to be high spin or 
low spin? Explain. 

When Alfred Werner was developing the field of coordi- 
nation chemistry, it was argued by some that the opti- 
cal activity he observed in the chiral complexes he had 
prepared was due to the presence of carbon atoms in the 
molecule. To disprove this argument, Werner synthesized 
a chiral complex of cobalt that had no carbon atoms in it, 
and he was able to resolve it into its enantiomers. Design a 
cobalt(III) complex that would be chiral if it could be syn- 
thesized and that contains no carbon atoms. (It may not be 
possible to synthesize the complex you design, but we will 
not worry about that for now.) 
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Integrative Exercises 1147 


Generally speaking, for a given metal and ligand, the sta- 
bility of a coordination compound is greater for the metal 
in the +3 rather than in the +2 oxidation state (for met- 
als that form stable +3 ions in the first place). Suggest an 
explanation, keeping in mind the Lewis acid-base nature 
of the metal-ligand bond. 


Many trace metal ions exist in the blood complexed with 
amino acids or small peptides. The anion of the amino acid 


glycine (gly), 
1 
H,NCH,C—O7 


can act as a bidentate ligand, coordinating to the metal 
through nitrogen and oxygen atoms. How many isomers 
are possible for (a) [Zn(gly)2] (tetrahedral), (b) [Pt(gly)2] 
(square planar), (c) [Co(gly)3] (octahedral)? Sketch all pos- 
sible isomers. Use the symbol é> to represent the ligand. 


The coordination complex [Cr(CO).] forms colorless, 
diamagnetic crystals that melt at 90°C. (a) What is the 
oxidation number of chromium in this compound? 
(b) Given that [Cr(CO).¢] is diamagnetic, what is the 
electron configuration of chromium in this compound? 
(c) Given that [Cr(CO).,] is colorless, would you expect 
CO to be a weak-field or strong-field ligand? (d) Write the 
name for | Cr(CO)s] using the nomenclature rules for coor- 
dination compounds. 
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Metallic elements are essential components of many 
important enzymes operating within our bodies. Car- 
bonic anhydrase, which contains Zn” in its active site, is 
responsible for rapidly interconverting dissolved CO, and 
bicarbonate ion, HCO; . The zinc in carbonic anhydrase 
is tetrahedrally coordinated by three neutral nitrogen- 
containing groups and a water molecule. The coordinated 
water molecule has a pK, of 7.5, which is crucial for the 
enzyme’s activity. (a) Draw the active site geometry for 
the Zn(II) center in carbonic anhydrase, just writing “N” 
for the three neutral nitrogen ligands from the protein. 
(b) Compare the pK, of carbonic anhydrase’s active site 
with that of pure water; which species is more acidic? 
(c) When the coordinated water to the Zn(II) center in car- 
bonic anhydrase is deprotonated, what ligands are bound 
to the Zn(II) center? Assume the three nitrogen ligands are 
unaffected. (d) The pK, of [Zn(H,O),]** is 10. Suggest an 
explanation for the difference between this pK, and that 
of carbonic anhydrase. (e) Would you expect carbonic 
anhydrase to have a deep color, like hemoglobin and other 
metal-ion-containing proteins do? Explain. 


Two different compounds have the formulation 
CoBr(SO,4): 5 NH3. Compound A is dark violet, and com- 
pound B is red-violet. When compound A is treated with 
AgNO3;(aq), no reaction occurs, whereas compound B 
reacts with AgNO3(aq) to form a white precipitate. When 
compound A is treated with BaCl,(aq), a white precipi- 
tate is formed, whereas compound B has no reaction with 
BaCl,(aq). (a) Is Co in the same oxidation state in these 
complexes? (b) Explain the reactivity of compounds A 
and B with AgNO3;(aq) and BaCl,(aq). (c) Are compounds 
A and B isomers of one another? If so, which category 
from Figure 23.19 best describes the isomerism observed 


for these complexes? (d) Would compounds A and B be 
expected to be strong electrolytes, weak electrolytes, or 
nonelectrolytes? 


23.100 An iron complex formed from a solution containing 


hydrochloric acid and bipyridine is purified and analyzed. 
It contains 9.38% Fe, 60.53% carbon, 4.06% hydrogen, 
and 14.12% nitrogen by mass. The remainder of the com- 
pound is chlorine. An aqueous solution of the complex 
has about the same electrical conductivity as an equi- 
molar solution of K,[CuCl,]. Write the formula of the 
compound, using brackets to denote the iron and its coor- 
dination sphere. 


23.101 The E° values for two low-spin iron complexes in acidic 


solution are as follows: 


[Fe(o-phen)3]**(aq) + © == 


[Fe(o-phen)3]?*(aq) E° =1.12V 


[Fe(CN),]* (aq) + © == 
[Fe(CN).]*(aq) E° = 0.36 V 


(a) Is it thermodynamically favorable to reduce both Fe(III) 
complexes to their Fe(II) analogs? Explain. (b) Which com- 
plex, [Fe(o-phen);]** or [Fe(CN)¢]*", is more difficult to 
reduce? (c) Suggest an explanation for your answer to (b). 


23.102 A platinum complex formed from a solution containing 


chloride ion and ammonia is found on elemental analysis 
to contain 23.63% chlorine, 9.34% nitrogen, 2.02% hydro- 
gen by mass. The compound is slightly soluble in several 
organic solvents; its solutions in water or alcohol do not 
conduct electricity. It is found experimentally to have a net 
dipole moment. Write the chemical formula of this plati- 
num complex, and indicate its probable structure. 
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23.103 (a) In early studies it was observed that when the complex 
{Co(NHs3)4Br, |Br was placed in water, the electrical conduc- 
tivity of a 0.05 M solution changed from an initial value of 
191 ohm ! to a final value of 374 ohm! over a period of an 
hour or so. Suggest an explanation for the observed results. 
(See Exercise 23.75 for relevant comparison data.) (b) Write 
a balanced chemical equation to describe the reaction. 
(c) A 500 mL solution is made up by dissolving 3.87 g of 
the complex. As soon as the solution is formed, and before 
any change in conductivity has occurred, a 25.00 mL por- 
tion of the solution is titrated with 0.0100 M AgNO; solu- 
tion. What volume of AgNO 3 solution do you expect to 
be required to precipitate the free Br (aq)? (d) Based on 
the response you gave to part (b), what volume of AgNO; 
solution would be required to titrate a fresh 25.00 mL sam- 
ple of [Co(NH3)4Bry |Br after all conductivity changes have 
occurred? 


23.104 The total concentration of Ca?" and Mg?” in a sample of 
hard water was determined by titrating a 0.100 L sample of 
the water with a solution of EDTA*. The EDTA* chelates 
the two cations: 


Mg” + [EDTA]* —> [Mg(EDTA)]?~ 
Ca?* + [EDTA] —> [Ca(EDTA)]*~ 


It requires 31.5 mL of 0.0104 M[EDTA]* solution to reach 
the end point in the titration. A second 0.100 L sample was 
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then treated with sulfate ion to precipitate Ca?* as calcium 
sulfate. The Mg”* was then titrated with 18.7 mL of 0.0104 M 
[EDTA]*-. Calculate the concentrations of Mg? and Ca?* 
in the hard water in mg/L. 


23.105 Carbon monoxide is toxic because it binds more strongly to 
the iron in hemoglobin (Hb) than does Oz, as indicated by 
these approximate standard free-energy changes in blood: 


Hb + O, —> HbO, AG? = -70KJ 
Hb + CO —> HbCO AG = -80KJ 


Using these data, estimate the equilibrium constant at 298 
K for the equilibrium 


HbO, + CO == HbCO + O, 


23.106 The value of A for the [Mol,]*" complex is 198.58 kJ/mol. 
Calculate the expected wavelength of the absorption cor- 
responding to promotion of an electron from the lower 
energy to the higher-energy d-orbital set in this complex. 
Should the complex absorb in the visible range? 


23.107 A Zn electrode is immersed in a solution that is 1.00 M 
in [Zn(NH3)4]** and 1.00 M in NH3. When the cathode 
is a standard hydrogen electrode, the emf of the cell is 
found to be +1.04 V. What is the formation constant for 
[Zn(NH3)4]?*? 


Design an Experiment 


Following a procedure found in a scientific paper, you go into the 
lab and attempt to prepare crystals of dichlorobis(ethylenediamine) 
cobalt(III) chloride. The paper states that this compound can be 
made by reacting CoCl; + 6 H20, an excess of ethylenediamine, O2 
from the air (which acts as an oxidizing agent), water, and concen- 
trated hydrochloric acid. At the end of the reaction, you filter off the 
solution and are left with a green, crystalline product. (a) What ex- 
periment(s) could you perform to confirm that you have prepared 


{CoCl,(en)2]Cl and not [Co(en)3]Cl3? (b) How could you verify 
that cobalt was present as Co** and determine the spin state of the 
cobalt complex in your product? (c) How many geometric isomers 
exist for [CoClz(en)2]C1? How could you determine if your product 
contains a single geometric isomer or a mixture of geometric iso- 
mers? (d) If the product does contain a single geometric isomer how 
would you determine which one was present? (Hint: You may find the 
information in Table 23.3 helpful.) 


We are all familiar with how chemical substances can influence our health and behav- 
ior. Aspirin, also known as acetylsalicylic acid, relieves aches and pains. The caffeine that 
is in coffee and tea and the ethanol that is in wine and beer are well-known molecules 
that at proper doses give us pleasure. Spices contain a host of molecules such as capsa- 
icin (in chili peppers) and vanillin (in the vanilla bean). Other plant-derived compounds 
include quinine, for treating malaria, and taxol, for treating many cancers. All of these 
compounds are based on carbon. 
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Over 20 million carbon-containing compounds are known, and approximately 90% 
of the new compounds synthesised each year contain carbon. The study of compounds 
of carbon constitutes a branch of chemistry called organic chemistry. 

The term organic chemistry arose from the eighteenth-century belief that organic 
compounds could only be formed by living systems. This idea was disproved in 1828, 
when the German chemist Friedrich Wöhler synthesized urea (H2NCONH)), an organic 
substance found in the urine of mammals, by heating the inorganic substance ammo- 
nium cyanate (NH,NCO). 

By the end of this section, you should be able to: 


e Appreciate the general structure of organic molecules 


The Structures of Organic Molecules 


Because carbon has four valence electrons ([He]2s?2p°), it forms four bonds in virtually 
all its compounds. When all four bonds are single bonds, the electron pairs are disposed 
in a tetrahedral arrangement. In the hybridization model, the carbon 2s and 2p orbitals 
are then sp? hybridized. When there is one double bond, the arrangement is trigonal pla- 
nar (sp? hybridization). With a triple bond, it is linear (sp hybridization). Examples are 
shown in Figure 24.1. 

Almost every organic molecule contains C—H bonds. Because the valence shell 
of H can hold only two electrons, hydrogen forms only one covalent bond. As a 
result, hydrogen atoms are always located on the surface of organic molecules whereas 
the C—C bonds form the backbone, or skeleton, of the molecule, as in the propane 
molecule: 


YW. TTT) what is the geometry around the bottom carbon atom in 
acetonitrile? 


180° 
109.5° 
( N 120° 
— | 
< 
* 4 J J 
Tetrahedral Trigonal planar Linear 
4 single bonds 2 single bonds 1 single bond 
sp? hybridization 1 double bond 1 triple bond 
sp? hybridization sp hybridization 


A Figure 24.1 Carbon geometries. The three common geometries around carbon are tetrahedral 
as in methane (CH,), trigonal planar as in methanal (CH20), and linear as in acetonitrile 
(CH3CN). Notice that in all cases each carbon atom forms four bonds. 
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The Stability of Organic Compounds 


Carbon forms strong bonds with a variety of elements, especially H, O, N, and the halo- 
gens. Carbon also has an exceptional ability to bond to itself, forming a variety of molecules 
made up of chains or rings of carbon atoms. Most reactions with low or moderate activation 
energy begin when a region of high electron density in one molecule encounters a region 
of low electron density in another molecule. The regions of high electron density may be 
due to the presence of a multiple bond or to the more electronegative atom in a polar bond. 
Because of their strength (the C—C single bond enthalpy is 348 kJ/mol, the C— H bond 
enthalpy is 413 kJ/mol) and lack of polarity, both C— C single bonds and C—H bonds are 
relatively unreactive. To better understand the implications of these facts, consider ethanol: 


H H 


The differences in the electronegativity values of C (2.5) and O (3.5) and of O and H (2.1) 
indicate that the C—O and O—H bonds are quite polar. Thus, many reactions of etha- 
nol involve these bonds while the hydrocarbon portion of the molecule remains intact. 
A group of atoms such as the C— O—H group, which determines how an organic mole- 
cule reacts (in other words, how the molecule functions), is called a functional group. 
The functional group is the center of reactivity in an organic molecule. 


Solubility and Acid-Base Properties of Organic Compounds 


In most organic substances, the most prevalent bonds are carbon-carbon and carbon- 
hydrogen, which are not polar. For this reason, the overall polarity of organic molecules 
is often low, which makes them generally soluble in nonpolar solvents and not very sol- 
uble in water. Organic molecules that are soluble in polar solvents are those that have 
polar groups on the molecule surface, such as glucose and ascorbic acid (Figure 24.2). 
Organic molecules that have a long, nonpolar part bonded to a polar, ionic part, such as 
the stearate ion shown in Figure 24.2, function as surfactants and are used in soaps and 
detergents. The nonpolar part of the molecule extends into a nonpolar medium such as 
grease or oil, and the polar part extends into a polar medium such as water. 

Many organic substances contain acidic or basic groups. The most important acidic 
organic substances are the carboxylic acids, which bear the functional group— COOH. 
The most important basic organic substances are amines, which bear the — NH2, — NHR, 
or — NR, groups, where R is an organic group made up of carbon and hydrogen atoms. 


Self-Assessment Exercises 


24.1 Which bond is most likely to be the (a) C=O 

location of a chemical reaction? (b) C—C 

(b) C—H 

Exercises 

24.2 List five elements that are com- 24.3 Organic compounds containing 
monly found in organic com- C—O and C— CIl bonds are more 
pounds. Which ones are more reactive than simple alkane hydro- 
electronegative than carbon? carbons. Considering the com- 


parative values of C—H, C—C, 
C—O and C—CI bond energies 
(Table 8.4), why is this so? 
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y 


A4 Go Figure 


How would replacing OH groups on 
ascorbic acid with CH, groups affect 
the substance’s solubility in (a) polar 
solvents and (b) nonpolar solvents? 


Glucose (C6H1206) 


Ascorbic acid (HC6H706) 
@. 
ec 6 
26 

2 


ee 


Stearate (Cj7H35COO_ ) 


A Figure 24.2 Organic molecules that are 
soluble in polar solvents. 
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24.2 | Introduction to Hydrocarbons 


So much of chemistry understanding is based on a blend of the macroscopic, the micro- 
scopic and the symbolic. This is particularly true as we investigate the structure of hydro- 
carbons. For example, we may seek to explain trends in the boiling points of alkanes. 
Our starting point is the macroscopic—our observation of the temperature of a boiling 
liquid. This depends on the microscopic—the type, number, and arrangement of atoms 
that constitute the alkane; and is aided by the symbolic—how we represent the atoms 
and the bonding between them. 
By the end of this section, you should be able to 


e Distinguish between alkanes, alkenes, alkynes, and aromatic hydrocarbons. 
e Draw hydrocarbon structures based on their names and name hydrocarbons based 
on their structures 


Because carbon compounds are so numerous, it is convenient to organize them into 
families that have structural similarities. The simplest class of organic compounds is the 
hydrocarbons, compounds composed of only carbon and hydrogen. The key structural 
feature of hydrocarbons (and of most other organic substances) is the presence of stable 
carbon-carbon bonds. Carbon is the only element capable of forming stable, extended 
chains of atoms bonded through single, double, or triple bonds. 

Hydrocarbons can be divided into four types, depending on the kinds of carbon- 
carbon bonds in their molecules. 


e Alkanes contain only single C—C bonds. 

e Alkenes, also known as olefins, contain at least one C=C double bond. 

e Alkynes contain at least one C=C triple bond. 

e Aromatic hydrocarbons have carbon atoms that are connected in a planar ring struc- 
ture, joined by both ø and delocalized 7 bonds between carbon atoms. 


An example of each type is shown in Table 24.1. 

Each type of hydrocarbon exhibits different chemical behaviors, as we will see 
shortly. The physical properties of all four types, however, are similar in many ways. 
Because hydrocarbon molecules are relatively nonpolar, they are almost completely 
insoluble in water but dissolve readily in nonpolar solvents. Their melting points and 
boiling points are determined by dispersion forces. As a result, hydrocarbons of very low 
molecular weight, such as C,H, (bp = —89 °C), are gases at room temperature; those of 
moderate molecular weight, such as C6H14 (bp = 69°C), are liquids; and those of high 
molecular weight, such as C22H46 (mp = 44°C), are solids. 


TABLE 24.1 
Type 
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The Four Hydrocarbon Types with Molecular Examples 


Example 


Alkane 


Alkene 


Alkyne 


Aromatic Benzene C,H, 


Table 24.2 lists the ten simplest alkanes. Many of these substances are familiar because 
they are used so widely. Methane is a major component of natural gas. Ethane is also a 
component of natural gas and is a feedstock for making polyethylene. Propane is the major 
component of bottled gas used for home heating and cooking in areas where natural gas 
is not available. Butane is used in disposable lighters and in fuel canisters for gas camping 
stoves and lanterns. Alkanes with 5 to 12 carbon atoms per molecule are used to make pet- 


Ethane CHCH; y < 


Ethene CH=CH, 
(ethylene) 


Ethyne CHS CH 
(acetylene) 


rol. Notice that each succeeding compound in Table 24.2 has an additional CH, unit. 


The formulas for the alkanes given in Table 24.2 are written in a notation called con- 
densed structural formulas. This notation reveals the way in which atoms are bonded to 
one another but does not require drawing in all the bonds. For example, the structural 


formula and the condensed structural formulas for butane (C4H0) are 


H n i H H3;C—CH,—CH»— 
H—C—C—C — CA or 
H 1 l 1 CHCH CHCH; 


TABLE 24.2 First Ten Members of the Straight-Chain Alkane Series 


Molecular 
Formula 


CER 
C2H6 
C3Hg 
C4H jo 
C5Hy2 
CeAi4 
C7Ai6 
CgHig 
CoH29 
CioH22 


Condensed Structural Formula 

CH, 

CH3CH3 

CH3CH,CH3 

CH3CH2CH2CH3 
CH3CH2CH2CH2CH3 
CH3CH,CH,CH,CH,CH3 
CH3CH,CH,CH2CH,CH,CH3 
CH3CH,CH,CH,CH,CH,CH2CH3 
CH3CH,CH,CH,CH,CH,CH,CH2CH3 
CH3CH,CH,CH,CH,CH,CH,CH,CH2CH3; 


Name 
Methane 
Ethane 
Propane 
Butane 
Pentane 
Hexane 
Heptane 
Octane 
Nonane 


Decane 


CH, 


Boiling 
Point (°C) 

—161 

—89 

—44 

—0.5 

36 

68 

98 

125 

151 

174 
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109.5° 


LQ 


s orbital of H 


sp? orbital of C 


A Figure 24.3 Bonds about carbon in 
methane. This tetrahedral molecular 
geometry is found around all carbons in 
alkanes. 


D . 


before rotation 


) 


after rotation 


A Figure 24.4 Rotation about a C—C bond 
occurs easily and rapidly in all alkanes. 


Structures of Alkanes 


According to the VSEPR model, the molecular geometry about each carbon atom in an 
alkane is tetrahedral. The bonding may be described as involving sp?-hybridized orbitals on 
the carbon, as pictured in Figure 24.3 for methane. 

Rotation about a carbon-carbon single bond is relatively easy and occurs rap- 
idly at room temperature. To visualize such rotation, imagine grasping either methyl 
group of the propane molecule in Figure 24.4 and rotating the group relative to the 
rest of the molecule. Because motion of this sort occurs rapidly in alkanes, a long- 
chain alkane molecule is constantly undergoing motions that cause it to change its 
overall shape. 


Constitutional Isomers 


The alkanes in Table 24.2 are called straight-chain or linear hydrocarbons because all the 
carbon atoms are joined in a continuous chain. Alkanes consisting of four or more car- 
bon atoms can also form branched chains, and when they do, they are called branched- 
chain hydrocarbons. (The branches in organic molecules are often called side chains.) 
Table 24.3, for example, shows all the straight-chain and branched-chain alkanes con- 
taining four and five carbon atoms. 

Compounds that have the same molecular formula but different bonding arrange- 
ments (and hence different structures) are called constitutional isomers. Thus, C4H10 
has two constitutional isomers and C;Hj, has three. The constitutional isomers of a 
given alkane differ slightly from one another in physical properties, as the melting and 
boiling points in Table 24.3 indicate. 

The number of possible constitutional isomers increases rapidly with the number of 
carbon atoms in the alkane. There are 18 isomers with the molecular formula CgHjg, for 
example, and 75 with the molecular formula C1 9H2p. 


Nomenclature of Alkanes 


In the first column of Table 24.3, the names in parentheses are called the common 
names. The common name of the isomer with no branches begins with the letter n 
(indicating the “normal” structure). When one CH; group branches off the major 
chain, the common name of the isomer begins with iso-, and when two CH; groups 
branch off, the common name begins with neo-. As the number of isomers grows, 
however, it becomes impossible to find a suitable prefix to denote each isomer by a 
common name. The need for a systematic means of naming organic compounds was 
recognized as early as 1892, when an organization called the International Union of 
Chemistry met in Geneva to formulate rules for naming organic substances. Since 
that time, the task of updating the rules for naming compounds has fallen to the 
International Union of Pure and Applied Chemistry (IUPAC). Chemists every- 
where, regardless of their nationality, subscribe to a common system for naming 
compounds. 

The IUPAC names for the isomers of butane and pentane are the ones given first in 
Table 24.3. These systematic names, as well as those of other organic compounds, have 
three parts: 


prefix | base | suffix 


| 


What How many What family? 
substituents? carbons? 


The following steps summarize the procedures used to name alkanes, which all have 
names ending with -ane. We use a similar approach to write the names of other organic 
compounds. 
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TABLE 24.3 Isomers of C,H). and C;H12 


Systematic Name Condensed Structural Space-Filling Melting Boiling 
(Common Name) Structural Formula Formula Model Point (°C) Point (°C) 
REG 
Butane VOSS SSeS = = 
Been a oe ee CHiCH CHCH, YY 138 05 
AE 
H-C—C—C-H —CH— 
2-Methylpropane | | is r ie —159 —12 
(isobutane) 3 C i CH; 
| 
H 
aan 
Pentane HCC T =i +36 
(n-pentane) IIIJ . , 
Jal dal Jel Jel Jel Ne 
H 
H-C-H L 
2-Methylbutane H | H H Gis > —160 +28 
(isopentane) H- c= Cc o È -4 CH3—CH—CH,—CH, 
| | | | . 
H H H H = 
i 
H-C-H 
ol: D 
2,2-Dimethylpropane Te 2 
(neopentane) H F ] C H CH; i CH3 d 16 +9 
H H 
H- C-H CH; 
H 


How to Name Alkanes 


1. Find the longest continuous chain of carbon atoms, and use the name of 
this chain (given in Table 24.2) as the base name. Be careful in this step because 
the longest chain may not be written in a straight line, as in the following structure: 


2 T 
CH,— j2 = CH 


CH,—CH,—CH,— CH 


2-Methylhexane 


Because the longest continuous chain contains six C atoms, this isomer is named as a 
substituted hexane. Groups attached to the main chain are called substituents because 
they are substituted in place of an H atom on the main chain. In this molecule, the 
CH; group not enclosed by the blue outline is the only substituent in the molecule. 
2. Number the carbon atoms in the longest chain, beginning with the end 
nearest a substituent. In our example, we number the C atoms beginning at the 
upper right because that places the CH; substituent on C2 of the chain. (If we had 
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TABLE 24.4 Condensed 
Structural Formulas and 
Common Names for Several 
Alkyl Groups 


Group Name 
Gib Methyl 
CHCH} — Ethyl 
CH3CH,CH,— Propyl 
CH3CH,CH,CH, — Butyl 
CH, Isopropyl 
ar = 
CH; 
CH, tert-Butyl 
CH3 — ii nn 
CH; 


[> Sample Exercise 24.1 
D Naming Alkanes 


SOLUTION 


alkane and asked to give its name. 


Analyze We are given the condensed structural formula of an 


numbered from the lower right, the CH3 would be on C5.) The chain is numbered 
from the end that gives the lower number to the substituent position. 


3. Name each substituent. A substituent formed by removing an H atom from an 


alkane is called an alkyl group. Alkyl groups are named by replacing the -ane end- 
ing of the alkane name with -yl. The methyl group (CH3), for example, is derived 
from methane (CH4) and the ethyl group (C2Hs) is derived from ethane (C2H6). 
Table 24.4 lists six common alkyl groups. 


. Begin the name with the number or numbers of the carbon or carbons to 


which each substituentis bonded. For our compound, thename 2-methylhexane 
indicates the presence of a methyl group on C2 of a hexane (six-carbon) chain. 


. When two or more substituents are present, list them in alphabetical 


order. The presence of two or more of the same substituent is indicated by the 
prefixes di- (two), tri- (three), tetra- (four), penta- (five), and so forth. The prefixes 
are ignored in determining the alphabetical order of the substituents: 


CH 
CH;"CH—CH) 


ae 
4CH—CH-++CH)CH3 
| 
CH,}?CH+CH, 


| 
1CH3 


3-Ethyl-2,4,5-trimethylheptane 


Give the systematic name for the following alkane: 


CH,;—CH,—CH—CH, 
CH;— CH— CH, 
CH3— CH, 


lower two numbers to the carbons bearing side chains. This means 
that we should start numbering at the upper left carbon. There 
is a methyl group on C3 and one on C4. The compound is thus 


Plan Because the hydrocarbon is an alkane, its name ends in -ane. 

The name of the parent hydrocarbon is based on the longest con- 
tinuous chain of carbon atoms. Branches are alkyl groups, named 
after the number of C atoms in the branch and located by count- 

ing C atoms along the longest continuous chain. 


Solve The longest continuous chain of C atoms extends from the 
upper left CH; group to the lower left CH; group and is seven C 
atoms long: 


1CH;—°CH),—°CH — Ce, 
CH; —CH— "CH, 


7CH;—°CH) 


The parent compound is thus heptane. There are two methyl 
groups branching off the main chain. Hence, this compound is 

a dimethylheptane. To specify the location of the two methyl 
groups, we must number the C atoms from the end that gives the 


3,4-dimethylheptane. 


> Practice Exercise 
What is the systematic name of this compound? 


CH; 
CH;—CH,—C— CH; 


(a) 3-ethyl-3-methylbutane 

(b) 2-ethyl-2-methylbutane 

(c) 3,3-dimethylpentane 

(d) isoheptane 

(e) 1,2-dimethylneopentane 


= Sample Exercise 24.2 
D Writing Condensed Structural Formulas 


SOLUTION 


Analyze We are given the systematic name for a hydrocarbon and 
asked to write its condensed structural formula. 


Plan Because the name ends in -ane, the compound is an alkane, 
meaning that all the carbon-carbon bonds are single bonds. 

The parent hydrocarbon is pentane, indicating five C atoms 
(Table 24.2). There are two alkyl groups specified, an ethyl group 
(two carbon atoms, C,H;) and a methyl group (one carbon atom, 
CHs3). Counting from left to right along the five-carbon chain, 
the name tells us that the ethyl group is attached to C3 and the 
methyl group is attached to C2. 


Solve We begin by writing five C atoms attached by single bonds. 
These represent the backbone of the parent pentane chain: 
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Write the condensed structural formula for 3-ethyl-2-methylpentane. 


CcC—C—C—C—-C 
We next place a methyl group on the second C and an ethyl group 


on the third C of the chain. We then add hydrogens to all the 
other C atoms to make four bonds to each carbon: 


CH3 
CH;—CH—CH— CH, —CH, 
CHCH; 
The formula can be written more concisely as 
CH;CH(CH;3)CH(C2H5)CH2CH;3 


where the branching alkyl groups are indicated in parentheses. 


> Practice Exercise 


How many hydrogen atoms are in 2,2-dimethylhexane? 
(a)6 (b)8 (c)16 (d)18 (e)20 


Cycloalkanes 


Alkanes that form rings, or cycles, are called cycloalkanes. As Figure 24.5 illustrates, 
cycloalkane structures are sometimes drawn as line structures, which are polygons in 
which each corner represents a CH, group. This method of representation is similar to 
that used for benzene rings. (Remember from our benzene discussion that in aromatic 
structures each vertex represents a CH group, not a CH, group.) 

Carbon rings containing fewer than five carbon atoms are strained because the 
C— C—C bond angles must be less than the 109.5° tetrahedral angle. The amount of 
strain increases as the rings get smaller. In cyclopropane, which has the shape of an equi- 
lateral triangle, the angle is only 60°; this molecule is therefore much more reactive than 
propane, its straight-chain analog. 
W CA The general formula for straight-chain alkanes is C,Hon +2. 

What is the general formula for cycloalkanes? 


AR 
HC^ “CH, ya CH 
| | H,C “CH, / 2 
HC, ACH \ / ‘ 
CH» H»C—CH) H,C——CH), 
Cyclohexane Cyclopentane Cyclopropane 


Each vertex 
represents one 
CH) group 


Three vertices = 
three CH) groups 


Five vertices = 
five CH; groups 


A Figure 24.5 Condensed structural formulas and line structures for three cycloalkanes. 


Reactions of Alkanes 


Because they contain only C—C and C—H bonds, most alkanes are relatively unreac- 
tive. At room temperature, for example, they do not react with acids, bases, or strong 
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oxidizing agents. Their low chemical reactivity, as noted in Section 24.1, is due primarily 
to the strength and lack of polarity of C—C and C—H bonds. 

Alkanes are not completely inert, however. One of their most commercially import- 
ant reactions is combustion in air, which is the basis of their use as fuels. For example, the 


complete combustion of ethane proceeds according to this highly exothermic reaction: 


2 C2H6(8) + 7 O2(g) —> 4COd(g) + 6 H20(1) 


AH® = -2855kJ 


CHEMISTRY PUT TO WORK WAUA 


Petroleum, or crude oil, is a mixture of hydrocarbons plus smaller 
quantities of other organic compounds containing nitrogen, oxygen, 
or sulfur. The tremendous demand for petroleum to meet the world’s 
energy needs has led to the tapping of oil wells in such forbidding 
places as the North Sea and northern Alaska. 

The usual first step in the refining, or processing, of petroleum is 
to separate it into fractions on the basis of boiling point (Table 24.5). 
Because petrol is the most commercially important of these frac- 
tions, various processes are used to maximize its yield. 

Petrol is a mixture of volatile alkanes and aromatic hydrocar- 
bons. In a traditional car engine, a mixture of air and petrol vapor is 
compressed by a piston and then ignited by a spark plug. The burning 
of the petrol should create a strong, smooth expansion of gas, forcing 
the piston outward and imparting force along the driveshaft of the 
engine. If the gas burns too rapidly, the piston receives a single hard 
slam rather than a strong, smooth push. The result is a “knocking” or 
“pinging” sound and a reduction in the efficiency with which energy 
produced by the combustion is converted to work. 

The octane number of a petrol is a measure of its resistance to 
knocking. Petrol with high octane numbers burn more smoothly 
and are thus more effective fuels (Figure 24.6). Branched alkanes 
and aromatic hydrocarbons have higher octane numbers than 
straight-chain alkanes. The octane number of petrol is obtained 
by comparing its knocking characteristics with those of isooctane 
(2,2,4-trimethylpentane) and heptane. Isooctane is assigned an 
octane number of 100, and heptane is assigned 0. Petrol with the 
same knocking characteristics as a mixture of 91% isooctane and 9% 
heptane, for instance, is rated as 91 octane. 


TABLE 24.5 Hydrocarbon Fractions from Petroleum 


Size Range of Boiling-Point 
Fraction Molecules Range (°C) Uses 
Gas Cı to Cs —160 to 30 Gaseous fuel, 
production of Hz 
Straight-run C; to C42 30 to 200 Motor fuel 
petrol 
Kerosene, C12 to Cig 180 to 400 Diesel fuel, 
fuel oil furnace fuel, 
cracking 
Lubricants C16 and up 350 and up Lubricants 
Paraffins C20 and up Low-melting Candles, 
solids matches 
Asphalt C36 and up Gummy Surfacing roads 
residues 


The petrol obtained by fractionating petroleum (called straight- 
run petrol) contains mainly straight-chain hydrocarbons and has 
an octane number around 50. To increase its octane rating, it is sub- 
jected to a process called reforming, which converts the straight-chain 
alkanes into branched-chain ones. 

Cracking is used to produce aromatic hydrocarbons and to con- 
vert some of the less volatile fractions of petroleum into compounds 
suitable for use as automobile fuel. In cracking, the hydrocarbons are 
mixed with a catalyst and heated to 400-500 °C. The catalysts used 
are either clay minerals or synthetic AlyO3—SiO, mixtures. In addi- 
tion to forming molecules more suitable for petrol, cracking results 
in the formation of such low-molecular-weight hydrocarbons as 
ethene and propene. These substances are used in a variety of reac- 
tions to form plastics and other chemicals. 

Adding compounds called either antiknock agents or octane 
enhancers increases the octane rating of petrol. Until the mid-1970s, 
the principal antiknock agent was tetraethyl lead (C2H;)4Pb. It is no 
longer used, however, because of the environmental hazards of lead 
and because it poisons catalytic converters. Aromatic compounds 
such as toluene (CgsH;CH3) and oxygenated hydrocarbons such as 
ethanol (CH3CH2OH) are now generally used as antiknock agents. 

Related Exercises: 24.12 and 24.63 


A Figure 24.6 Octane rating. The octane rating of petrol measures its 
resistance to knocking when burned in an engine. The octane rating of 
the petrol in the foreground is 89. 
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Self-Assessment Exercises 


24.4 What is the systematic name of the following structure? 


CH3— CH,— CH—CH, CH; 


CH; — CH,— CH— CH,—CH—CH,—CH3 


(a) 3-butyl-S-methylheptane 
(b) 3-methyl-5-butylheptane 
(c) 4-ethyl-3,6-dimethyloctane 
(d) 5-ethyl-3,6-dimethyloctane 


24.5 


Toluene is acommon industrial solvent and has the follow- 
ing structure: 


it 
Cc 
ae” “TH 
HC, CH 
C 
H 
What type of hydrocarbon is it? 
(a) Alkane 
(b) Alkene 
(c) Alkyne 


(d) Aromatic 


a 


Exercises 


24.6 


24.7 


24.8 


24.9 


Indicate whether each statement is true or false. (a) Ethane 
has a higher molar mass than ethene. (b) For molecules of 
the same homologous family, the higher the molecular 
mass, the higher the boiling point. (c) The local geometry 
around the alkene group is T-shaped. (d) Butene has two 
structural isomers. 


Identify the carbon atom(s) in the structure shown that 
has (have) each of the following hybridizations: (a) sp, 
(b) sp”, (c) sp°. 


True or false: The weaker a single bond in a molecule, the 
greater the chance it will be the site of a reaction (com- 
pared to stronger single bonds in the molecule). 


Indicate whether each statement is true or false. (a) Alkanes 
do not contain any carbon-carbon multiple bonds. 
(b) Cyclobutane contains a four-membered ring. (c) Alkenes 
contain carbon-carbon triple bonds. (d) Alkynes contain 
carbon-carbon double bonds. (e) Pentane is a saturated 
hydrocarbon but 1-pentene is an unsaturated hydrocarbon. 
(£) Cyclohexane is an aromatic hydrocarbon. (g) The methyl 
group contains one less hydrogen atom than methane. 


24.10 


24.11 


24.12 


Give the name or condensed structural formula, as 
appropriate: 


(a) CHCH) CHCH; 

CH3CCH,CH 

CH; CH; 
ji 
(b) CH3CH,;CH;OCH3 
CH3CHCH»CH3 

(c) 2,5,6-trimethylnonane 
(d) 4-ethyl-5,6-dimethyldodecane 
(e) 1-ethyl-3-methylcyclohexane 


Give the name or condensed structural formula, as 
appropriate: 


(a) 3-phenylpentane 

(b) 2,3-dimethylhexane 

(c) 3,3-dimethyloctane 

(d) CH3CH,CH(CH3)CH,CH(CH3)> 


(e) 
oe CH3 


Describe two ways in which the octane number of a gaso- 
line consisting of alkanes can be increased. 


(0) pve 


y 


(P) Stz 
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24.3 | Alkenes, Alkynes, and Aromatic 
Hydrocarbons 


i 
Yi 


= 
+ 


Unsaturated hydrocarbons contain a double or a triple bond between two carbon 
atoms and they differ greatly from alkanes in much of their chemistry. Understanding 
the molecular basis of this different reactivity allows us to predict what reactions may 
occur and enhances our ability to use basic chemicals to synthesize more complex sub- 
stances. These, in turn, may be built into the modern materials that surround us and 
used, for example, in construction, medicine, and technology. 

When you finish this section, you should be able to: 


e Recognize the difference in structure and chemistry of an alkene and aromatic 
hydrocarbon 
e Predict the products of addition reactions and substitution reactions 


Because alkanes have only single bonds, they contain the largest possible number 
of hydrogen atoms per carbon atom. As a result, they are called saturated hydrocarbons. 
Alkenes, alkynes, and aromatic hydrocarbons contain multiple carbon-carbon bonds 
(double, triple, or delocalized 7 bonds). As a result, they contain less hydrogen than 
an alkane with the same number of carbon atoms. Collectively, they are called unsat- 
urated hydrocarbons. On the whole, unsaturated molecules are more reactive than sat- 
urated ones. 


Alkenes 


Alkenes are unsaturated hydrocarbons that contain at least one C=C bond. The sim- 
plest alkene is CH} =CH;,, called ethene (IUPAC) or ethylene (common name), which 
plays important roles as a plant hormone in seed germination and fruit ripening. The 
next member of the series is CH; —-CH=CH)p, called propene or propylene. Alkenes 
with four or more carbon atoms have several isomers. For example, the alkene C,H, 
has the four isomers shown in Figure 24.7. Notice both their structures and their 
names. 

The names of alkenes are based on the longest continuous chain of carbon atoms 
that contains the double bond. The chain is named by changing the ending of the name 
of the corresponding alkane from -ane to -ene. The compound on the left in Figure 24.7, 
for example, has a double bond as part of a three-carbon chain; thus, the parent alkene 
is propene. 


SECTION 24.3 Alkenes, Alkynes, and Aromatic Hydrocarbons 1161 


W Go Figure How many isomers are there for propene, C3Hg? 


Red numbers mark longest Methyl groups on same Methyl groups on opposite 
chain containing C=C. side of double bond sides of double bond 
/ Va S 
CH3CH H CH CH CH H 
Pady 8 Pa T a 
C=C C=C C=C C=C ; 
J IN LE Ey S3 WN 7B 2 
CH; H H H H H H CH3 
Methylpropene but-1-ene cis-but-2-ene trans-but-2-ene 
bp -7 °C bp —6 °C bp +4°C bp +1 °C 


Methyl group branching 
off longest chain 


A Figure 24.7 The alkene C,Hg has four structural isomers. 


No methyl group 
branching off 


The location of the double bond along an alkene chain is indicated by a number 
that designates the double-bond carbon atom that is nearest an end of the chain. The 
chain is always numbered from the end that brings us to the double bond sooner and 
hence gives the smallest-numbered prefix. In propene, the only possible location for the 
double bond is between the first and second carbons; thus, a prefix indicating its loca- 
tion is unnecessary. For butene (Figure 24.7), there are two possible positions for the dou- 
ble bond, either after the first carbon (but-1-ene) or after the second carbon (but-2-ene).* 

If a substance contains two or more double bonds, the location of each is indi- 
cated by a numerical prefix, and the ending of the name is altered to identify the 
number of double bonds: diene (two), triene (three), and so forth. For example, 
CH,=CH— CH,;— CH= CH; is penta-1,4-diene. 

The two isomers on the right in Figure 24.7 differ in the relative locations of their 
methyl groups. These two compounds are a type of stereoisomer called geometric iso- 


mers. They are compounds that have the same molecular formula and the same groups 
bonded to one another but differ in the spatial arrangement of these groups. In the cis 
isomer the two methyl groups are on the same side of the double bond, whereas in the 
trans isomer they are on opposite sides. Geometric isomers possess distinct physical 
properties and can differ significantly from each other in their chemical behavior. 
Geometric isomerism in alkenes arises because, unlike the C—C bond, the C=C 
bond resists twisting. Recall from Section 9.6 that the double bond between two carbon 
atoms consists of ao anda m bond. Figure 24.8 shows a cis alkene. The carbon-carbon 
bond axis and the bonds to the hydrogen atoms and to the alkyl groups (designated 


> Figure 24.8 Cis and trans isomers of 
alkenes. Geometric isomers of alkenes exist 
because rotation about a carbon-carbon 
double bond requires too much energy to 
occur at ordinary temperatures. 'R' is used 
to indicate any carbon group. 


Rotation around 
double bond requires 
considerable energy 

to break m bond. 


te Ta Ar a 


trans isomer 


Rotation has 
destroyed 
orbital overlap. 


Overlapping p 
orbitals create 
one 7 bond. 


is isomer : 
cis ISOMeT This end of molecule 


rotated 90° 


*Note that in some countries, the number indicating the location of the double bond is placed 
before the base part of the name. 
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= Sample Exercise 24.3 
D Drawing Isomers 


Draw all the constitutional and geometric isomers of pentene, CsH1ọ, that have an unbranched hydrocarbon chain. 


SOLUTION 
Analyze We are asked to draw all the isomers (both constitutional only one carbon-carbon double bond. Thus, we begin by placing 
and geometric) for an alkene with a five-carbon chain. the double bond in various locations along the chain, remember- 


ing that the chain can be numbered from either end. After finding 
the different unique locations for the double bond, we consider 
whether the molecule can have cis and trans isomers. 


Plan Because the compound is named pentene and not pentadi- 
ene or pentatriene, we know that the five-carbon chain contains 


Solve 


1 2 3 4 5 
There can be a double bond after either the CC- UU 
first carbon (pent-1-ene) or second carbon 1 2 2 4 5 
(pent-2-ene). These are the only two possi- C—C=C—C—C 
bilities because the chain can be numbered il 2 3 4 5 5 4 3 2 i! 
from either end. Thus, what we might erro- C—C—C=C—C renumbered as C—C—C=C—C 
neously call pent-3-ene is actually pent-2- 1 zz 2 @ OB Do 2 2B 2 1 
ene, as seen by numbering the carbon chain C—C—C—C=C renumbered as C—C—C— C=C 
from the other end: 
Because the first C atom in pent-1-ene is CH,—=CH—CH,—CH,—CH. CH CH»>—CH 
bonded to two H atoms, there are no cis- 2 2 E 3 3 / 2 3 
trans isomers. There are cis and trans isomers pent-l-ene C=C 
for pent-2-ene, however. Thus, the three iso- a N 

H H 
mers for pentene are: 
CH; Q J H cis-pent-2-ene 
Pa Sx 

(You should convince yourself that cis-3-pent- trans-pent-2-ene 
3-ene is identical to cis-pent-2-ene and that 
trans-pent-3-ene is identical to trans-pent-2- 
ene. However, cis-pent-2-ene and trans-pent- > Practice Exercise 
2-ene are the correct names because they have Which compound does not exist? 
smaller numbered prefixes.) (a) 1,2,3,4,5,6,7-octaheptaene (b) cis-2-butane 


(c) trans-3-hexene (d)1-propene (e) cis-4-decene 


R) are all in a plane, and the p orbitals that form the 7 bond are perpendicular to that 
plane. As Figure 24.8 shows, rotation around the carbon-carbon double bond requires 
the m bond to be broken, a process that requires considerable energy (about 250 kJ/mol). 
Because rotation does not occur easily around the carbon-carbon bond, the cis and 
trans isomers of an alkene cannot readily interconvert and, therefore, exist as distinct 
compounds. 


Alkynes 


Alkynes are unsaturated hydrocarbons containing one or more C=C bonds. The sim- 
plest alkyne is acetylene (C,H,, systematic name ethyne), a highly reactive molecule. 
When acetylene is burned in a stream of oxygen in an oxyacetylene torch, the flame 
reaches about 3200 K. Because alkynes in general are highly reactive, they are not as 
widely distributed in nature as alkenes; alkynes, however, are important intermediates in 
many industrial processes. 

Alkynes are named by identifying the longest continuous chain containing the tri- 
ple bond and modifying the ending of the name of the corresponding alkane from -ane 
to -yne, as shown in Sample Exercise 24.4. 


SECTION 24.3 Alkenes, Alkynes, and Aromatic Hydrocarbons 


= Sample Exercise 24.4 
D Naming Unsaturated Hydrocarbons 


Name the following compounds: 


Analyze We are given the condensed structural formulas for an 
alkene and an alkyne and asked to name the compounds. 


Solve 


(a) The longest continuous chain of carbons that contains the 
double bond is seven carbons long, so the parent hydrocarbon is 
heptene. Because the double bond begins at carbon 2 (number- 
ing from the end closer to the double bond), we have 2-heptene. > Practice Exercise 


Addition Reactions of Alkenes and Alkynes 


The presence of carbon-carbon double or triple bonds in hydrocarbons markedly 
increases their chemical reactivity. The most characteristic reactions of alkenes and 
alkynes are addition reactions, in which a reactant is added to the two atoms that 
form the multiple bond. A simple example is the addition of elemental bromine to 
ethene to produce 1,2-dibromoethane: 


H C=CH, + Br —- H C— CH, 
| | [24.1] 
Br Br 


The m bond in ethene is broken, and the electrons that formed the bond are used to form 
two ø bonds to the two bromine atoms. The o bond between the carbon atoms is retained. 

Addition of H, to an alkene converts it to an alkane: 

CH;CH=CHCH; + H Š$% CH3,CH,CH,CH; [24.2] 

The reaction between an alkene and H3, referred to as hydrogenation, does not occur read- 
ily at ordinary temperatures and pressures. One reason for the lack of reactivity of H2 
toward alkenes is the stability of the H, bond. To promote the reaction, the reaction tem- 
perature must be raised (500°C), and a catalyst (such as Ni) is used to assist in rupturing 
the H—H bond. We write such conditions over the reaction arrow to indicate they must 
be present in order for the reaction to occur. The most widely used catalysts are finely 
divided metals on which H; is adsorbed. 

Hydrogen halides and water can also add to the double bond of alkenes, as in these 
reactions of ethene: 


CH=CH, + HBr —> CH3CH2Br [24.3] 
CH=CH; + HO =S CH3;CH,OH [24.4] 


The addition of water is catalyzed by a strong acid, such as H250;4. 


ihe 
CEL CH,CH,CH, 
H H 
SOLUTION (b) The longest continuous chain containing the triple bond 


no cis-trans stereoisomers arise. 
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has six carbons, so this compound is a derivative of hexyne. 
The triple bond comes after the first carbon (numbering from 
the right), making it hex-1-yne. The branch from the hexyne 


Plan In each case, the name is based on the number of carbon atoms chain contains three carbon atoms, making it a propyl group. 
in the longest continuous carbon chain that contains the multiple Because this substituent is located on C3 of the hexyne chain, 
bond. In the alkene, care must be taken to indicate whether cis- the molecule is 3-propylhex-1-yne. Alkynes have a linear 
trans isomerism is possible and, if so, which isomer is given. geometry around the -C = C- triple bond and consequently 


With a methyl group at carbon atom 4, we have 4-methyl- If a compound has two carbon-carbon triple bonds and one 
2-heptene. The geometrical configuration at the double bond is carbon-carbon double bond, what class of compound is it? 
cis (that is, the alkyl groups are bonded to the double bond on (a)aneneyne (b)adieneyne (c)a trieneyne 

the same side). Thus, the full name is cis-4-methylhept-2-ene. (d) anenediyne (e)an enetriyne 
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The addition reactions of alkynes resemble those of alkenes, as shown in these 


examples: 


mh pus 
CH3;C=CCH; + Ch—> (C=C. [24.5] 
CH, Cl 
2-Butyne trans-2,3-Dichloro-but-2-ene 
ii Cl 
CH3;C=CCH; + 2 Cl, —> CH3 i C—CH; [24.6] 
Cl Cl 


2-Butyne 


a Sample Exercise 24.5 
D Predicting the Product of an Addition Reaction 


SOLUTION 


Analyze We are asked to predict the compound formed when a par- 
ticular alkene undergoes hydrogenation (reaction with H2) and to 
write the condensed structural formula of the product. 


Plan To determine the condensed structural formula of the prod- 
uct, we must first write the condensed structural formula or Lewis 
structure of the reactant. In the hydrogenation of the alkene, H3 
adds to the double bond, producing an alkane. 


Solve The name of the starting compound tells us that we have a 
chain of five C atoms with a double bond at one end (position 1) 
and a methyl group on C3: 


CH; 
CH, = CH—CH — CH — CH; 


2,2,3,3-Tetrachlorobutane 


Write the condensed structural formula for the product of the hydrogenation of 3-methyl-pent-1-ene. 


Hydrogenation—the addition of two H atoms to the carbons of 
the double bond—leads to the following alkane: 


CH; 


CH;—CH,—CH—CH,—CH3 


Comment The longest chain in this alkane has five carbon atoms; 
the product is therefore 3-methylpentane. 


> Practice Exercise 
What product is formed from the hydrogenation of 
2-methylpropene? (a) propane, (b) butane, (c) 2-methylbutane, 
(d) 2-methylpropane, (e) 2-methylpropyne. 


A CLOSER LOOK Mechanism of Addition Reactions t 


As the understanding of chemistry has grown, chemists have 
advanced from simply cataloging reactions that occur to explaining 
how they occur, by drawing the individual steps of a reaction based 
upon experimental and theoretical evidence. The sum of these steps 
is termed a reaction mechanism. 

The addition reaction between HBr and an alkene, for instance, 
is thought to proceed in two steps. In the first step, which is rate 
determining, HBr attacks the electron-rich double bond, transfer- 
ring a proton to one of the double-bond carbons. In the reaction of 
but-2-ene with HBr, for example, the first step is 


ô+ 
CH;CH= CHCH; + HBr —> |CH;CH==CHCH; 


+ 
—> CH;CH—CH,CH; + Br- [24.7] 


The electron pair that formed the m bond is used to form the new 
C—H bond. 


Rate = 


The second, faster step is addition of Br” to the positively charged 


carbon. The bromide ion donates a pair of electrons to the carbon, 
forming the C— Br bond: 


+ ô+ 
CH3;CH—CH,CH3 + Bro ——~ CH3CH—CH)CH3 
Bro 


—? CH3CHCH,CH3 


i [24.8] 


Because the rate-determining step involves both the alkene and the 
acid, the rate law for the reaction is second order, first order in the 
alkene and first order in HBr: 


At 


= k[CH;CH=CHCH;][HBr] 
[24.9] 
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The energy profile for the reaction is shown in Figure 24.9. The 
first energy maximum represents the transition state in the first 
step, and the second maximum represents the transition state in 
the second step. The energy minimum represents the energies of 
the intermediate species, CH;CH—CH,CHs3 and Br’. 

To show electron movement in reactions like these, chemists 
often use curved arrows pointing in the direction of electron flow. 
For the addition of HBr to but-2-ene, for example, the shifts in elec- 


A Go Figure 


Is the reaction in Figure 24.9 spontaneous or not, assuming 
the change in energy equals the change in AG? 


First transition 


tron positions are shown as state Second transition 
= state 
go as ae 
CHCH CHCH; +H—Br: 2% A + 
T S CHCH — CHCH, 
+ Bro Product 
CH3;CH = CHCH; 
i T i ii + HBr Intermediates ep ees 
e + ‘Br: fast _, CH;—C—C—CH, Reactants Br 
A ‘Br: H Reaction pathway 


A Figure 24.9 Energy profile for addition of HBr to but-2-ene. The two 
maxima tell you that this is a two-step mechanism. 


Aromatic Hydrocarbons 


The simplest aromatic hydrocarbon, benzene (C6H6), is shown in Figure 24.10 along with 
some other aromatic hydrocarbons. Benzene is the most important aromatic hydrocar- 
bon, and most of our discussion focuses on it. When the C,Hs-group is a substituent in a 
compound, it is known (confusingly) as the phenyl group. 


Stabilization of 7 Electrons by Delocalization 


If you draw one Lewis structure for benzene, you draw a ring that contains three CC dou- 
ble bonds and three single CC bonds. You might therefore expect benzene to resemble the 
alkenes and to be highly reactive. Benzene and the other aromatic hydrocarbons, however, 
are much more stable than alkenes because the r electrons are delocalized in the m orbitals. 

We can estimate the stabilization of the 7 electrons in benzene by comparing the 
energy released upon forming cyclohexane by adding hydrogen to benzene, to cyclohex- 
ene (one double bond), and to 1,4-cyclohexadiene (two double bonds): 


O +3H, — O AH? 
| + H —> © AH’? = —120 kJ/mol 
| | + 2H, — Q AH? = —232 kJ/mol 


© 66 Coo 6 BBO 


Benzene Naphthalene Anthracene Toluene Pyrene 
(Methylbenzene) 


ll 


—208 kJ/mol 


A Figure 24.10 Line formulas and common names of several aromatic compounds. The aromatic 
rings are represented by hexagons with a circle inscribed inside to denote delocalized a bonds. 
Each vertex represents a carbon atom. Each carbon is bound to three other atoms—either three 
carbons, or two carbons and a hydrogen—so that each carbon has the requisite four bonds. 
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From the second and third reactions, it appears that the energy released upon 
hydrogenation of each double bond is roughly 118 kJ/mol for each bond. Ben- 
zene contains the equivalent of three double bonds. We might expect, therefore, 
the energy released upon hydrogenation of benzene to be about 3 times —118, or 
—354 kJ/mol, if benzene behaved as though it were “cyclohexatriene,” that is, if it 
behaved as though it had three isolated double bonds in a ring. Instead, the energy 
released is 146 kJ less than this, indicating that benzene is more stable than would 
be expected for three double bonds. The difference of 146 kJ/mol between the 
expected heat of hydrogenation (-354 kJ/mol) and the observed heat of hydrogena- 
tion (—208 kJ/mol) is due to stabilization of the 7 electrons through delocalization 
in the z orbitals that extend around the ring. Chemists call this stabilization energy 
the resonance energy. 


Substitution Reactions of Aromatic Hydrocarbons 


Although aromatic hydrocarbons are unsaturated, they do not readily undergo addi- 
tion reactions. The delocalized 7 bonding causes aromatic compounds to behave 
quite differently from alkenes and alkynes. Benzene, for example, does not add 
Cl, or Br, to its double bonds under ordinary conditions. In contrast, aromatic 
hydrocarbons undergo substitution reactions. In a substitution reaction, one 
hydrogen atom of the molecule is removed and replaced (substituted) by another 
atom or group of atoms. When benzene is warmed in a mixture of nitric and sul- 
furic acids, for example, one of the benzene hydrogens is replaced by the nitro 
group, NO;: 


NO, 


HSO, 
=y + H2O [24.10] 


+ HNO3 


Benzene Nitrobenzene 
More vigorous treatment results in substitution of a second nitro group into the molecule: 


NO, NO, 


+HNO, —2 +H,O 


[24.11] 


NO, 


There are three isomers of benzene that contain two nitro groups—the 1,2- or ortho- 
isomer, the 1,3- or meta-isomer, and the 1,4- or para-isomer of dinitrobenzene: 


NO, NO, NO, 
NO, 
NO, 
ortho-Dinitrobenzene meta-Dinitrobenzene _ para-Dinitrobenzene 


1,2-Dinitrobenzene 1,3-Dinitrobenzene 1,4-Dinitrobenzene 
mp 118 °C mp 90 °C mp 174°C 


In the reaction of Equation 24.11, the principal product is the meta isomer. 
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Bromination of benzene, carried out with FeBr; as a catalyst, is another substitution 


reaction: 
Br 
+ fey + HBr 
a [24.12] 
Benzene Bromobenzene 


In a similar substitution reaction, called the Friedel-Crafts reaction, alkyl groups can 
be substituted onto an aromatic ring by reacting an alkyl halide with an aromatic com- 
pound in the presence of AlCl; as a catalyst: 


CH,CH; 
AlCl; 
+ CH3;CH,Cl ——> + HCl 
aie [24.13] 
Benzene Ethylbenzene 
Self-Assessment Exercises 
24.13 How many distinct locations are there for a double bond ina 24.15 When the aromatic hydrocarbon naphthalene, shown in 
five-carbon linear chain? Figure 24.10, reacts with nitric and sulfuric acids, how many 

(a) 1 distinct compounds containing one nitro group are formed? 

(b) 2 (a) 1 

(c) 3 (b) 2 

(d) 4 (c) 4 


24.14 Acyclic compound containing a ring of six carbon atoms 
and has the formula C6H10. Is the compound classify as an 
alkane, alkene or aromatic compound? 


(a) Alkane 
(b) Alkene 


(c) Aromatic compound 


| ———— 


Exercises 


24.16 (a) Is the compound CBr3CH=CHCH; saturated or unsat- for the disappearance of the red-brown color. This test does 
urated? Explain. (b) What is wrong with the formula not work for detecting the presence of an aromatic hydro- 
CH2 = CH2?CH2CH;3? carbon. Explain. (b) Write a series of reactions leading to 
24.17 Indicate whether each of the following molecules is capa- para-bromoethylbenzene, beginning with benzene and 
ble of geometrical isomerism. For those that are, draw the using other reagents as needed. What isomeric side prod- 
structures: (a) 2-methylpropene, (b) 1,3-diiodobenzene, ucts might also be formed? 
(c) 1,2-dichloropent-1-ene, (d) 3-methylbut-1-yne. 24.20 Describe the intermediate that is thought to form in the 
24.18 Using condensed structural formulas, write a balanced addition of a hydrogen halide to an alkene, using cyclohex- 
chemical equation for each of the following reactions: ene as the alkene in your description. 
(a) hydrogenation of cyclohexene, (b) addition of H,O to 24.21 The heat of combustion of decahydronaphthalene 
trans-pent-2-ene using HSO; as a catalyst (two products), (CioH18) is —6286 kJ/mol. The heat of combustion of 
(c) reaction of 2-chloropropane with benzene in the pres- naphthalene (CioHg) is —5157 kJ/mol. (In both cases 
ence of AICls. CO,(g) and H,O(/) are the products.) Using these data and 


24.19 (a) One test for the presence of an alkene is to add a small data in Appendix C, calculate the heat of hydrogenation 
amount of bromine, which is a red-brown liquid, and look and the resonance energy of naphthalene. 


(a) ertz 


y 


(a) srog (q) pitz 


SƏS131ƏXJ }UIUSSƏSSY-}JƏŞ 0} SIƏMSUY 
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24.4 | Organic Functional Groups 


The wealth of variety in organic chemistry results from the combination of a vast num- 
ber of ways that carbon chains and rings may be constructed, punctuated by a selection 
of functional groups. These form the reactive part of the molecule and are given special 
attention, rather like an ace in a card game. Functional groups also provide a way to clas- 
sify the many millions of organic compounds into a few types which that characteristic 
chemistry. By the end of this section, you should be able to 


e Identify the common functional groups present in organic molecules. 


The C=C double bonds of alkenes and C=C triple bonds of alkynes are just two of 
about a dozen functional groups in organic molecules. As noted earlier, these functional 
groups each undergo characteristic reactions, and the same is true of all other functional 
groups. Each kind of functional group often undergoes the same kinds of reactions in 
every molecule, regardless of the size and complexity of the molecule. Thus, the chem- 
istry of an organic molecule is largely determined by the functional groups it contains. 
Table 24.6 lists the most common functional groups. Notice that, except for C=C and 
C=C, they all contain either O, N, or a halogen atom, X. 

We can think of organic molecules as being composed of functional groups bonded 
to one or more alkyl groups. The alkyl groups, which are made of C—C and C—H single 
bonds, are the less reactive portions of the molecules. In describing general features of 
organic compounds, chemists often use the designation R to represent any alkyl group: 
methyl, ethyl, propyl, and so on. Alkanes, for example, which contain no functional 
group, are represented as R—H. Alcohols, which contain the functional group — OH, 
are represented as R—OH. If two or more different alkyl groups are present in a mole- 
cule, we designate them R, R’, R”, and so forth. 


Alcohols 


Alcohols are compounds in which one or more hydrogens of a parent hydrocarbon 
have been replaced by the functional group — OH, called either the hydroxyl group or the 
alcohol group. Note in Figure 24.11 that the name for an alcohol ends in -ol. The simple 
alcohols are named by changing the last letter in the name of the corresponding alkane 
to -ol—for example, ethane becomes ethanol. Where necessary, the location of the OH 
group is designated by a numeral that indicates the number of the carbon atom bearing 
the OH group. Figure 24.12 shows several commercial products that consist entirely or in 
large part of an alcohol. 

The O—H bond is polar, so alcohols are more soluble in polar solvents than are 
hydrocarbons. The —OH functional group can also participate in hydrogen bonding. 
As a result, the boiling points of alcohols are higher than those of their parent alkanes. 
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TABLE 24.6 Common Functional Groups 


Example 
Functional Compound Suffix Structural Ball-and-stick Systematic Name 
Group Type Formula Model (Common Name) 
SS 
Ce Alkene -ene Ethene 
7 (Ethylene) 
—C=C— 7 Ethyne 
C=C Alkyne yne (Acetylene) 
—C—O—H Alcohol -ol Methanol 
. | 
—C—O—C— ' Ether ether Methoxymethane 
| (Dimethyl ether) 
—C—x: Alkyl halide -ide Chloromethane 
or haloalkane 
(X = halogen) 
o , 
= $ a Amine -amine Ethylamine 
T 
—C—H Aldehyde -al Ethanal 
(Acetaldehyde) 
:O: 
| | | 
—C—C—C— Ketone -one Propanone 
| | (Acetone) 
i 
—C—O—H Carboxylic -oic acid Ethanoic acid 
acid (Acetic acid) 
To] 
—C—Ö—C — Ester -oate Methyl ethanoate 
| (Methyl acetate) 
i 
CN Amide -amide Ethanamide 


(Acetamide) 
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A Figure 24.12 Everyday alcohols. Many 

of the products we use every day— 

from rubbing alcohol to hair spray and 
antifreeze—are composed either entirely or 
mainly of alcohols. 


i 
CH;— a CH; Se CH; Cha çH 
OH OH OH OH 
Propan-2-ol 2-Methylpropan-2-ol Ethane-1,2-diol 
Isopropyl alcohol; t-Butyl alcohol Ethylene glycol 
rubbing alcohol 
OH 


Phenol Propane-1,2,3-triol 2,15-Dimethy]l-14- 
Glycerol; glycerin (1,5-dimethylhexyl)tetracyclo[8.7.0.077.0!!>}heptacos- 
7-en-5-ol 
Cholesterol 


A Figure 24.11 Condensed structural formulas of six important alcohols. Common names are given 
in blue. 


The simplest alcohol, methanol (CH30H), has many industrial uses and is produced 
on a large scale by heating carbon monoxide and hydrogen under pressure in the pres- 
ence of a metal oxide catalyst: 


200 — 300 atm 
400°C 


CO(g) + 2 H2(g) CH30H(g) [24.14] 


Because methanol has a very high octane rating as an automobile fuel, it is used as a petrol 
additive and as a fuel in its own right. 

Ethanol (ethyl alcohol, C,H;OH) is a product of the fermentation of carbohydrates 
such as sugars and starches. In the absence of air, yeast cells convert these carbohydrates 
into ethanol and CO3: 


CsH120¢(aq) “S$ 2C,HsOH(aq) + 2 CO,(g) [24.15] 


In the process, the yeast cells derive energy necessary for growth. This reaction is carried 
out under carefully controlled conditions to produce beer, wine, and other beverages in 
which ethanol (called just “alcohol” in everyday language) is the active ingredient. 

The simplest polyhydroxy] alcohol (an alcohol containing more than one OH 
group) is ethane-1,2-diol (ethylene glycol, HOCH,CH,OH), the major ingredient 
in vehicle antifreeze. Another common polyhydroxyl alcohol is propane-1,2,3-triol 
(glycerol, HOCH,CH(OH)CH,OH), a viscous liquid that dissolves readily in water and is 
used in cosmetics as a skin softener and in foods and candies to keep them moist. 

Phenol is the simplest compound with an OH group attached to an aromatic ring. 
One of the most striking effects of the aromatic group is the greatly increased acidity of 
the OH group. Phenol is about 1 million times more acidic in water than a nonaromatic 
alcohol. Even so, it is not a very strong acid (K, = 1.3 xX 107!°). Phenol is used industri- 
ally to make plastics and dyes, and as a topical anesthetic in throat sprays. 

Cholesterol, shown in Figure 24.11, is a biochemically important alcohol. The OH 
group forms only a small component of this molecule, so cholesterol is only slightly sol- 
uble in water (2.6 g/L of H2O). Cholesterol is a normal and essential component of our 
bodies; when present in excessive amounts, however, it may precipitate from solution. It 
precipitates in the gallbladder to form crystalline lumps called gallstones. It may also pre- 
cipitate against the walls of veins and arteries and thus contribute to high blood pressure 
and other cardiovascular problems. 


Ethers 


Compounds in which two hydrocarbon groups are bonded to one oxygen are called 
ethers. Ethers can be formed from two molecules of alcohol by eliminating a molecule 
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of water. The reaction is catalyzed by sulfuric acid, which takes up water to remove it 
from the system: 


CH,CH,—OH + H—OCH,CH; “$3 CH;CH,—O—CH,CH; + H,O [24.16] 


A reaction in which water is eliminated from two substances is called a condensation 
reaction. 

Both diethyl ether and the cyclic ether tetrahydrofuran, shown here, are common 
solvents for organic reactions. Diethyl ether was formerly used as an anesthetic (known 
simply as “ether” in that context), but it had significant side effects. 


CH»—CH, 
CH,CH,—O—CH,CH, | 
CH, CH, 
O 
Diethyl ether Tetrahydrofuran (THF) 


Aldehydes and Ketones 


Several of the functional groups listed in Table 24.6 contain the carbonyl group, 
C=O. This group, together with the atoms attached to its carbon, defines several 
important functional groups that we consider in this section. 

In aldehydes, the carbonyl group has at least one hydrogen atom attached: 


1 1 
H—C—H CH;=C=H 
Methanal Ethanal 


Formaldehyde Acetaldehyde 


In ketones, the carbonyl group occurs at the interior of a carbon chain and is therefore 
flanked by carbon atoms: 


OH 


I I 
CH3—C—CH, CH3—C—CH,CH; 
Propanone 2-Butanone Testosterone 
Acetone Methyl ethyl ketone 


The systematic names of aldehydes contain -al and ketone names contain -one. Notice 
that testosterone has both alcohol and ketone groups; the ketone functional group domi- 
nates the molecular properties. Therefore, testosterone is considered a ketone first and an 
alcohol second, and its name reflects its ketone properties. 

Many compounds found in nature contain an aldehyde or ketone functional 
group. Vanilla and cinnamon flavorings are naturally occurring aldehydes. Two isomers 
of the ketone carvone impart the characteristic flavors of spearmint leaves and caraway 
seeds. 

Ketones are less reactive than aldehydes and are used extensively as solvents. Ace- 
tone, the most widely used ketone, is completely miscible with water, yet it dissolves a 
wide range of organic substances. 


Carboxylic Acids and Esters 


Carboxylic acids contain the carboxyl functional group, often written COOH. These 
weak acids are widely distributed in nature and are common in citrus fruits. They are 
also important in the manufacture of polymers used to make fibers, films, and paints. 
Figure 24.13 shows the formulas of several carboxylic acids. 
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V CE which of these substances have both a carboxylic acid 
functional group and an alcohol functional group? 


O O 
| | 
i oe 
CH3;— CH— C— OH O HO—C—CH,— C—CH) 
OH H—C—OH OH 
Lactic acid Methanoic acid Citric acid 
Formic acid 
1 
O—C—CH; | | 
l CH;—C—OH C—OH 
Acetylsalicylic acid Ethanoic acid Benzoic acid 
Aspirin Acetic acid 


A Figure 24.13 Structural formulas of common carboxylic acids. The common names for these 
acids are given in blue type. 


The common names of many carboxylic acids are based on their historical origins. 
Formic acid, for example, was first prepared by extraction from ants; its name is derived 
from the Latin word for “ant,” formica. 

Carboxylic acids can be produced by oxidation of alcohols. Under appropriate con- 
ditions, the aldehyde may be isolated as the first product of oxidation, as in the sequence 


| 
CH3CH,OH + (O) —> CH3CH + H,O [24.17] 


Ethanol Acetaldehyde 
it ji 
CH3CH + (O) —> CH3COH [24.18] 
Acetaldehyde Acetic acid 


where (O) represents any oxidant. The air oxidation of ethanol to acetic acid is 
responsible for causing wines to turn sour, producing vinegar. 

The oxidation processes in organic compounds are related to those oxidation reac- 
tions we studied in Chapter 20. Instead of counting electrons, the number of C—O 
bonds is usually considered to show the extent of oxidation of similar compounds. For 
example, methane can be oxidized to methanol, then formaldehye (methanal), then for- 
mic acid (methanoic acid): 


i i 
H H H—C—H H—C—O—H 
Methane Methanol Formaldehyde Formic acid 


From methanol to formic acid, the number of C—O bonds increases from 0 to 3 
(double bonds are counted as two). If you were to calculate the oxidation state of carbon 
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in these compounds, it would range from —4 in methane (if H’s are counted as +1) to +2 
in formic acid, which is consistent with carbon being oxidized. The ultimate oxidation 
product of any organic compound, then, is CO2, which is indeed the product of combus- 
tion reactions of carbon-containing compounds (CO, has 4 C—O bonds, and C has the 
oxidation state +4). 

Aldehydes and ketones can be prepared by controlled oxidation of alcohols. Com- 
plete oxidation results in formation of CO, and H30, as in the burning of methanol: 


CH3OH(g) + 3O2(g) —> CO,(g) + 2H20(g) 


Controlled partial oxidation to form other organic substances, such as aldehydes and 
ketones, is carried out by using various oxidizing agents, such as air, hydrogen peroxide 
(H202), ozone (O3), and potassium dichromate (KCr,O7). 

Acetic acid can also be produced by the reaction of methanol with carbon monoxide 
in the presence of a rhodium catalyst: 


| 
+ CHj;—C—OH [24.19] 


catalyst 


CH,OH + CO 


This reaction is not an oxidation; it involves, in effect, the insertion of a carbon mon- 
oxide molecule between the CH; and OH groups. A reaction of this kind is called 
carbonylation. 

Carboxylic acids can undergo condensation reactions with alcohols to form esters: 


O 
| Il 
CH3—C—OH + HO—CH,CH3 > CH3 C O CHCH; + H,O 
Acetic acid Ethanol Ethyl acetate 


[24.20] 


Esters are compounds in which the H atom of a carboxylic acid is replaced by a carbon- 
containing group: 


The name of any ester consists of the name of the group contributed by the alco- 
hol followed by the name of the group contributed by the carboxylic acid, with the -ic 
replaced by -ate. For example, the ester formed from ethanol, CH;CH20H, and butanoic 
acid, CH3(CH2)2 COOH, is 


i 
CH,CH,CH,C—O 


ee 


aoe 


Ethyl butanoate 


Notice that the chemical formula generally has the group originating from the acid writ- 
ten first, which is opposite of the way the ester is named. 

Many esters such as isoamyl acetate have pleasant odors and are largely responsible 
for the pleasing aromas of fruit. 
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An ester treated with an acid or a base in aqueous solution is hydrolyzed; that is, the 
molecule is split into an alcohol and a carboxylic acid or its anion: 


| 
CH3;CH,—C—O—CH, + OH- —~> 


Methyl propanonate 
1 
CH3;CH,— C—O- + CHOH 
Propanonate ion Methanol [24.21] 


The hydrolysis of an ester in the presence of a base is called saponification, a term 
that comes from the Latin word for soap, sapon. Naturally occurring esters include fats 
and oils, and in making soap an animal fat or a vegetable oil is boiled with a strong base. 
The resultant soap consists of a mixture of salts of long-chain carboxylic acids (called fatty 
acids), which form during the saponification reaction. 


\a Sample Exercise 24.6 
D Naming Esters and Predicting Hydrolysis Products 


In a basic aqueous solution, esters react with hydroxide ion to form the salt of the carboxylic acid and the alcohol from which the 


ester is constituted. Name each of the following esters, and indicate the products of their reaction with aqueous base. 


1 
(a) (O)-c-ocnichs 
SOLUTION 


Analyze We are given two esters and asked to name them and to 
predict the products formed when they undergo hydrolysis (split 
into an alcohol and carboxylate ion) in basic solution. 


Plan Esters are formed by the condensation reaction between an 
alcohol and a carboxylic acid. To name an ester, we must analyze its 
structure and determine the identities of the alcohol and acid from 
which it is formed. We can identify the alcohol by adding an OH 

to the alkyl group attached to the O atom of the carboxyl (COO) 
group. We can identify the acid by adding an H to the O atom of the 
carboxyl group. We have learned that the first part of an ester name 
indicates the alcohol portion and the second indicates the acid por- 
tion. The name conforms to how the ester undergoes hydrolysis in 
base, reacting with base to form an alcohol and a carboxylate anion. 


Solve 


(a) This ester is derived from ethanol (CH3;CH,OH) and benzoic 
acid (CgH;COOH). Its name is therefore ethyl benzoate. 
The net ionic equation for reaction of ethyl benzoate with 
hydroxide ion is 


i 
(O)-€-ocricriin + OH) —> 


O 


Olew 


The products are benzoate ion and ethanol. 


ji 
(b) cucrcr—C—-0-{)) 


(b) This ester is derived from phenol (C,H,;OH) and butanoic 
acid (CH3CH2CH2,COOH). The residue from the phenol is 
called the phenyl group. The ester is therefore named phenyl 
butanoate. The net ionic equation for the reaction of phenyl 
butanoate with hydroxide ion is 


O 


| 
cucecrie—0-{C) Yan + OH) —> 


O 


| 
CH,CH,CH,C—O-(aq) + HO {Open 


The products are butyrate ion and phenol. 


> Practice Exercise 
For the generic ester RC(O)OR’, which bond will hydrolyze 
under basic conditions? 
(a)the R—C bond (b)the C=O bond (c) the C—O bond 
(d) the O—R' bond _ (e) more than one of these 
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Amines and Amides 


Amines are compounds in which one or more of the hydrogens of ammonia (NH3) are 
replaced by an alkyl group: 


CH,CH,NH, (CH;)3N (Oy 


Ethylamine Trimethylamine Phenylamine 
Aniline 


Amines are the most common organic bases. As we saw in the Chemistry Put to Work 
box in Section 16.6, many pharmaceutically active compounds are complex amines: 


H3;C—O 


HO. 
o os © 
TaT a <J 
O 
' AS Oos 
HO 


HO 


Cocaine Morphine Codeine 


An amine with at least one H bonded to N can undergo a condensation reaction 
with a carboxylic acid to form an amide, which contains the carbonyl group (C=O) 
attached to N (Table 24.6): 


O O 


I | 
CH;C— OH + H—N(CH3)2 — > CH3C—N(CH3)2 + H,O [24.22] 


We may consider the amide functional group to be derived from a carboxylic acid with an 
NRR’, NHo, or NHR’ group replacing the OH of the acid, as in these examples: 


I 
i i 
CH;C—NH, (eon 
OH 
Ethanamide Phenylmethanamide N-(4-hydroxyphenyl)ethanamide 
Acetamide Benzamide Acetaminophen 
The amide linkage 
O 
| 


where R and R’ are organic groups, is the key functional group in proteins, as we will see 
in Section 24.7. 
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Self-Assessment Exercise 


24.22 Identify the functional groups in morphine (c) aldehyde, alkene, amide, ether 


(a) alkene, amide, aromatic ring, ether, ketone (d) alcohol, alkene, amine, aromatic ring, ether 


(b) alcohol, alkyne, amine, ketone 


Exercises 


24.23 Identify the functional groups in each of the following 24.24 (a) Give the empirical formula and structural formula for 


compounds: 


(a) O 
Il 
AN 
H3C CH2CH;CH; 


(b) OH 


24.25 


24.26 


24.27 


24.28 


24.29 


a cyclic ether containing four carbon atoms in the ring. 
(b) Write the structural formula for a straight-chain com- 
pound that is a structural isomer of your answer to part (a). 


Aldehydes and ketones can be named in a systematic way 
by counting the number of carbon atoms (including the 
carbonyl carbon) that they contain. The name of the alde- 
hyde or ketone is based on the hydrocarbon with the same 
number of carbon atoms. The ending -al for aldehyde or 
-one for ketone is added as appropriate. Draw the struc- 
tural formulas for the following aldehydes or ketones: 
(a) 3-ethylpentan-2-one, (b) 2,2-diethylbutanal, (c) pen- 
tanal, (d) 1-bromoheptan-3-one. 

Draw the condensed structures of the compounds formed 
from (a) butanoic acid and methanol, (b) benzoic acid and 
propan-2-ol, (c) propanoic acid and dimethylamine. Name 
the compound in each case. 


Write a balanced chemical equation using condensed 
structural formulas for (a) the formation of butyl pro- 
panoate from the appropriate acid and alcohol, (b) the 
saponification (base hydrolysis) of methyl benzoate. 


Acetic anhydride is formed from two acetic acid molecules, 
in a condensation reaction that involves the removal of 
a molecule of water. Write the chemical equation for this 
process, and show the structure of acetic anhydride. 


Write the condensed structural formula for each of the 
following compounds: (a) 2-ethylhexan-1-ol, (b) methyl 


(e) oO HH phenyl ketone, (c) para-bromobenzoic acid, (d) butyl ethyl 
| Z ? ether, (e) N,N-dimethylbenzamide. 
C C H 
HO~ Ss og XN cr 
de dè 
H H H H 


ƏS191ƏXJ JUBWISSASSY-J}]9S 0} SIƏMSUY 
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24.5 | Chirality in Organic Chemistry 


In 1875, a book by Charles Darwin was published, titled On The Movements and Habits of 
Climbing Plants. One observation Darwin made was that some species of vines always 
twisted up a stake in a clockwise direction while other species adopted an anti-clockwise 
direction. The two different spirals are mirror images of one another. There are many 
instances in nature of this sort of symmetry and a preference to adopt one form over the 
other. Our hands are an example of a mirror-image pair that are not superimposable on one 
another. The very specific interactions this may lead to are shown by pulling on a pair of 
gloves and finding it is impossible to wear the glove that is not matched to the correct hand. 
By the end of this section, you should be able to: 


e Understand what makes an organic compound chiral. 


A molecule possessing a nonsuperimposable mirror image is termed chiral (Greek 
cheir, “hand”). Compounds containing carbon atoms with four different attached groups are 
inherently chiral. A carbon atom with four different attached groups is called a chiral cen- 
ter. For example, consider 2-bromopentane: 


‘i 
a —CH,CH,CH3 
H 


All four groups attached to the second carbon are different, making that carbon a chi- 
ral center. Figure 24.14 illustrates the nonsuperimposable mirror images of this molecule. 
Imagine moving the molecule shown to the left of the mirror over to the right of the mir- 
ror. If you then turn it in every possible way, you will conclude that it cannot be super- 
imposed on the molecule shown to the right of the mirror. Nonsuperimposable mirror 
images are called either optical isomers or enantiomers. Organic chemists use the labels R 
and S to distinguish the two forms. We will not go into the rules for deciding on the labels. 

The two members of an enantiomer pair have identical physical properties and identical 
chemical properties when they react with nonchiral reagents. Only in a chiral environment 
do they behave differently from each other. One interesting property of chiral substances 
is that their solutions may rotate the plane of polarized light, as explained in Section 23.4. 

Chirality is common in organic compounds. It is often not observed, however, 
because when a chiral substance is synthesized in a typical reaction, the two enantio- 
mers are formed in precisely the same quantity. The resulting mixture is called a racemic 
mixture, and it does not rotate the plane of polarized light because the two forms rotate 
the light to equal extents in opposite directions. 
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W WATER If you replace Br with CH3, will the compound be chiral? 


Mirror 
Pa 


A Figure 24.14 The two enantiomeric forms of 2-bromopentane. The mirror-image isomers are not 
superimposable on each other. 


Many drugs are chiral compounds. When a drug is administered as a racemic 
mixture, often only one enantiomer has beneficial results. The other is often inert, 
or nearly so, or may even have a harmful effect. For example, the drug (R)-albuterol 
(Figure 24.15(a)) is a bronchodilator used to relieve the symptoms of asthma. The enan- 
tiomer (S)-albuterol is not only ineffective as a bronchodilator but also actually counters 
the effects of (R)-albuterol. As another example, the nonsteroidal analgesic ibuprofen is 
a chiral molecule usually sold as the racemic mixture. However, a preparation consist- 
ing of just the more active enantiomer, (S)-ibuprofen (Figure 24.15(b)), relieves pain and 
reduces inflammation more rapidly than the racemic mixture. For this reason, the chiral 
version of the drug may in time come to replace the racemic one. 


OH H COOH 


HOCH; Me CH LH 
AL Vous 
HO CH; CH3 


(a) (R)-Albuterol (b) (S)-Ibuprofen 


A Figure 24.15 (R)-Albuterol and (S)-Ibuprofen. (a) This compound, which acts as a bronchodilator 
in patients with asthma, is one member of an enantiomer pair. The other member, (S)-albuterol, 
has the OH group pointing down, and does not have the same physiological effect. (b) For relieving 
pain and reducing inflammation, the ability of this enantiomer far outweighs that of the (R) isomer. 
In the (R) isomer, the positions of the H and CH, group on the far-right carbon are switched. 


Self-Assessment Exercise 


24.30 Which structure represents a chiral molecule? 


Y~ or 


(a) (b) (c) (d) 
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Exercises 


24.31 Is butan-2-ol chiral? 


9S1919Xq JUBWSSASSy-}|9S 0} SIƏMSUY 
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24.6 | Introduction to Biochemistry 


The functional groups discussed in Section 24.4 generate a vast array of molecules with 
very specific chemical reactivities. Nowhere is this specificity more apparent than in bio- 
chemistry—the chemistry of living organisms. 

Before we discuss specific biochemical molecules, we can make some general obser- 
vations. Many biologically important molecules are quite large because organisms build 
biomolecules from smaller, simpler substances readily available in the biosphere. The 
synthesis of large molecules requires energy because most of the reactions are endother- 
mic. The ultimate source of this energy is the Sun. Animals have essentially no capacity 
for using solar energy directly and so depend on plant photosynthesis to supply the bulk 
of their energy needs. 

In addition to requiring large amounts of energy, living organisms are highly orga- 
nized. In thermodynamic terms, this high degree of organization means that the entropy 
of living systems is much lower than that of the raw materials from which the systems 
formed. Thus, living systems must continuously work against the spontaneous tendency 
toward increased entropy. 

In the “Chemistry and Life” essays that appear throughout this text, we have intro- 
duced some important biochemical applications of fundamental chemical ideas. The 
remainder of this chapter will serve as only a brief introduction to other aspects of bio- 
chemistry. Nevertheless, you will see some patterns emerging. Hydrogen bonding, 
for example, is critical to the function of many biochemical systems, and the geometry of 
molecules can govern their biological importance and activity. Many of the large molecules 
in living systems are polymers of much smaller molecules. These biopolymers can be clas- 
sified into three broad categories: proteins, polysaccharides (carbohydrates), and nucleic 
acids. Lipids are another common class of molecules in living systems, but they are usually 
large molecules, not biopolymers. 
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24.7 | Proteins 


Many biologically important molecules are unimaginable complex. Nevertheless, they 
may be understood by first breaking them down into their component parts, each con- 
taining the functional groups we saw in Table 24.6. Organisms build complex biomol- 
ecules (for example, the coronavirus disease COVID-19 illustrated) from much smaller 
and simpler substances that are readily available in the biosphere. 

Proteins are macromolecules present in all living cells. About 50% of your body’s 
dry mass is protein. Some proteins are structural components in animal tissues; they are 
a key part of skin, nails, cartilage, and muscles. Other proteins catalyze reactions, trans- 
port oxygen, serve as hormones to regulate specific body processes, and perform other 
tasks. Whatever their function, all proteins are chemically similar, being composed of 
smaller molecules called amino acids. 

By the end of this section, you should be able to 


e Recognize the amino acids and understand how they form peptides and proteins via 
amide bond formation. 

e Understand the differences between the primary, secondary, tertiary, and quaterna- 
ry structures of proteins. 


Amino Acids 


An amino acid is a molecule containing an amine group, — NH, and a carboxylic 
acid group, — COOH. The building blocks of all proteins are a-amino acids, where the a 
(alpha) indicates that the amino group is located on the carbon atom immediately adja- 
cent to the carboxylic acid group. Thus, there is always one carbon atom between the 
amino group and the carboxylic acid group. 

The general formula for an a-amino acid is represented by 


One of about 20 different groups 
R a carbon R 
lshiN-=C(COOla! or ee 
i H 
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The doubly ionized form, called a zwitterion, usually predominates at near-neutral pH 
values. This form is a result of the transfer of a proton from the carboxylic acid group to 
the amine group. 

Amino acids differ from one another in the nature of their R groups. Twenty-two 
amino acids occur naturally in proteins, and Figure 24.16 shows the 20 of these 22 found 
in humans. Our bodies can synthesize 11 of these 20 amino acids in sufficient amounts 
for our needs. The other 9 must be ingested and are called essential amino acids because 
they are necessary components of our diet. 


W. STUNTED Which group of amino acids has a net positive charge at pH 7? 


Nonpolar amino acids 


ike 
CH; CH; -CH CH, 


| | | 
F cE CH;—CH CH, CH;—CH ms 
+ 
HaN-C-COO- HaN-C-COO™ HsN-C=C00" G HÑ-¢-C007 HN-ç-coo7 H 
H H 
Glycine Alanine Valine Leucine Isoleucine Methionine 
(Gly; G) (Ala; A) (Val; V) (Leu; L) (Ile; I) (Met; M) 


Polar amino acids Aromatic amino acids 


CH; 


HCS OH 


| 
H;N—C—CO07 H;ÑN—C—Coo7 HaN—C—Coo | ENS = CoOo- H,N— i coo- HN 


| | | | 
H H H H H H 
Serine Cysteine Threonine Phenylalanine Tyrosine Tryptophan 
(Ser; S) (Cys; C) (Thr; T) (Phe; F) (Tyr; Y) (Trp; W) 


Basic amino acids Acidic amino acids and their amide derivatives 


H: 
UAN 
Te T 
+ + l + + + | + 
H;N—C—COO- H,;N—C—COO- Hj;N—C—Coo- HAN-F—COO™ HN —COOT HN —COOT HN —COOT 


H 


Histidine Lysine Arginine Aspartic acid Glutamic acid Asparagine Glutamine 
(His; H) (Lys; K) (Arg; R) (Asp; D) (Glu; E) (Asn; N) (Gln; Q) 


A Figure 24.16 The 20 amino acids found in the human body. The blue shading shows the different 
R groups for each amino acid. The acids are shown in the zwitterionic form in which they exist in 
water at near-neutral pH values. The amino acid names shown in bold are the nine essential ones. 
Three-letter and one-letter abbreviations for each amino acid are shown below its name. 
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W Go Fi gure The a-carbon atom of the amino acids, which is the carbon between the amino 

and carboxylate groups, has four different groups attached to it. The amino acids are 
How many chiral centers are there in thus chiral (except for glycine, which has two hydrogens attached to the central car- 
one molecule of aspartame? bon). For historical reasons, the two enantiomeric forms of amino acids are often dis- 


tinguished by the labels D (from the Latin dexter, “right”) and L (from the Latin laevus, 
“eft”). Nearly all the chiral amino acids found in living organisms have the L config- 
uration at the chiral center. The principal exceptions are the proteins that make up 
the cell walls of bacteria, which can contain considerable quantities of the D isomers. 


Polypeptides and Proteins 


Amino acids are linked together into proteins by amide groups (Table 24.6): 
1 


a 


H [24.23] 
Each amide group is called a peptide bond when it is formed by amino acids. A pep- 
tide bond is formed by a condensation reaction between the carboxyl group of one 
amino acid and the amino group of another amino acid. Alanine and glycine, for 
example, form the dipeptide glycylalanine: 


H O H HO 
ugi—¢—l_o- iiad 
H H CH; 
Glycine (Gly; G) Alanine (Ala; A) 


H O HO 
| || | | i ? H 7 
+ 
H;N—C—C—N—C—C—O- + H,O 


| 
| | |] 
CHARH CH, i H C 


o Glycylalanine (Gly-Ala; GA) 

O The amino acid that furnishes the carboxyl group for peptide-bond formation is 
Apae Piicnylalanine named first, with a -yl ending; then the Amino acid furnishing the aming group is 
(Asp) (Phe) named. Using the abbreviations shown in Figure 24.16, we can abbreviate glycylal- 

, anine as either Gly-Ala or GA. In this notation, it is understood that the unreacted 
A Figure 24.17 Sweet stuff. The artificial amino group is on the left and the unreacted carboxyl group on the right. 


sweetener aspartame is the methyl ester of a 


dipeptide The artificial sweetener aspartame (Figure 24.17) is the methyl ester of the dipep- 


tide formed from the amino acids aspartic acid and phenylalanine. 


Sample Exercise 24.7 


Drawing the Structural Formula of a Tripeptide 


Draw the structural formula for alanylglycylserine. 


SOLUTION carboxyl group of glycine with the amino group of serine to form 
Analyze We are given the name of a substance with peptide bonds another peptide bond: 
and asked to write its structural formula. 

Amino grou Carboxyl grou 
Plan The name of this substance suggests that three amino oE PERE 
acids—alanine, glycine, and serine—have been linked together, H O H O H O 
forming a tripeptide. Note that the ending -yl has been added to + | l |l |l 


each amino acid except for the last one, serine. By convention, the H3N —C—Cy-N—C—CHN—C—C—O0 > 
sequence of amino acids in peptides and proteins is written from | 
the nitrogen end to the carbon end: The first-named amino acid 


(alanine, in this case) has a free amino group and the last-named Ala Gly Ser 

one (serine) has a free carboxyl group. A G S 

Solve We first combine the carboxyl group of alanine with the 

amino group of glycine to form a peptide bond and then the We can abbreviate this tripeptide as either Ala-Gly-Ser or AGS. 


Continued 


> Practice Exercise 
How many nitrogen atoms are in the tripeptide Arg-Asp-Gly? 
(a)3 (b)4 (©5 (6 (e)7 
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Polypeptides are formed when a large number of amino acids (>30) are linked 
together by peptide bonds. Proteins are linear (that is, unbranched) polypeptide mole- 
cules with molecular weights ranging from about 6000 to over 50 million amu. Because 
up to 22 different amino acids are linked together in proteins and because proteins con- 
sist of hundreds of amino acids, the number of possible arrangements of amino acids 
within proteins is virtually limitless. 


Protein Structure 


The sequence of amino acids from the “N terminus” (that is, the amino end) to the “C 
terminus” (the carboxylic acid end) along a protein chain is called its primary struc- 
ture and gives the protein its unique identity. A change in even one amino acid can 
alter the biochemical characteristics of the protein. For example, sickle-cell anemia is 
a genetic disorder resulting from a single replacement in a protein chain in hemoglo- 
bin. The chain that is affected contains 146 amino acids. The substitution of an amino 
acid with a hydrocarbon side chain for one that has an acidic functional group in the 
side chain alters the solubility properties of the hemoglobin, and normal blood flow is 
impeded. 

Proteins in living organisms are not simply long, flexible chains with random 
shapes. Rather, the chains self-assemble into structures based on the intermolecular 
forces we learned about in Chapter 11. This self-assembling leads to a protein’s second- 
ary structure, which refers to how segments of the protein chain are oriented in a reg- 
ular pattern, as seen in Figure 24.18. 

One of the most important and common secondary structure arrangements is 
the a(alpha)-helix. The alpha helix is held in position by hydrogen bonds between 
amide H atoms and carbonyl O atoms in the main chain, not the side chains, of the 
protein. The pitch of the helix and its diameter must be such that (1) no bond angles 
are strained and (2) the N—H and C=O functional groups on adjacent turns are in 
proper position for hydrogen bonding. An arrangement of this kind is possible for 
some amino acids along the chain but not for others. Large protein molecules may 
contain segments of the chain that have the a-helical arrangement interspersed with 
sections in which the chain is in a random coil. 

The other common secondary structure of proteins is the B (beta)-sheet. Beta sheets 
are made of two or more strands of peptides that hydrogen-bond from an amide H in one 
strand to a carbonyl O in the other strand. Like the alpha helix, the hydrogen bonding in 
beta sheets is between the peptide backbones, not the side chains. 

Proteins are not active biologically unless they are in a particular shape in solution. 
The process by which the protein adopts its biologically active shape is called folding. 
The shape of a protein in its folded form—determined by all the bends, kinks, and sec- 
tions of rodlike a-helical, B-sheet, or flexible coil components—is called the tertiary 
structure. 

Globular proteins fold into a compact, roughly spherical shape. Globular pro- 
teins are generally soluble in water and are mobile within cells. They have nonstruc- 
tural functions, such as combating the invasion of foreign objects, transporting and 
storing oxygen (hemoglobin and myoglobin), and acting as catalysts. The fibrous pro- 
teins form a second class of proteins. In these substances, the long coils align more 
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Primary structure 


Quaternary structure 


A Figure 24.18 The four levels of protein structure. Amino acids, linked by amide bonds from the amine 
end to the acid end, can hydrogen-bond to form alpha helix or beta sheet secondary structures. These 
secondary structures fold into tertiary structures based on electrostatic and van der Waals interactions. 
Many proteins for quaternary structures in which multiple protein molecules associate to form dimers, 
trimers, or tetramers (as shown here). 


or less in parallel to form long, water-insoluble fibers. Fibrous proteins provide struc- 
tural integrity and strength to many kinds of tissue and are the main components 
of muscle, tendons, and hair. The largest known proteins, in excess of 27,000 amino 
acids long, are muscle proteins. 

The tertiary structure of a protein is maintained by many different interactions. Cer- 
tain foldings of the protein chain lead to lower energy (more stable) arrangements than 
do other folding patterns. For example, a globular protein dissolved in aqueous solution 
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folds in such a way that the nonpolar hydrocarbon portions are tucked within the mole- 
cule, away from the polar water molecules of the surrounding cell fluid. Most of the more 
polar acidic and basic side chains, however, project into the solution, where they can 
interact with water molecules through ion-dipole, dipole-dipole, or hydrogen-bonding 
interactions. 

Some proteins are assemblies of more than one polypeptide chain. Each chain has 
its own tertiary structure, and two or more of these tertiary subunits may aggregate into 
a larger functional macromolecule. The way the tertiary subunits are arranged is called 
the quaternary structure of the protein (Figure 24.18). For example, hemoglobin, 
the oxygen-carrying protein of red blood cells, consists of four tertiary subunits. Each 
subunit contains a component called a heme with an iron atom that binds oxygen as 
depicted in Figure 23.15. The quaternary structure is maintained by the same types of 
interactions that maintain the tertiary structure. 

One of the most fascinating current hypotheses in biochemistry is that misfolded 
proteins can cause infectious disease. These infectious misfolded proteins are called pri- 
ons. The best example of a prion is the one thought to be responsible for mad cow dis- 
ease, which can be transmitted to humans. 


Self-Assessment Exercises 


24.32 If you heat a protein to break the intramolecular hydrogen 24.33 Does Gly-Ala have the same structure as Ala-Gly? 
bonds, will you maintain the primary structure of the pro- (a) Yes 
tein? 
(b) No 
(a) Yes 
(b) No 
Exercises 
24.34 (a) Draw the chemical structure of a generic amino acid, (b) How many different tripeptides can be made from gly- 
using R for the side chain. (b) When amino acids react to cine, serine, and glutamic acid? Give the abbreviation for 
form proteins, do they do so via substitution, addition, each of these tripeptides, using the three-letter codes and 
or condensation reactions? (c) Draw the bond that links one-letter codes for the amino acids. 
amino acids together in proteins. What is this called? 24.37 Indicate whether each statement is true or false. (a) The 
24.35 Write a chemical equation for the formation of threony- sequence of amino acids in a protein, from the amine end 
laspartic acid from the constituent amino acids, assuming to the acid end, is called the primary structure of the pro- 
that the reaction is made possible by enzymatic catalysis. tein. (b) Alpha helix and beta sheet structures are exam- 
24.36 (a) What amino acids would be obtained by hydrolysis of ples of quaternary protein structure. (c) It is impossible 


for more than one protein to bind to another and make a 
higher order structure. 


the following tripeptide? 
O 
NOO NEO Aaa 
(CH3CH H COH Ea 


(e) zetz 


y 


(q) ec'rz 
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Aldehyde 
o 1 H 
Hc H—'C—OH 
5 3 Ketone 
H—C—OH a— 6 a 


Glucose Fructose 


A Figure 24.19 Linear structure of the 
carbohydrates glucose and fructose. 


24.8 | Carbohydrates 


Sugar is one of the oldest and best documented of all commodities. The crystallinity of 
the popular sugars—mainly sucrose, lactose, and fructose—as well as their sweet flavor 
has made them popular for over two millennia. 

Sugar is classified as a member of the carbohydrate food group and its main natural 
sources are sugar cane (Saccharum spp.) and sugar beets (Beta vulgaris), in which sugar can 
account for 12% to 20% of the plant’s dry weight. During the times of Alexander the 
Great, sugar cane arose as a popular alternative to honey, with people chewing on the 
raw cane to extract its sweetness. 

Today, most sugar cane comes from countries with warm climates, such as Brazil, 
India, China, Thailand, Mexico, and Australia, the top sugar-producing countries in the 
world. From a regional perspective, Asia produces more sugar cane than any other region. 

Refined sugar can be made by dissolving raw sugar and purifying it using phosphoric 
acid. Alternative methods of purification include a carbonation process involving cal- 
cium hydroxide and carbon dioxide, or various filtration strategies. The sugar is then 
further purified by filtration through a bed of activated carbon or bone char, depending 
on where the processing takes place. White refined sugar is typically sold as granulated 
sugar, which has been dried to prevent clumping. 

Understanding the chemistry of sugars and appreciating their structure requires a 
grounding in the chemistry of the carbonyl (C = O) group from which aldehydes and 
ketones are formed. By the end of this section, you should be able to: 


e Understand the components that make up a carbohydrate 


Carbohydrates are an important class of naturally occurring substances found in 
both plant and animal matter. The name carbohydrate (“hydrate of carbon”) comes 
from the empirical formulas for most substances in this class, which can be written as 
C,(H2O),. For example, glucose, the most abundant carbohydrate, has the molecular 
formula C6H1206, or Cg(H2O).. Carbohydrates are not really hydrates of carbon; rather, 
they are polyhydroxy aldehydes and ketones. Glucose, for example, is a six-carbon alde- 
hyde sugar, whereas fructose, the sugar that occurs widely in fruit, is a six-carbon ketone 
sugar (Figure 24.19). 

The glucose molecule, having both alcohol and aldehyde functional groups and a 
reasonably long and flexible backbone, can form a six-member-ring structure, as shown 
in Figure 24.20. In fact, in an aqueous solution only a small percentage of the glucose 
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CHOH 
5 
C—O—H 
H F O 
Cc H CF 
| 
Wr H OH N 
sale role f Open form A ‘CH OH 
5 5 
C—O C—O 
H H H OH 
We aL ln Ni 
Nig H S Nw H 
| | ° | 
H OH H OH 
a-Glucose B-Glucose 


A Figure 24.20 Cyclic glucose has an @ form and a $ form. 


molecules are in the open-chain form. Although the ring is often drawn as if it were pla- 
nar, the molecules are actually nonplanar because of the tetrahedral bond angles around 
the C and O atoms of the ring. 

Figure 24.20 shows that the ring structure of glucose can have two relative orienta- 
tions. In the a form the OH group on C1 and the CH,OH group on C5 point in opposite 
directions, and in the £ form they point in the same direction. Although the difference 
between the a and £ forms might seem small, it has enormous biological consequences, 
including the vast difference in properties between starch and cellulose, which are both 
polymers of glucose. 

Fructose can cyclize to form either five- or six-member rings. The five-member ring 
forms when the C5 OH group reacts with the C2 carbonyl group: 


HOH ‘CH,OH 
C=0H C—O 
AT e ah N 
4l/ H 22 — 
C OH C4 
N4 CHOH as Nal | a 
HO Ng CH,OH 
| 
H ti 


The six-member ring results from the reaction between the C6 OH group and the C2 
carbonyl group. 


Sample Exercise 24.8 


Identifying Functional Groups and Chiral Centers in Carbohydrates 


How many chiral centers are there in the open-chain form of glucose (Figure 24.19)? 


SOLUTION 
Analyze We are given the structure of glucose and asked to deter- Plan A chiral center has a carbon atom with four different groups 
mine the number of chiral centers in the molecule. attached (Section 24.5). We need to identify those carbon atoms in 


glucose. 
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Solve Carbons 2, 3, 4, and 5 each have four 


different groups attached to them: q rf | q 
H—c H—c H—c H—c 
H al OH a H—C—OH H—C—OH 
7 HO a H HO—C—H HO—C—H 
ee H ae H+ COH H—C—OH 
H—C—OH H—C—OH H—C—OH H+2C—+OH 
H—C—OH H—C— OH H—C—OH H—C—OH 

Pinea o chiral centers in the H H H H 


> Practice Exercise 
How many chiral centers are there in the open-chain form of fructose (Figure 24.19)? 
(a)O (b)1 (©)2 (d)3 (e)4 


Disaccharides 


Both glucose and fructose are examples of monosaccharides, simple sugars that cannot 
be broken into smaller molecules by hydrolysis with aqueous acids. Two monosaccharide 
units can be linked together by a condensation reaction to form a disaccharide. The 
structures of two common disaccharides, sucrose (table sugar) and lactose (milk sugar), are 
shown in Figure 24.21. 

The word sugar makes us think of sweetness. All sugars are sweet, but they differ 
in the degree of sweetness we perceive when we taste them. Sucrose is about six times 
sweeter than lactose, slightly sweeter than glucose, but only about half as sweet as fruc- 
tose. Disaccharides can be reacted with water (hydrolyzed) in the presence of an acid cat- 
alyst to form monosaccharides. When sucrose is hydrolyzed, the mixture of glucose and 
fructose that forms, called invert sugar,* is sweeter to the taste than the original sucrose. 
The sweet syrup present in canned fruits and candies is largely invert sugar formed from 
hydrolysis of added sucrose. 


Polysaccharides 


Polysaccharides are made up of many monosaccharide units joined together. The 
most important polysaccharides are starch, glycogen, and cellulose, all three of which 
are formed from repeating glucose units. 


CH,OH oo H OH 

C O C— —C 
H H HOCH, OŢs H HO OH 
Vi N a a 1h 3 Pas Z ba iN! 
SeN OO) KFA KE CA 

HO Nee! C= CHOH H X—C/ H fy H 
| | | | | 

H OH HO H H OH HOCH, 

Glucose unit Sucrose Fructose unit Galactose unit Lactose Glucose unit 


A Figure 24.21 Two disaccharides. 


*The term invert sugar comes from the fact that rotation of the plane of polarized light by the glucose- 
fructose mixture is in the opposite direction, or inverted, from that of the sucrose solution. 


CH,OH CH,OH CH,OH 
O O O 
(a). OH OH OH 
xe O O 
OH OH OH 
E dn 

aa ia 

HC = HC . HC _ 
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A Figure 24.22 Structures of (a) starch and (b) cellulose. 


Starch is not a pure substance. The term refers to a group of polysaccharides found 
in plants. Starches serve as a major method of food storage in plant seeds and tubers. 
Corn, potatoes, wheat, and rice all contain substantial amounts of starch. These plant 
products serve as major sources of needed food energy for humans. Enzymes in the diges- 
tive system catalyze the hydrolysis of starch to glucose. 

Some starch molecules are unbranched chains, whereas others are branched. 
Figure 24.22(a) illustrates an unbranched starch structure. Notice, in particular, that 
the glucose units are in the a form, with the bridging oxygen atoms pointing in one 
direction and the CH,OH groups pointing in the opposite direction. 

Glycogen is a starch-like substance synthesized in the animal body. Glycogen 
molecules vary in molecular weight from about 5000 to more than 5 million amu. Gly- 
cogen acts as a kind of energy bank in the body. It is concentrated in the muscles and 
liver. In muscles, it serves as an immediate source of energy; in the liver, it serves as a 
storage place for glucose and helps to maintain a constant glucose level in the blood. 

Cellulose [Figure 24.22(b)] forms the major structural unit of plants. Wood is 
about 50% cellulose; cotton fibers are almost entirely cellulose. Cellulose consists of 
an unbranched chain of glucose units, with molecular weights averaging more than 
500,000 amu. At first glance, this structure looks very similar to that of starch. In cellu- 
lose, however, the glucose units are in the 6 form with each bridging oxygen atom point- 
ing in the same direction as the CH2OH group in the ring to its left. 

Because the individual glucose units have different relationships to one another 
in starch and cellulose, enzymes that readily hydrolyze starches do not hydrolyze cel- 
lulose. Thus, you might eat a 500 g portion of cellulose and receive no caloric value 
from it even though the heat of combustion per unit mass is essentially the same for 
both cellulose and starch. A 500 g portion of starch, in contrast, would represent a 
substantial caloric intake. The difference is that the starch is hydrolyzed to glucose, 
which is eventually oxidized with the release of energy. However, enzymes in the body 
do not readily hydrolyze cellulose, so it passes through the digestive system relatively 
unchanged. Many bacteria contain enzymes, called cellulases, that hydrolyze cellu- 
lose. These bacteria are present in the digestive systems of grazing animals, such as 
cattle, that use cellulose for food. 
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Self-Assessment Exercise 


24.38 Which of the following structures represent a carbohydrate 


molecule? 
CHO 
COOH 
H —~—— OH 
SS 
"l H O 
CH; H —— OH o 
Br O 
CHOH 
(a) (b) (c) (d) 
Exercises 
24.39 (a) Are a-glucose and B-glucose enantiomers? (b) Show the 24.41 The structural formula for the open-chain form of fructose is 
condensation of two glucose molecules to form a disaccha- 
ride with an a linkage. (c) Repeat part (b) but with a £ linkage. CHOH 
24.40 (a) What is the empirical formula of starch? (b) What is _ 

the monomer that forms the basis of the starch polymer? | ~~ 

(c) What bond connects the monomer units in starch: HO—C—H 

amide, acid, ether, ester, or alcohol? | 
H— T OH 
H— T OH 

CHOH 


(a) Is this molecule a sugar? (b) How many chiral carbons 
are present in the open-chain form of this molecule? 
(c) Draw the structure of the five-member-ring form (fura- 
nose) of this molecule. 
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24.9 | Lipids 


Obesity is an increasing issue in modern society and is considered the main preventable 
cause of death in the western world. It significantly increases the risk of cardiovascu- 
lar disease and type 2 diabetes as well as a range of other conditions. Typically, obesity 
results from a combination of eating too much sweet or fatty foods while not getting 
enough exercise, but other factors, such as depression and genetic susceptibility, may 
contribute. A change of diet and increase in physical activity is used to combat obesity 
but may require considerable will power to implement. Obesity is defined by a body mass 
index (BMI) greater than 30 kg/m2. A BMI is calculated by dividing a person’s weight in 
kg by the square of their height in m. 

Lipid is a term that covers a range of molecules, all of which are hydrophobic, and 
includes fats, oils, and waxes. By the end of this section, you should be able to: 


e Recognize the common structural unit of a lipid 


Lipids are a diverse class of nonpolar biological molecules used by organisms for 
long-term energy storage (fats, oils) and as elements of biological structures (phospholip- 
ids, cell membranes, waxes). 


Fats 


Fats are lipids derived from glycerol and fatty acids. Glycerol is an alcohol with three 
OH groups. Fatty acids are carboxylic acids (RCOOH) in which R is a hydrocarbon 
chain, usually 15 to 19 carbon atoms in length. Glycerol and fatty acids undergo con- 
densation reactions to form ester linkages as shown in Figure 24.23. Three fatty acid 
molecules join to a glycerol. Although the three fatty acids in a fat can be the same, as 
they are in Figure 24.23, it is also possible that a fat contains three different fatty acids. 

Lipids with saturated fatty acids are called saturated fats and are commonly solids 
at room temperature (such as butter and glard). Unsaturated fats contain one or more 
double bonds in their carbon-carbon chains. The cis and trans nomenclature we learned 
for alkenes applies: Trans fats have H atoms on the opposite sides of the C=C double 
bond, and cis fats have H atoms on the same sides of the C=C double bond. Unsatu- 
rated fats (such as olive oil and peanut oil) are usually liquid at room temperature and 
are more often found in plants. For example, the major component (approximately 
60 to 80%) of olive oil is oleic acid, cis-CH3(CHz)7CH=CH(CH2)7COOH. Oleic acid 
is an example of a monounsaturated fatty acid, meaning it has only one carbon-carbon 


W Go Figure What structural features of a fat molecule cause it to be 
insoluble in water? 


Ester linkage 
m= 


l O1 H H H H H H H 
n—C-+o-e1 Le Le Le Le Le Le Le La 
—c+o48 
~- Ese") “@- | ee |e ee 
H Lia | mi te] & | mw | im | om | 
H H H H ial H H H 
Ls I. J 
kg ki 
From glycerol From fatty acid (palmitic acid) 


A Figure 24.23 Structure of a fat. 
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double bond in the chain. In contrast, polyunsaturated fatty acids have more than one 
carbon-carbon double bond in the chain. 

For humans, trans fats are not nutritionally required, which is why some govern- 
ments are moving to ban them in foods. How, then, do trans fats end up in our food? The 
process that converts unsaturated fats (such as oils) into saturated fats is hydrogenation. 
The by-products of this hydrogenation process include trans fats. 

Some of the fatty acids essential for human health must be available in our diets because 
our metabolism cannot synthesize them. These essential fatty acids are ones that have the 
carbon-carbon double bonds either three carbons or six carbons away from the — CH; end 
of the chain. These are called omega-3 and omega-6 fatty acids, where omega refers to the 
last carbon in the chain (the carboxylic acid carbon is considered the first, or alpha, one). 


Phospholipids 


Phospholipids are similar in chemical structure to fats but have only two fatty acids 
attached to a glycerol. The third alcohol group of glycerol is joined to a phosphate 
group (Figure 24.24). The phosphate group can also be attached to a small charged 
or polar group, such as choline, as shown in the figure. The diversity in phospho- 
lipids is based on differences in their fatty acids and in the groups attached to the 
phosphate group. 

In water, phospholipids cluster together with their charged polar heads facing the 
water and their nonpolar tails facing inward. The phospholipids thus form a bilayer that 
is a key component of cell membranes (Figure 24.24). 


W. TMT Why do phospholipids form bilayers but not monolayers in water? 


+ 
CH,—N(CH,), Sy 
| Choline N; 
CH, > 
Y DS ee ie N j ` 
5 O È g 
a | i 5 
E O=P—O Phosphate 5 5 N 
4) ? i > 
£ i eee ` 
S| CH,—CH,—CH, Ba 
T 9 o Glycerol DN 
ge eg ee Sa Hydrophilic Water 
L NL head 
Phospholipid 
4 
E 
R5 Fatty acids 
Q 
Q 
Z< 
S 
È Hydrophobic 
Ei tail 
pG 7 Cell membrane 
S - “7 f 


A Figure 24.24 Structure of a phospholipid and a cell membrane. Living cells are encased in 
membranes typically made of phospholipid bilayers. The bilayer structure is stabilized by the 
favorable interactions of the hydrophobic tails of the phospholipids, which point away from both 
the water inside the cell and the water outside the cell, while the charged head groups face the 
two water environments. 
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Self-Assessment Exercise 


24.42 Olive oil is composed of a number of fatty acids but a typical Classify olive oil using one of the following terms. 
molecule has the structure: (a) Saturated fat 
O (b) Unsaturated cis fat 
ne ee ee ee ae ee Unsaturated trans fat 
a = 
o LOAN NOOO 
O 


Exercise 
24.43 Indicate whether each statement is true or false: (a) If you use are saturated. (c) Fatty acids are long-chain carboxylic acids. 
data from Table 8.3 on bond enthalpies, you can show that (d) Monounsaturated fatty acids have one CC single bond in 
the more C— H bonds a molecule has compared to C—O the chain, while the rest are double or triple bonds. 


and O—H bonds, the more energy it can store. (b) Trans fats 
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Gregor Mendel, who carefully studied 8000 pea plants, was the first to recognize that there 
were some specific characteristics passed from one generation to the next. He published his 
findings in 1866, but it was not until forty years later that the term ‘gene’ was coined. At this 
time, proteins were thought to be the repository of inherited information. This remained 
the belief until the 1940’s, when experiments concluded that DNA was fundamental to the 
process. There were many people contributing vital information that eventually led James 
Watson and Francis Crick to propose the structure of DNA in 1953. DNA was discovered 
in 1869 by Friedrich Miescher, while the Russian born biochemist Phoebus Levene, work- 
ing in the early twentieth century in America, determined the component parts that made 
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up this biopolymer—a sugar, a phosphate group, and four nitrogen hetero- 


NH 

cyclic compounds, referred to as ‘bases’. Erwin Chargaff studied these bases 
N N-containing and found that, irrespective of the organism the DNA was extracted from, the 
NN base unit amount of adenine (A) present was always similar to the amount of thymine 
(@) (T) present and amount of guanine (G) similar to the amount of cytosine (C). 
Il O This became known as Chargaff’s rule. This, together with the pioneering 
“)=—P—2)--Cik N work of Rosalind Franklin and Maurice Wilkins on the X-ray crystallographic 
| | analysis of DNA, led Watson and Crick to believe the paring of ‘bases’ A+T 
o | H | and G+C was central to the structure of DNA. They used cardboard cutout 

Phosphate ‘I | i) : : i i 
unit H —— models of the bases to determine the patten. At first, nothing seemed to fit, 
| but after Jerry Donohue suggested a more likely tautomeric form of the bases, 
OH H the jig saw fell into place. Watson and Crick proposed the now famous dou- 
Five-carbon ble stranded helix held together by hydrogen bonding between pairs of bases. 
sugar unit They celebrated their discovery at ‘The Eagle’, Cambridge, where a plaque 


A Figure 24.25 A nucleotide. Structure of deoxyadenylic 


commemorates the place they first announced their discovery to the public. 


acid, the nucleotide formed from phosphoric acid, the In this section, we introduce one of the most remarkable biopolymers 


sugar deoxyribose, and the organic base adenine. 


known. By the end of section, you should be able to: 
e Understand the components and functioning of DNA. 


Nucleic acids are a class of biopolymers that are the chemical carriers 
of an organism’s genetic information. Deoxyribonucleic acids (DNAs) are 
huge molecules whose molecular weights may range from 6 to 16 million amu. 
Ribonucleic acids (RNAs) are smaller molecules, with molecular weights in the range 
of 20,000 to 40,000 amu. Whereas DNA is found primarily in the nucleus of the cell, RNA 
is found mostly outside the nucleus in the cytoplasm, the nonnuclear material enclosed 
by the cell membrane. DNA stores the genetic information of the cell and specifies which 
proteins the cell can synthesize. RNA carries the information stored by DNA out of the 
cell nucleus into the cytoplasm, where the information is used in protein synthesis. 

The monomers of nucleic acids, called nucleotides, are formed from a five-carbon 
sugar, a nitrogen-containing organic base, and a phosphate group. An example is shown 
in Figure 24.25. 

The five-carbon sugar in RNA is ribose, and that in DNA is deoxyribose: 


eats: O HOCH) O 
ei NI a Ni 
H H 
th i vi OH vi OH 
las is i 
Ribose Deoxyribose 


Deoxyribose differs from ribose only in having one fewer oxygen atom at carbon 2. 
There are five nitrogen-containing bases in nucleic acids: 


2 O NH, O O 
CH 
NI N HN N N HN > HN 
aen eaaa a a a 
N N HN N N O N O N O N 
H H H H H 
Adenine (A) Guanine (G) Cytosine (C) Thymine (T) Uracil (U) 
DNA DNA DNA DNA RNA 
RNA RNA RNA 


The first three bases shown here are found in both DNA and RNA. Thymine occurs only 
in DNA, and uracil occurs only in RNA. In either nucleic acid, each base is attached to a 
five-carbon sugar through a bond to the nitrogen atom shown in color. 

The nucleic acids RNA and DNA are polynucleotides formed by condensation 
reactions between a phosphoric acid OH group on one nucleotide and a sugar OH 


group on another nucleotide. Thus, the polynucleotide strand has a 
backbone consisting of alternating sugar and phosphate groups with 
the bases extending off the chain as side groups (Figure 24.26). The 
carbons in the sugars are numbered 1’, 2’, and so forth, as shown in 
Figure 24.26. Just as proteins have a sequence of amino acids from the 
N terminus to the C terminus, nucleic acids have a sequence of bases 
that start from the 5’ end of the sugar-phosphate backbone and go to 
the 3’ end. 

The DNA strands wind together in an antiparallel double helix 
(Figure 24.27(a)). The two strands are held together by attractions 
between bases (represented by T, A, C, and G). These attractions 
involve dispersion forces, dipole-dipole forces, and hydrogen bonds. 
As shown in Figure 24.27(b), the structures of thymine and adenine 
make them perfect partners for hydrogen bonding. Likewise, cytosine 
and guanine form ideal hydrogen-bonding partners. We say that thy- 
mine and adenine are complementary to each other and cytosine and 
guanine are complementary to each other. In the double-helix struc- 
ture, therefore, each thymine on one strand is opposite an adenine 
on the other strand, and each cytosine is opposite a guanine. The 
double-helix structure with complementary bases on the two strands 
is the key to understanding how DNA functions. 

The two strands of DNA unwind during cell division, and new 
complementary strands are constructed on the unraveling strands 
(Figure 24.28). This process results in two identical double-helix DNA 
structures, each containing one strand from the original structure and one new strand. 
This replication allows genetic information to be transmitted when cells divide. 

The structure of DNA is also the key to understanding protein synthesis, the means 
by which viruses infect cells, and many other problems of central importance to modern 
biology. 


more difficult to dissociate from each other? 
5’ 3’ 
CH; O::-H—NH 


Thymine 


Sugar- 
phosphate 
backbone 


H 
N—H:Q 


\ 
f NH =N 


Saf OHNA 


Cytosine 
F 37y 
(a) (b) 


A Figure 24.27 DNA and bonding between complementary bases. (a) The DNA double helix, 
showing the sugar-phosphate backbone as a pair of ribbons and dotted lines to indicate hydrogen 
bonding between the complementary bases. (b) Structures of the complementary base pairs in DNA. 


K \= Ee 
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W Go Figure 


Is the correct base sequence 1-2-3-4 or 4-3-2-1? 


O 
O 
oe ee Base 3 
I o 
O 
? 
-O—P—O 


OH 


A Figure 24.26 A polynucleotide. Because the sugar in each 
nucleotide is deoxyribose, this polynucleotide is DNA. 


V Go Figure Which pair of complementary bases, AT or GC, would you expect to be 


s 


A TE Ņ—N 


N 


Adenine 


N 


Ņ\ N 


Guanine 
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phosphate 
backbone 


Old strand 


| T 


A Figure 24.28 DNA replication. The original DNA double helix partially unwinds, and new 
nucleotides line up on each strand in complementary fashion. Hydrogen bonds help align the 

new nucleotides with the original DNA chain. When the new nucleotides are joined by condensation 
reactions, two identical double-helix DNA molecules result. 


Self-Assessment Exercise 


24.44 If one strand of DNA has the base sequence 5’....GCCAT...3', (a) 3’... GCCAT...5’ 
what is the base sequence of the complimentary strand of (b) 3’... CGGTA...5’ 
DNA? 
(b) 3’... GCCAU...5' 
(b) 3’... CGGTU...5’ 
Exercises 
24.45 A nucleoside consists of an organic base of the kind shown the ratio of cytosine to guanine be in your sample? 


24.46 


in Section 24.10, bound to ribose or deoxyribose. Draw the 
structure for deoxyguanosine, formed from guanine and 
deoxyribose. 


You are working in a biotechnology lab and are analyzing 
DNA. You obtain a sample of a short dodecamer of DNA 
that contains 12 base pairs. (a) What must the ratio of 
adenine to thymine be in your sample? (b) What must 


\a Sample Integrative Exercise 


D Putting Concepts Together 


Pyruvic acid, 


24.47 


(c) Assume the counterions present in your DNA solution 
are sodium ions. How many sodium ions must there be 
per dodecamer? Assume the 5’ end phosphates each bear 
a-1 charge. 


Imagine a single DNA strand containing a section with the 
following base sequence: 5'-AGTTACTGG-3'. What is the 
base sequence of the complementary strand? 


ƏS131ƏX7 }UIUSSƏSSY-JİƏŞ 0} SIƏMSUY 


y 


is formed in the body from carbohydrate metabolism. In muscles, it is reduced to lactic acid in the course of exertion. The acid 
dissociation constant for pyruvic acid is 3.2 xX 107%. (a) Why does pyruvic acid have a larger acid-dissociation constant than ace- 
tic acid? (b) Would you expect pyruvic acid to exist primarily as the neutral acid or as dissociated ions in muscle tissue, assuming 
a pH of 7.4 and an initial acid concentration of 2 x 1074 M? (c) What would you predict for the solubility properties of pyruvic 
acid? Explain. (d) What is the hybridization of each carbon atom in pyruvic acid? (e) Assuming H atoms as the reducing agent, 
write a balanced chemical equation for the reduction of pyruvic acid to lactic acid (Figure 24.13). (Although H atoms do not exist 
as such in biochemical systems, biochemical reducing agents deliver hydrogen for such reductions.) 


SOLUTION 


(a) The acid-dissociation constant for pyruvic acid should be 
somewhat greater than that of acetic acid because the car- 
bony] function on the a-carbon atom of pyruvic acid exerts an 
electron-withdrawing effect on the carboxylic acid group. In 
the C—O—H bond system, the electrons are shifted from H, 
facilitating loss of the H as a proton. 


(b) To determine the extent of ionization, we first set up the ion- 
ization equilibrium and equilibrium expression. Using HPv as 


the symbol for the acid, we have 
HPv == H* + Pv" 
[H*][Pv] 
K, = ——— = 3.2 x 10% 
s [HPv] 


Let [Pv] = x. Then the concentration of undissociated acid is 
2 x 1074 — x. The concentration of [H*] is fixed at 4.0 x 1078 M 
(the antilog of the pH value). Substituting, we obtain 

(4.0 x 1078)(x) 


3.2xX 10% = 
(2 x 10% — x) 


Solving for x, we obtain 


x = [Pv] = 2 x 104M 
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This is the initial concentration of acid, which means that es- 
sentially all the acid has dissociated. We might have expected 
this result because the acid is quite dilute and the acid- 
dissociation constant is fairly high. 


(c) Pyruvic acid should be quite soluble in water because it has 
polar functional groups and a small hydrocarbon component. 
We would predict it would be soluble in polar organic solvents, 
especially ones that contain oxygen. In fact, pyruvic acid dis- 


solves in water, ethanol, and diethyl ether. 


(d) The methyl group carbon has sp? hybridization. The carbon of 
the carbonyl group has sp” hybridization because of the double 
bond to oxygen. Similarly, the carboxylic acid carbon is sp? 
hybridized. 


(e) The balanced chemical equation for this reaction is 
O OH 
meen + 2(H) —> an ooa 
i 


Essentially, the ketonic functional group has been reduced to an 
alcohol. 


STRATEGIES FOR SUCCESS 


If you are reading this box, you have made it to the end of our text. 
We congratulate you on the tenacity and dedication that you have 
exhibited to make it this far! 

As an epilogue, we offer the ultimate study strategy in the form 
of a question: What do you plan to do with the knowledge of chem- 
istry that you have gained thus far in your studies? Many of you will 
enroll in additional courses in chemistry as part of your required cur- 
riculum. For others, this will be the last formal course in chemistry 
that you will take. Regardless of the career path you plan to take— 
whether it is chemistry, one of the biomedical fields, engineering, 
the liberal arts, or another field—we hope that this text has increased 
your appreciation of the chemistry in the world around you. As you 
will observe, chemistry is everywhere, from food and pharmaceuti- 
cals to solar cells and sports equipment. 

We have also tried to give you a sense that chemistry is a 
dynamic, continuously changing science. Research chemists 


synthesize new compounds, develop new reactions, uncover 
chemical properties that were previously unknown, find new 
applications for known compounds, and refine theories. The 
understanding of biological systems in terms of the underlying 
chemistry has become increasingly important as new levels of 
complexity are uncovered. Solving the global challenges of sus- 
tainable energy and clean water requires the work of many chem- 
ists. We encourage you to participate in the fascinating world of 
chemical research by enrolling in an undergraduate research pro- 
gram. Given all the answers that chemists seem to have, you may 
be surprised at the large number of questions that they still find 
to ask. 

Finally, we hope you have enjoyed using this textbook. We cer- 
tainly enjoyed putting so many of our thoughts about chemistry on 
paper. We truly believe it to be the central science, one that benefits 
all who learn about it and from it. 


OO __—_—_$_$——————————————————————————————— 
Chapter Summary and Key Terms 


GENERAL CHARACTERISTICS OF ORGANIC COMPOUNDS (IN- 
TRODUCTION AND SECTION 24.1) This chapter introduces organic 
chemistry, which is the study of carbon compounds (typically com- 
pounds containing carbon-carbon bonds), and biochemistry, which is 
the study of the chemistry of living organisms. C—C single bonds 
and C—H bonds tend to have low reactivity. Those bonds that have 
a high electron density (such as multiple bonds or bonds with an 
atom of high electronegativity) tend to be the sites of reactivity in 
an organic compound. These sites of reactivity are called functional 
groups. 


INTRODUCTION TO HYDROCARBONS (SECTION 24.2) The sim- 
plest types of organic compounds are hydrocarbons, those composed 
of only carbon and hydrogen. There are four major kinds of hydrocar- 
bons: alkanes, alkenes, alkynes, and aromatic hydrocarbons. Alkanes 
are composed of only C—H and C—C single bonds. Alkenes contain 
one or more carbon-carbon double bonds. Alkynes contain one or 
more carbon-carbon triple bonds. Aromatic hydrocarbons contain cy- 
clic arrangements of carbon atoms bonded through both ø and delo- 
calized 7 bonds. Alkanes are saturated hydrocarbons; the others are 
unsaturated. 
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Alkanes may form straight-chain, branched-chain, and cyclic 
arrangements. Isomers are substances that possess the same molec- 
ular formula but differ in the arrangements of atoms. In constitutional 
isomers, the bonding arrangements of the atoms differ. Different iso- 
mers are given different systematic names. The naming of hydrocar- 
bons is based on the longest continuous chain of carbon atoms in the 
structure. The locations of alkyl groups, which branch off the chain, 
are specified by numbering along the carbon chain. 

Alkanes with ring structures are called cycloalkanes. Alkanes 
are relatively unreactive. They do, however, undergo combustion 
in air, and their chief use is as sources of heat energy produced by 
combustion. 


ALKENES, ALKYNES, AND AROMATIC HYDROCARBONS (SEC- 
TION 24.3) The names of alkenes and alkynes are based on the lon- 
gest continuous chain of carbon atoms that contains the multiple 
bond, and the location of the multiple bond is specified by a numeri- 
cal prefix. Alkenes exhibit not only structural isomerism but geomet- 
ric (cis-trans) isomerism as well. In geometric isomers, the bonds are 
the same, but the molecules have different geometries. Geometric 
isomerism is possible in alkenes because rotation about the C=C 
double bond is restricted. 

Alkenes and alkynes readily undergo addition reactions to the 
carbon-carbon multiple bonds. Additions of acids, such as HBr, pro- 
ceed via a rate-determining step in which a proton is transferred to 
one of the alkene or alkyne carbon atoms. Addition reactions are dif- 
ficult to carry out with aromatic hydrocarbons, but substitution reac- 
tions are easily accomplished in the presence of catalysts. 


ORGANIC FUNCTIONAL GROUPS (SECTION 24.4) The chemistry 
of organic compounds is dominated by the nature of their functional 
groups. The functional groups we have considered are 


O 

N Pi 
R—0O=H R—C—H yee 

Alcohol Aldehyde Alkene 
| R’ (or H) 

—C=c— R=C=N R—N —R” (or H) 

Alkyne Amide Amine 

R= C =0=H R—C—O—R' 

Carboxylic Ester 
acid 
R—O—R’ R—C—R’ 
Ether Ketone 


R, R’, and R” represent hydrocarbon groups—for example, methyl 
(CH3) or phenyl (C,Hs). 

Alcohols are hydrocarbon derivatives containing one or more 
OH groups. Ethers are formed by a condensation reaction of two 
molecules of alcohol. Several functional groups contain the carbonyl 
(C=O) group, including aldehydes, ketones, carboxylic acids, esters, 
and amides. Aldehydes and ketones can be produced by the oxidation 
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of certain alcohols. Further oxidation of the aldehydes produces car- 
boxylic acids. Carboxylic acids can form esters by a condensation 
reaction with alcohols, or they can form amides by a condensation 
reaction with amines. Esters undergo hydrolysis (saponification) in the 
presence of strong bases. 


CHIRALITY IN ORGANIC CHEMISTRY (SECTION 24.5) Molecules 
that possess nonsuperimposable mirror images are termed chiral. 
The two nonsuperimposable forms of a chiral molecule are called en- 
antiomers. In carbon compounds, a chiral center is created when all 
four groups bonded to a central carbon atom are different. Many of 
the molecules occurring in living systems, such as the amino acids, 
are chiral and exist in nature in only one enantiomeric form. Many 
drugs of importance in human medicine are chiral, and the enantio- 
mers may produce very different biochemical effects. 


INTRODUCTION TO BIOCHEMISTRY; PROTEINS (SECTIONS 24.6 
AND 24.7) Many of the molecules that are essential for life are large 
natural polymers that are constructed from smaller molecules called 
monomers. Three of these biopolymers are considered in this chapter: 
proteins, polysaccharides (carbohydrates), and nucleic acids. 

Proteins are polymers of amino acids. They are the major struc- 
tural materials in animal systems. All naturally occurring proteins 
are formed from 22 amino acids, although only 20 are common. The 
amino acids are linked by peptide bonds. A polypeptide is a polymer 
formed by linking many amino acids by peptide bonds. 

Amino acids are chiral substances. Usually only one of the en- 
antiomers is found to be biologically active. Protein structure is de- 
termined by the sequence of amino acids in the chain (its primary 
structure), the intramolecular interactions within the chain (its sec- 
ondary structure), and the overall shape of the complete molecule (its 
tertiary structure). Two important secondary structures are the a-helix 
and the B-sheet. The process by which a protein assumes its biologi- 
cally active tertiary structure is called folding. Sometimes several pro- 
teins aggregate together to form a quaternary structure. 


CARBOHYDRATES AND LIPIDS (SECTIONS 24.8 AND 24.9) Car- 
bohydrates, which are polyhydroxy aldehydes and ketones, are the 
major structural constituents of plants and are a source of energy in 
both plants and animals. Glucose is the most common monosaccha- 
ride, or simple sugar. Two monosaccharides can be linked together by 
means of a condensation reaction to form a disaccharide. Polysaccha- 
rides are complex carbohydrates made up of many monosaccharide 
units joined together. The three most important polysaccharides are 
starch, which is found in plants; glycogen, which is found in mam- 
mals; and cellulose, which is also found in plants. 

Lipids are compounds derived from glycerol and fatty acids 
and include fats and phospholipids. Fatty acids can be saturated, un- 
saturated, cis, or trans depending on their chemical formulas and 
structures. 


NUCLEIC ACIDS (SECTION 24.10) Nucleic acids are biopolymers 
that carry the genetic information necessary for cell reproduction; 
they also control cell development through control of protein syn- 
thesis. The building blocks of these biopolymers are nucleotides. 
There are two types of nucleic acids, ribonucleic acid (RNA) and de- 
oxyribonucleic acid (DNA). These substances consist of a polymeric 
backbone of alternating phosphate and ribose or deoxyribose sugar 
groups with organic bases attached to the sugar molecules. The DNA 
polymer is a double-stranded helix (double helix) held together by 
hydrogen bonding between matching organic bases situated across 
from one another on the two strands. The hydrogen bonding be- 
tween specific base pairs is the key to gene replication and protein 
synthesis. 
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Learning Outcomes After studying this chapter, you should be able to: 


e Distinguish among alkanes, alkenes, alkynes, and aromatic hy- 
drocarbons. (Section 24.2) Related Exercises: 24.9, 24.60 


e Draw hydrocarbon structures based on their names and name 
hydrocarbons based on their structures. (Sections 24.2 and 24.3) 
Related Exercises: 24.69, 24.70 


e Predict the products of addition reactions and substitution reac- 
tions. (Section 24.3) Related Exercises: 24.18, 24.75 


e Draw the structures of the functional groups (alkene, alkyne, 
alcohol, haloalkane, carbonyl, ether, aldehyde, ketone, car- 
boxylic acid, ester, amine, and amide) and be able to identify 
functional groups in molecules from the structure or the name. 
(Section 24.4) Related Exercises: 24.24-24.79 


e Understand what makes a compound chiral and be able to rec- 
ognize a chiral substance. (Section 24.5) 
Related Exercises: 24.31, 24.86 


e Recognize the amino acids and understand how they form pep- 
tides and proteins via amide bond formation. (Section 24.7) 
Related Exercises: 24.34, 24.87 


e Understand the differences among the primary, secondary, 
tertiary, and quaternary structures of proteins. (Section 24.7) 
Related Exercises: 24.37, 24.89 

e Classify molecules as saccharides or lipids based on their struc- 
tures. (Sections 24.8 and 24.9) Related Exercises: 24.39, 24.90 


e Distinguish between starch and cellulose structures. (Sec- 
tion 24.8) Related Exercises: 24.40, 24.91 


e Explain the difference between a saturated and unsaturated fat. 
(Section 24.9) Related Exercises: 24.43, 24.93 


e Explain the structure of nucleic acids and the role played by 
complementary bases in DNA replication. (Section 24.10) 
Related Exercises: 24.46, 24.95 


Exercises 


Visualizing Concepts 


24.48 All the structures shown here have the molecular formula 
CgH x. Which structures are the same molecule? (Hint: One 
way to answer this question is to determine the chemical 
name for each structure.) [Section 24.2] 


CH; CH, Cs 


| 
(a) CH;CCH,CHCH; (b) CRER HO 


CH; CH; CHa 
CH; 
CH; CH;CHCH, 


| 
(© CH;CHCHCH, (d) Gip ULHO 
CHCH; CH; 


CH; 


24.49 Which of these molecules is unsaturated? [Section 24.3] 


CH3CH,CH>CH; CHa— CH 
(a) CH, CH, 
ee Al 
CH, 
(b) 
j 


(c) (d) 


24.50 (a) Which of these molecules most readily undergoes an 
addition reaction? (b) Which of these molecules is aro- 
matic? (c) Which of these molecules most readily under- 
goes a substitution reaction? [Section 24.3] 


i 
CH;CH,C— OH 
(i) (ii) 
CH=CH O 
/ V | 
CH; CH, B —OH 
/ 
CH, mee CH, NH, 
(iii) (iv) 


24.51 (a) Which of these compounds would you expect to have 
the highest boiling point? (b) Which of these compounds 
is the most oxidized? (c) Which of these compounds, if 
any, is an ether? (d) Which of these compounds, if any, is 
an ester? (e) Which of these compounds, if any, is a ketone? 
[Section 24.4] 


ji ji 
CHCH  CH;CH,OH  CH;C=CH HCOCH; 
(i) (ii) (iii) (iv) 


24.52 For each of these compounds, state its systematic name, 
its functional group(s), and whether or not it is chiral. 
[Sections 24.2, 24.4] 


O 
CH; O | 
l Il C—OH 
CH;CHCHC —O- 
NH? 
(a) Cl (b) 
CHCH CH = CHCH; CH3CH,)CH3 


(c) (d) 
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24.53 From examination of the molecular models i-v, choose the 
substance that (a) can be hydrolyzed to form a solution 
containing glucose, (b) is capable of forming a zwitterion, 
(c) is one of the four bases present in DNA, (d) reacts with 
an acid to form an ester, (e) is a lipid. [Sections 24.6-24.10] 


TTIR 


(ii) 
@ 
Q 
@ @ g 
DT E. 
o y 
Gii) 
Ww 
e@ Ə ə Q 


Gv) (v) 


Introduction to Organic Compounds; 
Hydrocarbons (Sections 24.1 and 24.2) 


24.54 Are carbon monoxide or ammonia considered organic 
molecules? Why or why not? 


24.55 Urea has been identified as an organic molecule. What fea- 
tures make it so? 


24.56 (a) What are the approximate bond angles about carbon in 
an alkane? (b) What are the characteristic hybrid orbitals 
employed by carbon in an alkane? 

24.57 Indicate whether each statement is true or false. (a) All 
carbon atoms in propene are sp” hybridized. (b) Acetone 
is another name for propanone. (c) The phenyl group con- 
tains six sp?-hybridized carbons. (d) A hydrocarbon con- 
taining only sp? carbons must be an alkane. 

24.58 Predict the ideal values for the bond angles about each car- 
bon atom in the following molecule. Indicate the hybrid- 
ization of orbitals for each carbon. 


CH,CHCOOCHs; 


24.59 For each of the following hydrocarbons, state how many 
carbon atoms are in each molecule: 


(a) t-butanol 
(b) propanone 
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(c) 2-ethylpropane 
(d) cyclohexane 
(e) ethane 


24.60 What structural features help us identify a compound as 
(a) an alkane, (b) a cycloalkane, (c) an alkene, (d) an alkyne, 
(e) a saturated hydrocarbon, (f) an aromatic hydrocarbon? 


24.61 Give the the name or condensed structural formula, as 
appropriate: 


CH; 

(b) eter tare tence 
CH, CH; 
Ch, 


(c) 2-methylheptane 
(d) 4-ethyl-2,3-dimethyloctane 
(e) 1,2-dimethylcyclohexane 
24.62 Give the name or condensed structural formula, as 
appropriate: 
(a) CH;CHCH; 


CSEE 


CH; 
(b) 2,2-dimethylpentane 
(c) 4-ethyl-1,1-dimethylcyclohexane 
(d) (CH3)2CHCH,CH,C(CHs)3 
(e) CH3CH,CH(C2H;)CH2,CH,CH2CH3 


24.63 What is the octane number of a mixture that is 35% hep- 
tane and 65% isooctane? 


Alkenes, Alkynes, and Aromatic Hydrocarbons 
(Section 24.3) 


24.64 (a) Can C.H), bea saturated hydrocarbon? 
(b) Are all molecules containing a benzene ring unsaturated? 


24.65 Give the molecular formula of a hydrocarbon containing 
five carbon atoms that is (a) an alkane, (b) a cycloalkane, 
(c) an alkene, (d) an alkyne. 


24.66 Give the molecular formula of a hydrocarbon containing 
six carbon atoms that is (a) a cyclic alkane, (b) a cyclic 
alkene, (c) a linear alkyne, (d) an aromatic hydrocarbon. 


24.67 Enediynes are a class of compounds that include some 
antibiotic drugs. Draw the structure of an “enediyne” frag- 
ment that contains six carbons in a row. 


24.68 Give the general formula for any cyclic alkene, that is, a 
cyclic hydrocarbon with one double bond. 


24.69 Write the condensed structural formulas for two alkenes 
and one alkyne that all have the molecular formula C6H1ọ. 


24.70 Draw all the possible noncyclic structural isomers of C;H1ọ. 
Name each compound. 


24.71 Name or write the condensed structural formula for the fol- 
lowing compounds: 


(a) cis-2-pentene 
(b) 1,6-dichloro-3-hexyne 


24.72 


24.73 


24.74 


24.75 


24.76 


24.77 


24.78 


(c) BrC=CBr 
(d) 1,3-Benzenediol 
(e) CH,=CH,CH(CH3)CH= CH) 


Name or write the condensed structural formula for the fol- 
lowing compounds: 


(a) para-dibromobenzene 
(b) CH3CH,C=CC(CH3)3 
(c) trans-but-2ene 

(d) cycloheptene 

(e) methylcyclopentane 


Indicate whether each statement is true or false. (a) The 
three isomers of dimethylbenzene are o-dimethylbenzene, 
m-dimethylbenzene, and p-dimethylbenzene. (b) Alkenes 
with at least three carbon atoms differing in the position 
of the C=C double bond are called geometric isomers. (c) 
Substituted benzenes can form cis and trans isomers. 


Draw the four distinct geometric isomers of 4-methy- 
hepta-2, 4-diene. 

(a) True or false: Alkenes undergo addition reactions and 
aromatic hydrocarbons undergo substitution reactions. 
(b) Using condensed structural formulas, write the bal- 
anced equation for the reaction of pent-2-ene with Brz 
and name the resulting compound. Is this an addition or 
a substitution reaction? (c) Write a balanced chemical 
equation for the reaction of Cl, with benzene to make para- 
dichlorobenzene in the presence of FeCl; as a catalyst. Is 
this an addition or a substitution reaction? 


(a) When cyclopropane is treated with HI, 1-iodopropane 
is formed. A similar type of reaction does not occur with 
cyclopentane or cyclohexane. Suggest an explanation for 
cyclopropane’s reactivity. (b) Suggest a method of prepar- 
ing ethylbenzene, starting with benzene and ethene as the 
only organic reagents. 


The rate law for addition of Br, to an alkene is first order 
in Br, and first order in the alkene. Does this informa- 
tion suggest that the mechanism of addition of Bry to an 
alkene proceeds in the same manner as for addition of HBr? 
Explain. 


The molar heat of combustion of gaseous cyclopro- 
pane is —2089 kJ/mol; that for gaseous cyclopentane is 
—3317 kJ/mol. Calculate the heat of combustion per CH, 
group in the two cases, and account for the difference. 


Functional Groups and Chirality (Sections 24.4 
and 24.5) 


24.79 


(i) H;C—CH,—OH 


(ii) O 


(v) CH;CH,CH,CH,CHO 


(a) Which of the following compounds, if any, is an ether? 
(b) Which compound, if any, is an alcohol? (c) Which com- 
pound, if any, would produce a basic solution if dissolved 
in water? (Assume solubility is not a problem). (d) Which 
compound, if any, is a ketone? (e) Which compound, if 
any, is an aldehyde? 


O 
O (iv) 


o O 


(vi) CH;C==CCH,COOH 


H 
(ii) H;C-—N—CH,CH=CH) 


24.80 


24.81 


24.82 


24.83 


24.84 


24.85 


24.86 


Exercises 1201 


Draw the molecular structure for (a) a carboxylic acid that is 
an isomer of ethyl ethanoate, (b) an alcohol that is an isomer 
of dimethylether. 


Draw the structure of the following acids: (a) methanoic 
acid, (b) pentanoic acid, (c) 2-chloro-3-methyldecanoic 
acid. 


Draw the condensed structure of the compounds formed 
by condensation reactions between (a) benzoic acid and 
ethanol, (b) ethanoic acid and methylamine, (c) acetic acid 
and phenol. Name the compound in each case. 


Write a balanced chemical equation using condensed 
structural formulas for the saponification (base hydrolysis) 
of (a) methyl propionate, (b) phenyl acetate. 


Pure acetic acid is a viscous liquid, with high melt- 
ing and boiling points (16.7°C and 118°C) compared 
to compounds of similar molecular weight. Suggest an 
explanation. 


Write the condensed structural formula for each of the fol- 
lowing compounds: (a) pentan-2-ol, (b) propane-1,2-diol, 
(c) ethyl acetate, (d) diphenyl ketone, (e) methyl ethyl 
ether. 


How many chiral centers are in 4-bromo-2-chloro- 
butan-2-ol? (a) 0, (b) 1, (c) 2, (d) 3, (e) 4 or more. 


Introduction to Biochemistry; Proteins 
(Sections 24.6 and 24.7) 


24.87 


24.88 


24.89 


Indicate whether each statement is true or false. (a) Tryp- 
tophan is an aromatic amino acid. (b) Lysine is positively 
charged at pH 7. (c) Asparagine has two amide bonds. 
(d) Isoleucine and leucine are enantiomers. (e) Valine is 
probably more water-soluble than arginine. 


(a) Draw the condensed structure of the tripeptide Trp- 
Cys-Cys. (b) How many different tripeptides can be made 
consisting of one tryptophan and two cysteine units? 
Give the abbreviations for each of these tripeptides, 
using the three-letter and one-letter codes for the amino 
acids. 


Indicate whether each statement is true or false: (a) In 
the alpha helical structure of proteins, ion-dipole and 
dipole-dipole interactions occur between the carbonyl 
groups of the protein backbone and polar side chains of the 
protein. (b) Only hydrogen bonding is involved in forming 
the tertiary structure of a protein. 


Carbohydrates and Lipids 
(Sections 24.8 and 24.9) 


24.90 


24.91 


Indicate whether each statement is true or false: (a) Malt- 
ose is a monosaccharide. (b) Polysaccharides are a type 
of carbohydrate. (c) All carbohydrates have an oxygen to 
hydrogen ratio of 1:2. 


(a) What is the empirical formula of cellulose? (b) What 
is the monomer that forms the basis of the cellulose poly- 
mer? (c) What bond connects the monomer units in cellu- 
lose: amide, acid, ether, ester, or alcohol? 


1202 


24.92 


24.93 
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The structural formula for the open-chain form of 
D-mannose is 


O 
e 
T 
TE 
alon 
a 
lo 


(a) Is this molecule a sugar? (b) How many chiral carbons 
are present in the molecule? (c) Draw the structure of the 
six-member-ring form of this molecule. 


Indicate whether each statement is true or false: (a) Fat 
molecules must contain C=C bonds. (b) Phosphoplipids 
have overall net charge. (c) Cis-monounsaturated fat mole- 
cules are bent in shape. 


Nucleic Acids (Section 24.10) 


24.94 


Adenine and guanine are members of a class of molecules 
known as purines; they have two rings in their structure. 
Thymine and cytosine, on the other hand, are pyrimidines, 
and have only one ring in their structure. Predict which 
have larger dispersion forces in aqueous solution, the 
purines or the pyrimidines. 


24.95 


What is the DNA sequence for the molecule shown here? 


o 
HC H 
{LX 
- N~ So 
o o o wits 
N S 
N 
O 4 l 
| a IN 
OO o NH, 
O 
SN 
i es 


24.96 


Which statement best explains the chemical differences 
between DNA and RNA? (a) DNA has two different sugars 
in its sugar-phosphate backbone, but RNA only has one. 
(b) Thymine is one of the DNA bases, whereas RNA’s cor- 
responding base is thymine minus a methyl group. (c) The 
RNA sugar-phosphate backbone contains fewer oxygen 
atoms than DNA’s backbone. (d) DNA forms double helices 
but RNA cannot. 


Additional Exercises 


24.97 


24.98 


24.99 


24.100 


24.101 


Draw the condensed structural formulas for two different 
molecules with the formula C3H,O. 


How many structural isomers are there for a five-member 
straight carbon chain with one double bond? For a 
six-member straight carbon chain with two double bonds? 


(a) Draw the condensed structural formulas for the cis and 
trans isomers of 3-methylhex-3-ene. (b) Can cyclohexene 
exhibit cis-trans isomerism? Explain. (c) Does hex-2-yne 
have geometric isomers? Explain. 


If a molecule is an “ene-ol,” what functional groups must 
it have? The suffix -ene signifies an alkene, -ol an alcohol. 
The molecule has alkene and alcohol functional groups. 


Identify each of the functional groups in these molecules: 


(a) H 


(Responsible for the odor of almonds) 


O 


OH 


(Responsible for the odor of vanilla) 
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24.103 


24.104 


NH, 


(o HO A 


(serotonin, a neurotransmitter) 


O O 
OH 


(d) HO OH 


O OH 


(citric acid, a weak acid naturally present in citric fruits) 


For the molecules shown in 24.85, (a) Which one(s) of 
them, if any, would produce a basic solution if dissolved in 
water? (b) Which one(s) of them, if any, would produce an 
acidic solution if dissolved in water? (c) Which of them is 
the most water-soluble? 


Write a condensed structural formula for each of the fol- 
lowing: (a) an amide with the formula C4,HoNO, (b) a cyclic 
ether with the formula C,Hg,O, (c) a diketone compound 
with the formula C;Hg0,, (d) a phenyl carboxylic acid with 
the formula C7H,¢QO>. 


Draw each molecule given its name and the follow- 
ing information. (a) Nitroglycerin, also known as 
1,2,3-trinitroxypropane, the active ingredient in dynamite 


24.105 


24.106 


and a medication administered to people having a heart 
attack, (Hint: The nitroxy group is the conjugate base of 
nitric acid.) (b) Putrescine, also known as 1,4-diamino- 
butane, the compound responsible for the odor of putre- 
fying fish, (c) Cyclohexanone, the precursor to Nylon, 
(d) 1,1,2,2-tetrafluoroethene, the precursor to Teflon, 
(e) Oleic acid, also known as cis-octanedec-9-enoic acid, a 
monounsaturated fatty acid found in many fats and oils. 
Draw the correct isomer. 


Indole smells terrible in high concentrations but has a 
pleasant floral-like odor when highly diluted. Its structure is 


H 


ae 
N 


/ 


The molecule is planar, and the nitrogen is a very weak 
base, with K, = 2 x 10”. Explain how this information 
indicates that the indole molecule is aromatic. 


For each of these molecules, identify its functional groups 
and how many chiral centers it contains. 


(a) HOCH,CH,CCH,OH 
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a 
(b) HOCH,CHCCH,OH 


| 
O 


O CH, 


(c) HOCCHCHC,H; 
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24.108 


24.109 


24.110 


NH, 


Which of the following peptides have a net positive charge 
at pH 7? (a) Asn-His-Arg, (b) Glu-Lys-Phe, (c) Thr-Leu-Ala. 
Glutathione is a tripeptide found in most living cells. Par- 
tial hydrolysis yields Cys-Gly and Glu-Cys. What structures 
are possible for glutathione? 


Monosaccharides can be categorized in terms of the 
number of carbon atoms (pentoses have five carbons and 
hexoses have six carbons) and according to whether they 
contain an aldehyde (aldo- prefix, as in aldopentose) or 
ketone group (keto- prefix, as in ketopentose). Classify glu- 
cose and fructose in this way. 


Can a DNA strand bind to a complementary RNA strand? 
Explain. 


Integrative Exercises 


24.111 


24.112 


24.113 


24.114 


24.115 


24.116 


You have samples of four compounds: diethyl ether, 
butane, 1-chlorobutane, and ethylene glycol. You mea- 
sure the boiling points of the compounds as —0.5 °C, 35 °C, 
77 °C, and 195 °C, but then lose the labels for each sample. 
Make the following predictions: (a) Which compound 
boils at —0.5 °C? (b) Which boils at 35 °C? (c) Which boils 
at 77 °C? (d) Which boils at 195 °C? 

An unknown organic compound is found on elemental 
analysis to contain 72.0% carbon, 12.0% hydrogen, and 
16.0% oxygen by mass. It has a molecular weight of 100 g/mol 
and is slightly soluble in water. Upon careful oxidation it 
is converted into a ketone which contains 73.4% carbon, 
10.3% hydrogen, and 16.3% oxygen by mass. Indicate two 
or more reasonable structures for the unknown. 


An organic compound is analyzed and found to con- 
tain 62.0% carbon, 10.4% hydrogen, and 27.6% oxygen 
by mass. The compound boils at 48.8°C. At 25°C and 
76.5 kPa, the vapor has a density of 1.8 g/L. The compound 
has a carbonyl group and can be oxidized to a carboxylic 
acid. Suggest a structure for the compound. 


An unknown substance is found to contain only carbon 
and hydrogen. It is a liquid that boils at 49 °C at 101.3 kPa 
pressure. Upon analysis it is found to contain 85.7% carbon 
and 14.3% hydrogen by mass. At 100 °C and 97.99 kPa, the 
vapor of this unknown has a density of 2.21 g/L. When it is 
dissolved in hexane solution and bromine water is added, 
no reaction occurs. What is the identity of the unknown 
compound? 


The standard free energy of formation of solid malt- 
ose is —1334.42 kJ/mol, whereas that of solid glucose is 
—910.56 kJ/mol. What is AG° for the condensation of two 
glucose molecules to form maltose? 


A typical amino acid with one amino group and one car- 
boxylic acid group, such as serine, can exist in water in 


several ionic forms. (a) Suggest the forms of the amino acid 
at low pH and at high pH. (b) Amino acids generally have 
two pK, values, one in the range of 2 to 3 and the other in 
the range of 9 to 10. Serine, for example, has pK, values of 
2.19 and 9.21. Using species such as acetic acid and ammo- 
nia as models, suggest the origin of the two pK, values. 
(c) Glutamic acid is an amino acid that has three 
pK,’s: 2.10, 4.07, and 9.47. Draw the structure of glutamic 
acid, and assign each pK, to the appropriate part of the 
molecule. (d) An unknown amino acid is titrated with 
strong base, producing the following titration curve. 
Which amino acids are likely candidates for the unknown? 


0.5 1 


15 2 
Equivalents of OH- 


25 3 
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24.117 The protein ribonuclease A in its native, or most stable, 
form is folded into a compact globular shape: 


Native ribonuclease A 


(a) Does the native form have a lower or higher free 
energy than the denatured form, in which the protein is 
an extended chain? (b) What is the sign of the system’s 
entropy change in going from the denatured to the 
folded form? (c) In the native form, the molecule has 
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four —S—S— bonds that bridge parts of the chain. 
What effect do you predict these four linkages to have on 
the free energy and entropy of the native form relative 
to the free energy and entropy of a hypothetical folded 
structure that does not have any —S—S— linkages? 
Explain. (d) A gentle reducing agent converts the four 
—S—S— linkages in ribonuclease A to eight —S—H 
bonds. What effect do you predict this conversion to have 
on the tertiary structure and entropy of the protein? (e) 
Which amino acid must be present for —SH bonds to 
exist in ribonuclease A? 


24.118 The amino acid glycine can act as a weak acid: 


O H H 


“O—C—C—N—H + Ht 


H H H 


If the 1% pK, for the protonated amino group of glycine 
is 9.8, what is the ratio of the neutral to anionic form of 
glycine in blood at pH 7.4? 


Design an Experiment 


Quaternary structures of proteins arise if two or more smaller poly- 
peptides or proteins associate with each other to make a much 
larger protein structure. The association is due to the same hydrogen 
bonding, electrostatic, and dispersion forces we have seen before. 
Hemoglobin, the protein used to transport oxygen molecules in 
our blood, is an example of a protein that has quaternary structure. 


Hemoglobin is a tetramer; it is made of four smaller polypeptides, 
two “alphas” and two “betas.” (These names do not imply anything 
about the number of alpha helices or beta sheets in the individ- 
ual polypeptides.) Design a set of experiments that would provide 
sound evidence that hemoglobin exists as a tetramer and not as one 
enormous polypeptide chain. 


APPENDIX 


MATHEMATICAL OPERATIONS 


A.1 | Exponential Notation 


The numbers used in chemistry are often either extremely large or extremely small. Such 
numbers are conveniently expressed in the form 


N x 10” 


where N is a number between 1 and 10, and n is the exponent. Some examples of this 
exponential notation, which is also called scientific notation, follow. 


1,200,000 is 1.2 x 10° (read “one point two multi ten to the sixth power”) 


0.000604 is 6.04 x 1074 (read “six point zero four times ten to the negative fourth 
power”) 


A positive exponent, as in the first example, tells us how many times a number must 
be multiplied by 10 to give the long form of the number: 


1.2 x 10° = 1.2 x 10 x 10 x 10 x 10 x 10 x 10 (six tens) 
1,200,000 


ll 


It is also convenient to think of the positive exponent as the number of places the decimal 
point must be moved to the left to obtain a number greater than 1 and less than 10. For 
example, if we begin with 3450 and move the decimal point three places to the left, we 
end up with 3.45 x 10°. 

In a related fashion, a negative exponent tells us how many times we must divide a 
number by 10 to give the long form of the number. 


6.04 
10 x 10 x 10 x 10 


6.04 x 10-4 = 0.000604 
It is convenient to think of the negative exponent as the number of places the decimal 
point must be moved to the right to obtain a number greater than 1 but less than 10. For 
example, if we begin with 0.0048 and move the decimal point three places to the right, 
we end up with 4.8 x 107%. 

In the system of exponential notation, with each shift of the decimal point one 
place to the right, the exponent decreases by 1: 


4.8 x 10° = 48 x 107% 
Similarly, with each shift of the decimal point one place to the left, the exponent 
increases by 1: 

4.8 x 10° = 0.48 x 107 


Many scientific calculators have a key labeled EXP or EE, which is used to enter num- 
bers in exponential notation. To enter the number 5.8 x 10% on such a calculator, the 


key sequence is 
Ls] [EXP] or LEE) 


On some calculators the display will show 5.8, then a space, followed by 03, the 
exponent. On other calculators, a small 10 is shown with an exponent 3. 

To enter a negative exponent, use the key labeled + /—. For example, to enter the 
number 8.6 X 1075, the key sequence is 


ILI 


When entering a number in exponential notation, do not key in the 10 if you use the EXP or EE 
button. 
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In working with exponents, it is important to recall that 10° = 1. The following 
rules are useful for carrying exponents through calculations. 


1. Addition and Subtraction In order to add or subtract numbers expressed in 
exponential notation, the powers of 10 must be the same. 
(5.22 x 104) + (3.21 x 10?) = (522 x 107) + (3.21 x 107) 
= 525 x 10? (3 significant figures) 
= 5.25 X 10* 
(6.25 x 107°) — (5.77 x 10°) = (6.25 x 107°) — (0.577 x 10°”) 

= 5.67 X 10” (3 significant figures) 

When you use a calculator to add or subtract, you need not be concerned with hav- 


ing numbers with the same exponents because the calculator automatically takes 
care of this matter. 

2. Multiplication and Division When numbers expressed in exponential notation 
are multiplied, the exponents are added; when numbers expressed in exponential 
notation are divided, the exponent of the denominator is subtracted from the expo- 
nent of the numerator. 


(5.4 x 107)(2.1 x 103) = (5.4)(2.1) x 10% 
11 x 10° 
1.1 x 10° 


(1.2)(3.22) x 10°*S) = 3.9 x 10? 


(1.2 x 10°)(3.22 x 107%) 


.2 x 105 : 
soe 2A x 105-2 = 0.49 x 102 = 4.9 x 10? 
6.5 X 10? 6.5 
.7 X 107 . 
Se aed x 107-2) = 0.67 x 10° = 6.7 x 108 
8.5x102 8.5 


3. Powers and Roots When numbers expressed in exponential notation are raised 
to a power, the exponents are multiplied by the power. When the roots of numbers 
expressed in exponential notation are taken, the exponents are divided by the root. 

(1.2 x 10°)? = (1.2)3 x 10°° 
= 1.7 x 10% 

W2.5 x 10° = W2.5 x 106 
= 1.3 x 10? 


Scientific calculators usually have keys labeled x” and Vx for squaring and taking the 
square root of a number, respectively. To take higher powers or roots, many calculators 
have y* and Wy (or INV y*) keys. For example, to perform the operation W7.5 x 10-4 
on such a calculator, you would key in 7.5 x 10+, press the Wy key (or the INV and 
then the y* keys), enter the root, 3, and finally press =. The result is 9.1 Xx 107. 


\SA Sample Exercise 1 
D Using Exponential Notation 


Perform each of the following operations, using your calculator where possible: 
(a) Write the number 0.0054 in standard exponential notation. (b) (5.0 x 107°) + (4.7 x 107%) (c) (5.98 x 101?) 


(2.77 x 10) (d) 1.75 x 10° 


SOLUTION Scientific calculators are generally able to convert numbers to 
exponential notation using one or two keystrokes; frequently 
“SCI” for “scientific notation” will convert a number into 
exponential notation. Consult your instruction manual to see 
5.4 x 10°23 how this operation is accomplished on your calculator. 


(a) Because we move the decimal point three places to the right to 
convert 0.0054 to 5.4, the exponent is —3: 
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(b) To add these numbers longhand, we must convert them to the 


same exponent. > Practice Exercise 
(5.0 x 10°) + (0.47 x 1072) = (5.0 +0.47) x 10? = 5.5 x 107 Mentonm Ne folowimg opereiioms ; nee 
(a) Write 67,000 in exponential notation, showing two signifi- 
(c) Performing this operation longhand, we have cant figures. 
(b) (3.378 x 1073) — (4.97 x 107) 
(5.98 x 2.77) x 1012-5 = 16.6 X 107 = 1.66 x 108 (c) (1.84 x 101) (7.45 x 10°) 
(d) To perform this operation on a calculator, we enter the number, (d) (6.67 x 10:2)? 


press the Vy key (or the INV and y* keys), enter 4, and press the = 
key. The result is 1.15 x 107°. 


A.2 | Logarithms 


Common Logarithms 


The common, or base-10, logarithm (abbreviated log) of any number is the power to 
which 10 must be raised to equal the number. For example, the common logarithm of 
1000 (written log 1000) is 3 because raising 10 to the third power gives 1000. 


10° = 1000, therefore, log 1000 = 3 


Further examples are 


log 10° = 5 
log 1 = 0 Remember that 10° = 1 
log 10-7 = -2 


In these examples the common logarithm can be obtained by inspection. However, it is 
not possible to obtain the logarithm of a number such as 31.25 by inspection. The loga- 
rithm of 31.25 is the number x that satisfies the following relationship: 


10* = 31.25 


Most electronic calculators have a key labeled LOG that can be used to obtain logarithms. 
For example, on many calculators we obtain the value of log 31.25 by entering 31.25 and 
pressing the LOG key. We obtain the following result: 


log 31.25 = 1.4949 


Notice that 31.25 is greater than 10 (101) and less than 100 (107). The value for log 
31.25 is accordingly between log 10 and log 100, that is, between 1 and 2. 


Significant Figures and Common Logarithms 


For the common logarithm of a measured quantity, the number of digits after the deci- 
mal point equals the number of significant figures in the original number. For example, 
if 23.5 is a measured quantity (three significant figures), then log 23.5 = 1.371 (three sig- 
nificant figures after the decimal point). 


Antilogarithms 


The process of determining the number that corresponds to a certain logarithm is known 
as obtaining an antilogarithm. It is the reverse of taking a logarithm. For example, we saw 
previously that log 23.5 = 1.371. This means that the antilogarithm of 1.371 equals 23.5. 
log 23.5 = 1.371 
antilog 1.371 = 23.5 
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The process of taking the antilog of a number is the same as raising 10 to a power equal 
to that number. 


antilog 1.371 = 10137! = 23.5 


Many calculators have a key labeled 10* that allows you to obtain antilogs directly. On others, 
it will be necessary to press a key labeled INV (for inverse), followed by the LOG key. 


Natural Logarithms 


Logarithms based on the number e are called natural, or base e, logarithms (abbreviated 
In). The natural log of a number is the power to which e (which has the value 2.71828...) 
must be raised to equal the number. For example, the natural log of 10 equals 2.303. 


e730 = 10, therefore In 10 = 2.303 


Your calculator probably has a key labeled LN that allows you to obtain natural logarithms. For 
example, to obtain the natural log of 46.8, you enter 46.8 and press the LN key. 


In 46.8 = 3.846 


The natural antilog of a number is e raised to a power equal to that number. If your 
calculator can calculate natural logs, it will also be able to calculate natural antilogs. On 
some calculators there is a key labeled e* that allows you to calculate natural antilogs 
directly; on others, it will be necessary to first press the INV key followed by the LN key. 
For example, the natural antilog of 1.679 is given by 


Natural antilog 1.679 = e16 = 5.36 
The relation between common and natural logarithms is as follows: 
Ina = 2.303 loga 


Notice that the factor relating the two, 2.303, is the natural log of 10, which we cal- 
culated earlier. 


Mathematical Operations Using Logarithms 


Because logarithms are exponents, mathematical operations involving logarithms follow 
the rules for the use of exponents. For example, the product of z“ and z’ (where z is any 
number) is given by 
z’. gh = zatb) 

Similarly, the logarithm (either common or natural) of a product equals the sum of the 
logs of the individual numbers. 

logab = loga + logb Inab = lna + Inb 
For the log of a quotient, 

log(a/b) = loga — logb ln(a/b) = Ina — Inb 

Using the properties of exponents, we can also derive the rules for the logarithm of a 
number raised to a certain power. 


1i 


loga” = nloga Ing” = nlna 


loga!" = (1/n)loga lna!” = (1/n)lna 


pH Problems 


One of the most frequent uses for common logarithms in general chemistry is in working 
pH problems. The pH is defined as —log[ H*], where [H+] is the hydrogen ion concentration 
of a solution. The following sample exercise illustrates this application. 


= Sample Exercise 2 
li Using Logarithms 


(a) What is the pH of a solution whose hydrogen ion concentration is 0.015 M? 
(b) If the pH of a solution is 3.80, what is its hydrogen ion concentration? 


(1) We are given the value of [H+]. We use the LOG key of our log[H*] = —3.80 
calculator to calculate the value of log[H*]. The pH is obtained 
by changing the sign of the value obtained. (Be sure to change 


the sign after taking the logarithm.) bp practice Exercise 
I 


we must take the antilog of —pH. 


A.3 | Quadratic Equations 


An algebraic equation of the form ax? + bx + c = Ois called a quadratic equation. The two 
solutions to such an equation are given by the quadratic formula: 


—b + Vb? — 4ac 


2a 


Many calculators today can calculate the solutions to a quadratic equation with one or 
two keystrokes. Most of the time, x corresponds to the concentration of a chemical spe- 
cies in solution. Only one of the solutions will be a positive number, and that is the one 
you should use; a “negative concentration” has no physical meaning. 


\SA Sample Exercise 3 
PT Using the Quadratic Formula 


Find the values of x that satisfy the equation 2x* + 4x = 1. 


SOLUTION pH = —log[H*] = 3.80 


[H*] = antilog(—3.80) = 108° = 1.6 x 104M 


[H*] = 0.015 Perform the following operations: 
log[H*] = —1.82 (2 significant figures) (a) log(2.5 x 10°) 
(b) In 32.7 
pH = —(~1.82) = 1.82 (c) antilog —3.47 
(2) To obtain the hydrogen ion concentration when given the pH, (a) e? 


have 


A.4 | Graphs 


Often the clearest way to represent the interrelationship between two variables is 
to graph them. Usually, the variable that is being experimentally varied, called the 
independent variable, is shown along the horizontal axis (x-axis). The variable that 
responds to the change in the independent variable, called the dependent variable, 


SOLUTION -4 + VÆ — 4(2)(-1) 
x 
To solve the given equation for x, we must first put it in the form 2(2) 
ax? +bx+c=0 -4 + V16 +8 
and then use the quadratic formula. If 4 
2x? + 4x=1 The two solutions are 
then 0.899 = 
j ya PE 0225 and x= 
2x + 4x -1=0 4 
Using the quadratic formula, where a = 2,b = 4,andc = —1, we 
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If this was a problem in which x represented a concentration, we 
would say x = 0.225 (in the appropriate units), since a negative 
number for concentration has no physical meaning. 
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TABLE A.1 Interrelation between 


Pressure and Temperature 


Temperature (°C) 
20.0 
30.0 
40.0 
50.0 


Pressure (kPa) 
12.16 
12.56 
1297 
13.37 


14.6 


13.4 


12.2 


Pressure (kPa) 


0 20.0 40.0 60.0 80.0 
Temperature (°C) 


A Figure A.1 A graph of pressure versus temperature yields a straight line for the data. 


is then shown along the vertical axis (y-axis). For example, consider an experiment 
in which we vary the temperature of an enclosed gas and measure its pressure. The 
independent variable is temperature and the dependent variable is pressure. The 
data shown in Table A.1 can be obtained by means of this experiment. These data are 
shown graphically in Figure A.1. The relationship between temperature and pressure is 
linear. The equation for any straight-line graph has the form 


y=mx+b 


where m is the slope of the line and b is the intercept with the y-axis. In the case of 
Figure A.1, we could say that the relationship between temperature and pressure takes the 
form 


P=mT+b 


where P is pressure in kPa and T is temperature in °C. As shown in Figure A.1, the slope 
is 0.0403 kPa/°C, and the intercept—the point where the line crosses the y-axis—is 
11.35 kPa. Therefore, the equation for the line is 


P = (0.0403 kPa/°C)T + 11.35 kPa 


A.5 | Standard Deviation 


The standard deviation from the mean, s, is a common method for describing precision 
in experimentally determined data. We define the standard deviation as 


N-1 


where N is the number of measurements, X is the average (also called the mean) of the 
measurements, and xi represent the individual measurements. Electronic calculators 
with built-in statistical functions can calculate s directly by inputting the individual 
measurements. 

A smaller value of s indicates a higher precision, meaning that the data are more 
closely clustered around the average. The standard deviation has statistical significance. 
If a large number of measurements is made, 68% of the measured values is expected to be 
within one standard deviation of the average, assuming only random errors are associ- 
ated with the measurements. 
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} 


VA Sample Exercise 4 
PF Calculating an Average and Standard Deviation 


The percent carbon in a sugar is measured four times: 42.01%, 42.28%, 41.79%, and 42.25%. Calculate (a) the average and 
(b) the standard deviation for these measurements. 


SOLUTION The sum of the quantities in the last column is 


(a) The average is found by adding the quantities and dividing by 
the number of measurements: 


42.01 + 42.28 + 41.79 + 42.25 _ 168.33 


N 
S% — X)? = 0.005 + 0.040 + 0.084 + 0.029 = 0.16 
i=1 


4 3 42.08 Thus, the standard deviation is 
(b) The standard deviation is found using the preceding equation: à 5 
Zu) oie _ fore 
N pe s= Li V 0.053 = 0.23 
(% — X) N-1 4-1 3 
c= {Z1 
N-1 Based on these measurements, it would be appropriate to represent 
, N e the measured percent carbon as 42.08 + 0.23. 
Let’s tabulate the data so the calculation of X, (x; — ¥)* can be seen 
clearly. i 
Difference between 
Measurement Square of 
PercentC and Average, (x; — x) Difference, (x; — x)? 
42.01 42.01 — 42.08 = —0.07 (—0.07)? = 0.005 
42.28 42.28 — 42.08 = 0.20 (0.20)? = 0.040 


41.79 41.79 — 42.08 = —0.29 (—0.29)? = 0.084 
42.25 42.25 — 42.08 = 0.17 (0.17)? = 0.029 
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PROPERTIES OF WATER 


Density: 0.99987 g/mL at 0°C 
1.00000 g/mL at 4°C 
0.99707 g/mL at 25 °C 
0.95838 g/mL at 100°C 


Heat (enthalpy) of fusion: 6.008 kJ/mol at 0°C 


Heat (enthalpy) of vaporization: 44.94 kJ/mol at 0°C 
44.02 kJ/mol at 25 °C 
40.67 kJ/mol at 100 °C 


Ion-product constant, Ky: 1.14 x 1075 at0°C 


1.01 x 10°! at 25°C 
5.47 x 10° at50°C 


Specificheat: 2,092J/g-K = 2.092J/g-°C for ice at —3°C 
4.184J/g-K = 4.184] /g-°C for water at 25 °C 
1.841J/g-K = 1.841J/g-°C for steam at 100°C 


Vapor Pressure (kPa) at Different Temperatures 


T(°C) P T(°C) P T(°C) P T(°C) P 
0 0.6106 21 2.486 35 5.626 92 75.59 
5 0.8719 22 2.644 40 7.373 94 81.45 

10 1.228 23 2.809 45 9.586 96 87.67 
12 1.403 24 2.984 50 12.33 98 94.3 
14 1.599 25 3.168 55 15.73 100 101.3 
16 1.817 26 3.361 60 19.92 102 108.8 
17 1.937 27 3.565 65 25 104 116.7 
18 2.064 28 3.78 70 31.16 106 125 
19 2.197 29 4.005 80 47.34 108 133.9 
20 2.338 30 4.242 90 70.1 110 143.3 
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APPENDIX 


THERMODYNAMIC QUANTITIES 
FOR SELECTED SUBSTANCES 
AT 298.15 K (25 °C) 


AM; AG; s° AH? AG; s° 
Substance (kj/mol) (kj/mol) (j/mol-K) Substance (kj/mol) (kj/mol) (j/mol-K) 
Aluminum C2H2(g) 226.77 209.2 200.8 
Al(s) 0 0 28.32 CoH,(g) 52.30 68.11 219.4 
AICI3(s) -705.6 -630.0 109.3 CoH6(g) -84.68 -32.89 229.5 
Al,O3(s) -1669.8 -1576.5 51.00 C3Hg(g) -103.85 -23.47 269.9 
‘dai CaHyo(8) -124.73 -15.71 310.0 
Bats) P ‘i ese CaHyo(1) -147.6 -15.0 231.0 
BaCO,(s) -1216.3 -1137.6 112.1 CoHo(3) 82,3 123:7 209:2 
BaO(s) -553.5 -525.1 70.42 C6H6(1) 49:0 1243 172:8 
CH;OH(g) -201.2 -161.9 237.6 
Beryllium CH;0H(1) -238.6 -166.23 126.8 
Bels) 9 9 2 C2HsOH(8) -235.1 -168.5 282.7 
BeO(s) -608.4 -579.1 13:77 C2H;0H(7) -277.7 -174.76 160.7 
Be(OH)2(s) 7905:98 ae a CoH120,(s) -1273.02 -910.4 212.1 
Bromine COG) -110.5 -137.2 197.9 
Br(g) 111.8 82.38 174.9 CO,(g) -393.5 -394.4 213.6 
Br-(aq) -120.9 -102.8 80.71 CHCOOH (7) —487.0 -392.4 159.8 
Br2(3) 30.71 3.14 245.3 Bias 
Bet) ° ee Cs(g) 76.50 49.53 175.6 
HBr(g) -36.23 -53.22 198.49 oa ae ane — 
Calcium Cs(s) (0) (0) 85.15 
Cal) 179.3 145.5 154.8 CsCl(s) -442.8 -414.4 101.2 
Ca(s) 0 0 41.4 ee 
CaCO3(s, calcite)  —1207.1 -1128.76 92.88 e oe ae es 
CaCl,(s) -795.8 -748.1 104.6 ug ges Lag Eee 
CaF,(s) -1219.6 -1167.3 68.87 Pea i i W 
Ca0(s) -635.5 -604.17 39.75 Heian) ae eas on 
Ca(OH)ats) =p ome 828 ae HCl(g) -92.30 -95.27 186.69 
CaSO,(s) -1434.0 -1321.8 106.7 
Chromium 
Carbon Cr(g) 397.5 352.6 174.2 
Cig) 718.4 672.9 158.0 os i i e 
C(s, diamond) 1.88 2.84 2.43 Cr0;(5) -1139.7 -1058.1 81.2 
C(s, graphite) (0) 0 5.69 
CCli(g) -106.7 -64.0 309.4 Cobalt 
CCli(1) -139.3 -68.6 214.4 Cols) 439 333 we 
CE,(g) -679.9 -635.1 262.3 Co(s) $ E A 
CH,(g) -74.8 -50.8 186.3 
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AH; AG; S° AH; AG; S°? 
Substance (kj/mol) (kj/mol) (j/mol-K) Substance (kj/mol) (kj/mol) (j/mol-K) 
Copper Li* (aq) —278.5 —273.4 12.2 
Cu(g) 338.4 298.6 166.3 Li” (g) 685.7 648.5 133.0 
Cu(s) 0 o 33.30 LiCl(s) —408.3 —384.0 59.30 
CuCl,(s) -205.9 —161.7 108.1 Magician 
CuO(s) -156.1 —128.3 42.59 Mats) zi wS uge 
Cuz0(s) -170.7 -147.9 92.36 Mais) o R 435i 
Fluorine MgCl,(s) —641.6 —592.1 89.6 
F(g) 80.0 61.9 158.7 MgO(s) —601.8 —569.6 26.8 
F (aq) -332.6 -278.8 -13.8 Mg(OH),(s) -924.7 -833.7 63.24 
F(g) o o 202.7 eee 
HF(g) —268.61 —270.70 173.51 Mn(g) 280.7 238.5 173.6 
Hydrogen Mn (s) (0) 0 32.0 
H(g) 217.94 203.26 114.60 MnO(s) —385.2 —362.9 59.7 
H*(aq) 0 0 0 Mn0O,(s) —519.6 —464.8 53.14 
H*(g) 1536.2 1517.0 108.9 MnO; (aq) —541.4 —447.2 191.2 
H,(g) o o 130.58 Mercury 
Iodine Hg(g) 60.83 31.76 174.89 
I(g) 106.60 70.16 180.66 Hg() 0 0 77.40 
T (8) -55.19 —51.57 111.3 HgCl,(s) ~230.1 — 184.0 144.5 
L(g) 62.25 19.37 260.57 Hg,Cl,(s) -264.9 -210.5 192.5 
h(s) 0 0 116.73 Nickel 
HI(g) 25.94 1.30 206.3 Ni(g) 429.7 384.5 182.1 
Iron Ni(s) (0) 0 29.9 
Fe(g) 415.5 369.8 180.5 NiClp(s) —305.3 —259.0 97.65 
Fe(s) o o 27.15 NiO(s) —239.7 —211.7 37.99 
Fe2* (aq) —87.86 -84.93 113.4 Nitrogén 
Fe?* (aq) -47.69 ~10.54 293.3 NG) 472.7 455.5 153.3 
FeCl(s) —341.8 —302.3 117.9 N)(g) (0) (0) 191.50 
FeCl;(s) —400 —334 142.3 NH; (aq) -80.29 -26.50 111.3 
FeO(s) =271.9 =255.2 60.75 NH,(g) —46.19 —16.66 192.5 
Fe,03(s) -822.16 -740.98 89.96 NH, (aq) ~ 132.5 ~79.31 113.4 
Fe30,(s) 1117.1 —1014.2 146.4 NoH,(2) 95.40 159.4 238.5 
FeS,(s) -171.5 —160.1 52.92 NH,CN(s) 0.4 E _ 
Lead NH,Cl(s) -314.4 ~203.0 94.6 
Pb(s) (0) (0) 68.85 NH,NO3(s) —365.6 —184.0 151 
PbBr,(s) —277.4 —260.7 161 NO(g) 90.37 86.71 210.62 
PbCO;(s) -699.1 -625.5 131.0 NO,(g) 33.84 51.84 240.45 
Pb(NO3)2(aq) —421.3 -246.9 303.3 N20(8) 81.6 103.59 220.0 
Pb(NO3)2(5) —451.9 = — N2Oa(g) 9.66 98.28 304.3 
PbO(s) —217.3 — 187.9 68.70 NOCI(g) 52.6 66.3 264 
hither HNO3(aq) -206.6 -110.5 146 
Li(g) 159.3 126.6 138.8 HNO3(g) -134.3 -73.94 266.4 
Li(s) 0 o 29.09 
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AH; AG; F AH; AG? 5 
Substance (kj/mol) (kj/mol) (j/mol-K) Substance (kj/mol) (kj/mol) (j/mol-K) 
Oxygen Scandium 
O(g) 247.5 230.1 161.0 Sc(g) 377.8 336.1 174.7 
0,(g) 0 0 205.0 Sc(s) 0 0 34.6 
03(g) 142.3 163.4 237.6 sienu 
OH- (aq) -230.0 -157.3 -10.7 taset Jo ee sie 
H,0(g) -241.82 -228.57 188.83 
HO(1) -285.83 -237.13 69.91 ones 
H,O,(g) -136.10 -105.48 232.9 Sig) 363:2 3232 104:9 
H,0,(1) ~187.8 -120.4 109.6 Si(s) g E veel 
SiC(s) -73.22 -70.85 16.61 
Phosphorus SiCl4(1) -640.1 -572.8 239.3 
PG) 316.4 280.0 163.2 SiO2(s, quartz) -910.9 -856.5 41.84 
P,(g) 144.3 103.7 218.1 
P,(g) 58.9 24.4 280 ai 
P,(s, red) -17.46 -12.03 22.85 Ag(s) : i oe 
see A o ae Ag*(aq) 105.90 77.11 73.93 
ee Pere e Na AgCl(s) -127.0 -109.70 96.11 
G a ee oe Ag,O(s) ~31.05 ~11.20 121.3 
Be aaah ne eae AgNO;(s) -124.4 -33.41 140.9 
PH3(g) 5.4 13.4 210.2 Sodium 
P4O,(s) -1640.1 = = Na(g) 107.7 77.3 153.7 
P,O40(s) -2940.1 -2675.2 228.9 Na(s) 0 0 51.45 
POCI3(g) -542.2 -502.5 325 Na*(aq) -240.1 -261.9 59.0 
POCI;(1) -597.0 -520.9 222 Na*(g) 609.3 574.3 148.0 
H3PO,(aq) ~1288.3 -1142.6 158.2 NaBr(aq) -360.6 -364.7 141.00 
EA NaBr(s) -361.4 -349.3 86.82 
K Kom e ieee NayCO;(s) ~1130.9 -1047.7 136.0 
Kis) é A a NaCl (aq) -407.1 -393.0 115.5 
Ria Syed ar 1025 NaCI (g) -181.4 -201.3 229.8 
t Aa ea oe NaCl(s) —410.9 -384.0 72.33 
s E ee = NaHCO;(s) -947.7 -851.8 102.1 
KC10,(s) -391.2 -289.9 143.0 NaNO3(aq) -446.2 ae ay 
KCI04(aq) cays ner JEst NaNO;(s) —467.9 -367.0 116.5 
K,CO3(s) -1150.18  — 1064.58 155.44 NaOH(aq) -469.6 -419.2 49.8 
KNO;(s) ~492.70 -393.13 132.9 NaOH(s) TAZ TO ORAN 
K,0%s) er “Bap oaii NaySO,(s) -1387.1 -1270.2 149.6 
KO2(s) —284.5 —240.6 122.5 Strontium 
K,0,(s) ~495.8 -429.8 113.0 SrO(s) -592.0 -561.9 54.9 
KOH(s) -424.7 -378.9 78.91 Sr(g) 164.4 110.0 164.6 
KOH(aq) —482.4 —440.5 91.6 Sin 
Rubidium S(s, rhombic) 0) 0 31.88 
Rb(g) 85.8 55.8 170.0 Ss(2) 102.3 49.7 430.9 
Rb(s) 0 0 76.78 502(g) -296.9 -300.4 248.5 
RbCI(s) -430.5 -412.0 92 $03(g) -395.2 -370.4 256.2 


RbC1O;(s) -392.4 -292.0 152 SOZ- (aq) -909.3 -744.5 20.1 
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AH; 
Substance (kj/mol) 
SOCI1,(1) —245.6 
H,S(g) —20.17 
H2SO,4(aq) —909.3 
H2504(1) —814.0 
Titanium 
Tig) 468 
Ti(s) 0 
TiCl4(g) —763.2 
TiCl,(/) —804.2 


TiO,(s) -944.7 


AG; 

(kj/mol) 

—33.01 
—744.5 
—689.9 


s? 
(j/mol-K) 


Substance 
Vanadium 
V(g) 
V(s) 


Zinc 
Zn(g) 
Zn(s) 
ZnCl,(s) 
ZnO(s) 
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AH; 
(kj/mol) 


AG; 
(kj/mol) 


5° 
(j/mol-K) 


AQUEOUS EQUILIBRIUM CONSTANTS 


TABLE D.1 Dissociation Constants for Acids at 25 °C 


Name 

Acetic acid 

Arsenic acid 
Arsenous acid 
Ascorbic acid 
Benzoic acid 

Boric acid 
Butanoic acid 
Carbonic acid 
Chloroacetic acid 
Chlorous acid 
Citric acid 

Cyanic acid 
Formic acid 
Hydroazoic acid 
Hydrocyanic acid 
Hydrofluoric acid 
Hydrogen chromate ion 
Hydrogen peroxide 
Hydrogen selenate ion 
Hydrogen sulfide 
Hypobromous acid 
Hypochlorous acid 
Hypoiodous acid 
lodic acid 

Lactic acid 
Malonic acid 
Nitrous acid 
Oxalic acid 
Paraperiodic acid 
Phenol 
Phosphoric acid 
Propionic acid 
Pyrophosphoric acid 
Selenous acid 
Sulfuric acid 
Sulfurous acid 


Tartaric acid 


Formula 

CH3COOH (or HC,H303) 
HAsO; 

H3AsO3 

H2C6H60O6 

CsHsCOOH (or HC,H502) 
H3BO3 

C3H7COOH (or HC4H7O>) 
H2CO3 

CH2CICOOH (or HC2H202Cl) 
HClO, 
HOOCC(OH)(CH2,COOH)> (or H3CgHs507) 
HCNO 

HCOOH (or HCHO) 

HN; 

HCN 

HF 

HCrO, 

H2037 

HSeO, 

H3S 

HBrO 

HClO 

HIO 

HIO; 

CH3CH(OH)COOH (or HC3H503) 
CH,(COOH), (or H2C3H204) 
HNO, 

(COOH); (or H2C204) 

H;106 

C6H5OH (or HC6H50) 

HPO; 

C,HsCOOH (or HC3H502) 
H4P207 

H,SeO3 

H250, 

H2503 
HOOC(CHOH),COOH (or H2C4H4O¢) 
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Ky 

LG MOR 
5.6 xX 10% 
Si x 100 
8.0 x 1075 
6.3 x 10% 
5.8 x 10°10 
lax 1052 
4.3 x 107 
1.4 x 103 
1.1 x 10°? 
7.4 X 104 
3.5 x 10-4 
Esr 10" 
1.9 x 1075 
4.9 x 19°10 
6.8 x 1074 
3.0 x 107-7 
2.4 x 10° 
2.2 x 10°? 
9.5 x 1078 
Oise OR 
3.0 x 10°8 
2.3 x 101 
1.7 x 107! 
LA or 
1.5 x 103 
4.5 x 10-4 
5.9 x 107? 
2.8 x 10-2 
1.3 x 10°10 
7.5 x 103 
1.3 x 1075 
3.0 x 10°27 
2.3 x 1073 
Strong acid 
1.7 X 10°? 
ROE TOR. 


K.2 K.3 
1.0 x 107 3.0 x 10712 


1.6 x 10°72 


5.6 x 1071! 


iy 102 4.0 x 107 


1x 107” 


2.0 x 10°° 


6.4 x 10°5 
5.3 X 10°? 


62.52 WO 4.2 x 10°83 


4.4 x 10° RA x 107 
5.3 x 107° 
112 << Io” 
6.4 x 10°8 
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TABLE D.2 Dissociation Constants for Bases at 25 °C 


Name Formula Kp 

Ammonia NH; 1.8 x 10° 
Aniline CeHsNHz 4.3 x 10" 
Dimethylamine (CH3)2NH SAs IO~ 
Ethylamine C2H;NH, 6.4 x 1074 
Hydrazine H,NNH>» 1.3% 1@-8 
Hydroxylamine HONH, 1.1 x 10°8 
Methylamine CH3NH, Al Al x iQ 
Pyridine CsHsN 1.7 x 10° 
Trimethylamine (CH3)3N 64) IOS 


TABLE D.3 Solubility-Product Constants for Compounds at 25 °C 


Name Formula Ksp Name Formula Ksp 

Barium carbonate BaCO, 5.0 Xx 10°? Lead(II) fluoride PbF, 36x 10° 
Barium chromate BaCrO4 2.1 x 10719 Lead(II) sulfate PbSO,4 6.3 X 107 
Barium fluoride BaF, 1.7 x 10°° Lead(II) sulfide* PbS 3x 1028 
Barium oxalate BaC,04 1.6 X 10°° Magnesium hydroxide Mg(OH)2 1.8 x 1071! 
Barium sulfate BaSO4 1.1 x 1071 Magnesium carbonate MgCO; 35x 10% 
Cadmium carbonate CdCO3 1.8 x 107! Magnesium oxalate MgC204 8.6 x 10 
Cadmium hydroxide Cd(OH)>, 2.5 x 10-14 Manganese(II) carbonate MnCO; 5.0 x 10719 
Cadmium sulfide* CdS 8 x 10728 Manganese(II) hydroxide Mn(OH)> 1.6 x 10°78 
Calcium carbonate (calcite) CaCO; 4.5 x 10°? Manganese(II) sulfide* Mns 10% 
Calcium chromate CaCrO4 4.5 x 10° Mercury(I) chloride Hg2Cl; 1.2 x 10718 
Calcium fluoride CaF, 39x 10 Mercury(I) iodide Hgol> 1.1 x 1071! 
Calcium hydroxide Ca(OH), 6.5 X 10°° Mercury(II) sulfide* HgS 2x10 
Calcium phosphate Ca3(PO4)2 2.0 x 10°29 Nickel(II) carbonate NiCO3 13S Or? 
Calcium sulfate CaSO, 2.4 Xx 10° Nickel(II) hydroxide Ni(OH)z2 6.0 x 10716 
Chromium(III) hydroxide Cr(OH); 6.7 X 1073! Nickel(II) sulfide* NiS 3 Or 
Cobalt(II) carbonate CoCO3 1.0 x 190719 Silver bromate AgBrO3 5.5 x 10738 
Cobalt(II) hydroxide Co(OH) 1.3 x 10715 Silver bromide AgBr SOx ilo 
Cobalt(II) sulfide* CoS 5 x 10°22 Silver carbonate AgoCO3 8.1 x 10712 
Copper(I) bromide CuBr 5.3 X 107°? Silver chloride AgCI 1.8 x 10°19 
Copper(II) carbonate CuCO3; 2.3 x 1071? Silver chromate AgoCrO4 1.2 x 10°12 
Copper(II) hydroxide Cu(OH), Ae OA Silver iodide Agl Ga x Io 
Copper(II) sulfide* CuS 6 x 10°37 Silver sulfate Ag oSO4 1.5 x 10° 
Iron(II) carbonate FeCO3 Dil << ior! Silver sulfide* AgS 6 x 10°! 
Iron(lI) hydroxide Fe(OH)z2 7.9 x 10716 Strontium carbonate SrCO; 9.3 x 19719 
Lanthanum fluoride LaF; 2x 10719 Tin(II) sulfide* Sns 1 x 10°26 
Lanthanum iodate La(IO3)3 7.4 X 10714 Zinc carbonate ZnCO3 1.0 x 1071? 
Lead(II) carbonate PbCO; 7.4 x 10714 Zinc hydroxide Zn(OH), 3.0 x 10 1° 
Lead(II) chloride PbCl, 1.7 X 10° Zinc oxalate ZnC204 2.7 x 1078 
Lead(II) chromate PbCrO, 2.8 x 10733 Zinc sulfide* ZnS 2 10 


* For a solubility equilibrium of the type MS(s) + H,O(/) = M?*(aq) + HS (aq) + OH (aq) 
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STANDARD REDUCTION 
POTENTIALS AT 25 °C 


Half-Reaction E°(V) | Half-Reaction E°(V) 
Ag*(aq) + © —> Ag(s) +0.80 | 2H,O(/) + 2e > H2(g) + 2OH (aq) —0.83 
AgBr(s) + € —> Ag(s) + Br (aq) +0.10 | HO. (aq) + H,O(1) + 2e > 3 OH (aq) +0.88 
AgCl(s) + € —> Ag(s) + Cl (aq) +0.22 | H2O2(aq) + 2H*(aq) + 2€ —> 2H20(1) +1.78 
Ag(CN)2 (aq) + © —> Ag(s) + 2 CN (aq) —0.31 | Hg?*(aq) + 2e° —> 2Hg(/) +0.79 
AgyCrO,(s) + 2e —> 2Ag(s) + CrO? (aq) +0.45 | 2 Hg?*(aq) + 2 —> Hg?*(aq) +0.92 
Agl(s) + © —> Ag(s) + r (aq) —0.15 | Hg?+ (aq) + 26e —> Hg(I) +0.85 
Ag(S203) 2°" (aq) + © —> Ag(s) + 2 S2027 (aq) +0.01 | 1,(s) + 2e° — 2T (aq) +0.54 
A+ (aq) + 3 © —> Al(s) =1.66 | 21057 (aq) + 12 H*(aq) + 10 © —> h(s) + 6 HO(1) +1.20 
H3AsO4(aq) + 2H*(aq) + 2e —> H3AsO3(aq) + H2O(1) +0.56 | K*(aq) + © —> K(s) —2.92 
Ba?*(aq) + 2e —> Ba(s) —2.90 | Lit(aq) + © —> Li(s) —3.05 
BiO*(aq) + 2H*(aq) + 3e€ —> Bi(s) + HO(1) +0.32 | Mg?*(aq) + 2e° —> Mg(s) —2.37 
Bro(/) + 2€ —> 2Br (aq) +1.07 | Mn?*(aq) + 2e° —> Mn(s) -1.18 
2 BrO3 (aq) + 12H*(aq) + 10e — Br(1) + 6HO() +1.52 | Minon(s) + 4H*(aq) + 2e —> Mn?*(aq) + 2H0(1) +1.23 
2 CO,(g) + 2H*(aq) + 2e —> H,C,0,(aq) —0.49 MnO, (aq) + 8H*(aq) + 56 —> Mn?*(aq) + 4H,0(1) +1.51 
Ca’*(aq) + 2e —> Ca(s) ~2.87 | MnO, ~(aq) + 2HO(1) + 3e —> MnO,(s) + 40H- (aq) +0.59 
Cd”*(aq) + 2e — Cd(s) —0.40 | HNO,(aq) + H*(aq) + © —> NO(g) + H20(1) +1.00 
Ce*(aq) + © —> Ce?*(aq) +1.61 | No(g) + 4H20(1) + 4e —> 40H (aq) + NoH,(aq) —1.16 
Cl(g) + 2€ —> 2CI (aq) +1.36 | No(g) + 5 H*(aq) + 46e —> NHs" (aq) 70.23 
2HClO(aq) + 2H*(aq) + 2€ —> Cl(g) + 2 H20(1) +1.63 | NO3 ~(aq) + 4H*(aq) + 3 © —> NO(g) + 2H,0(1) +0.96 
ClO- (aq) + H2O(1) + 2e —> CI (aq) + 2 OH (aq) +0.89 | Na*(aq) + © —> Na(s) -2.71 
2.C1O3~(aq) + 12H*(aq) + 106 —> Clo(g) + 6H0(1) +1.47 | Ni2+(aq) + 26 — Ni(s) -0.28 
Co** (aq) + 2e — Co(s) -0.28 | O (g) + 4H*(aq) + 46 — 2 H,O(1) +1.23 
Co?* (aq) + © —> Co?” (aq) +1.84 | O(g) + 2H20(1) + 4€ —> 40H (aq) +0.40 
Cr3* (aq) + 3 © —> Cr(s) —0.74 | O(g) + 2H*(aq) + 2€ —> H,0,(aq) +0.68 
Cr?+ (aq) + © — Cr?* (aq) -0.41 | O3(g) + 2H*(aq) + 2€ — O2(8) + H20(1) +2.07 
CRO, (aq) + 14 H*(aq) + 6 © —> 2Cr3*(aq) +7H,0(1) +1.33 | Pb°* (aq) + 2e —> Pb(s) —0.13 
CrO (aq) + 4H20(1) + 3 © — —0.13 | PbO2(s) + HSO7 (aq) + 3H*(aq) + 20° —> +1.69 
Cr(OH)3(s) + 5 OH (aq) PbSOg4(s) + 2 H20(7) 
Cu? (aq) + 2€ —> Cu(s) +0.34 | PbSO4(s) + H*(aq) + 2e > Pb(s) + HSO,4 (aq) —0.36 
Cu?* (aq) + © —> Cu (aq) +0.15 | PtCl?2~ (aq) + 2e > Pt(s) + 4Cl (aq) +0.73 
Cu*(aq) + © —> Cu(s) +0.52 | S(s) + 2H*(aq) + 2e —> H,S(g) +0.14 
Cul(s) + © —> Cu(s) + T (aq) —0.19 | H2SO3(aq) + 4H*(aq) + 4€ —> S(s) + 3 H20(1) +0.45 
F (8) + 2e — 2 F (aq) +2.87 | HSO,(aq) + 3H*(aq) + 2e —> H,SO3(aq) + H,O(1) +0.17 
Fe?" (aq) + 2€ —> Fe(s) —0.44 | Sn% (aq) + 2e° —> Sn(s) —0.14 
Fe** (aq) + © —> Fe?*(aq) +0.77 | Sn**(aq) + 2€ —> Sn?* (aq) +0.15 
Fe(CN) > (aq) + © —> Fe(CN) (aq) +0.36 | VO,*(aq) + 2H*(aq) + © —> VO?*(aq) + H2O(1) +1.00 
2H*(aq) + 2e —> H2(3) 0.00 | Zn™ (aq) + 2€ —> Zn(s) —0.76 
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ANSWERS TO SELECTED EXERCISES 


Chapter 1 


1.3 (a) Homogeneous mixture (b) homogeneous mixture (c) pure 
substance (d) homogeneous mixture. 1.4 (a) He (b) Pt (c) Co (d) Sn 
(e) Ag (£) antimony (g) lead (h) bromine (i) vanadium (j) mercury 
1.5 C is a compound; it contains both carbon and oxygen. A is a 
compound; it contains at least carbon and oxygen. B is not defined 
by the data given; it is probably also a compound because few ele- 
ments exist as white solids. 1.8 Physical properties: silvery white; 
lustrous; melting point = 649 °C, boiling point = 1105 °C; den- 
sity at 20 °C = 1.738 g/cm*; pounded into sheets; drawn into wires; 
good conductor. Chemical properties: burns in air; reacts with Cl. 
1.9 (a) Physical (b) chemical (c) physical (d) chemical (e) chemi- 
cal 1.10 Evaporation 1.12 (a) Kinetic energy (b) Potential energy 
decreases. 1.15 (a) 3 x 101? m (b) 2.5 x 10715 s (c) 5.7 x 10° 
m (d) 8.3 x 10° kg 1.16 (a) 298 K (b) 383 K (c) 27 °C (d) 827 °C 
1.17 (a) 1.62 g/mL. Tetrachloroethylene, 1.62 g/mL, is more dense 
than water, 1.00 g/mL; tetrachloroethylene will sink rather than 
float on water. (b) 11.7 g 1.18 (a) Calculated density = 0.86 g/mL. 
The substance is probably toluene, density = 0.866 g/mL. (b) 40.4 
mL ethylene glycol (c) Yes, the graduated cylinder in Figure 1.21 will 
provide the appropriate level of accuracy. (d) 1.11 X 10° g nickel 1.19 
4 Tg 1.21 Exact: (b), (d), and (f) 1.22 (a) 4 (b) 1 (c) 2 (d) 3 (e) 4 (g) 6 
1.23 (a) 2.04 x 10° (b) 2.93 x 1074 (c) —8.25 x 104 (d) 9.42 x 10° 
(e) —3.25 x 10™ 1.24 (a) 43.052 (b) 879.30 (c) 2.14 x 10° (d) 0.101 
1.25 5 significant figures 


2.54 cm 1kg 1g 
427) Tin 22b” 1x 107 kg 
1 pg (12)?in? (2.54)? cm? 
(c) 6 (d) 2 e2 2.2 
1 x 10 °kg T ft Tin 


1.28 (a) 54.7 km/hr (b) 1.3 x 10° gal (c) 46.0 m (d) 0.984 in/hr 
1.29 (a) 4.32 xX 105s (b) 88.5 m (c) $0.499/L (d) 46.6km/hr (e) 
1.420 L/s (£) 707.9cm? 1.30 (a) 1.2 x 10? L (b) 5 x 10? mg (©) 
19.9mi/gal (2 x 10! mi/gal for 1 significant figure) (d) 1.81 kg 1.31 
67 kg air 1.32 $9 x 10* 1.33 (a) Pure element: i (b) mixture of ele- 
ments: v, vi (c) pure compound: iv (d) mixture of an element and a 
solution. 1.37 Filtration 1.39 (a) The aluminum sphere is lightest, 
then nickel, then silver. (b) The platinum cube is smallest, then 
gold, then lead. 1.41 (a) 7.5 cm; two significant figures (sig figs) (b) 
72 mi/hr (inner scale, two significant figures) or 115 km/hr (outer 
scale, three significant figures) 1.43 464 jelly beans. The mass of an 
average bean has 2 decimal places and 3 sig figs. The number of beans 
then has 3 sig figs, by the rules for multiplication and division. 1.50 
(a) 1.08 x 107J (b) 2.58 x 10! cal (c) The kinetic energy is converted 
mostly to heat. 1.52 (a) Ek = 11J; v = 6.6 m/s 1.55 (a) 28 °C (b) 84 
°F (c) 567 K (d) 559 °C (e) 838 °F (£) 275 K 1.60 1054 J/Btu 1.75 8.47 g 
O 1.77 (a) Set I, 22.51; set II, 22.61. Based on the average, set I is more 
accurate. (b) The average deviation for both set I and set II is 0.02. 
The two sets display the same precision. 1.79 (a) Volume (b) time (c) 
length (d) density (e) temperature (f) speed (g) pressure 1.82 Sub- 
stances (b), (f), and (g) are pure or nearly pure. 1.83 (a) 1.13 x 10° 
quarters (b) 6.41 x 10° g (c) $2.83 x 104 (d) 5.74 x 10° stacks 1.87 
The most dense liquid, acetic acid, sinks; the piece of oak wood floats 
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on the surface of the acetic acid, in the liquid interphase. The hexane 
resides on top. 1.90 density of solid = 1.63 g/mL 1.93 (a) Density of 
peat = 0.13 g/cm?,density of soil = 2.5g/cm°. It is not correct to say 
that peat is “lighter” than topsoil. Volumes must be specified in order 
to compare masses. (b) Buy 16 bags of peat (more than 15 are needed). 
(Results to 1 significant figure are not meaningful.) 1.97 The inner 
diameter of the tube is 1.90 cm. 1.99 The separation with distinctly 
separated red and blue spots is more successful. To quantify the char- 
acteristics of the separation, calculate a reference value for each spot: 
distance traveled by spot/distance traveled by solvent. If the values for 
the two spots are fairly different, the separation is successful. 1.102 
(a) Volume = 0.050 mL (b) surface area = 12.4 m? (c) 99.99% of the 
mercury was removed. (d) The spongy material weighs 17.7 mg after 
exposure to mercury. 


Chapter 2 


2.2 (a) mass O/mass C = 2.66 (b) mass O/massC = 1.33 (c) 
CO 2.3 (a) 0.5711g0/1gN; 1.142g0/1gN; 2.284g0/1gN; 
2.855 g O/1 gN (b) The numbers in part (a) obey the law of multiple 
proportions. Multiple proportions arise because atoms are the indi- 
visible entities combining, as stated in Dalton’s atomic theory. 2.6 
The fraction of alpha particles deflected at a large angle is 2.7 X 107°. 
That is, 1 out of approximately 365 million alpha particles is deflect- 
ed at a large angle. 2.9 (a) 0.21 nm; 2.10 x 102 pm (b) 4.76 x 106 
W atoms (c) 3.88 x 10-7? m? 2.10 (a) Proton, neutron, electron 
(b) proton = 1+, neutron = 0, electron = 1— (c) The neutron is 
most massive. (The neutron and proton have very similar masses.) 
(d) The electron is least massive. 2.11 (a) 15 protons, 15 electrons, 17 
neutrons (b) **S (c) P (d) P 2.12 (a) Atomic number is the number 
of protons in the nucleus of an atom. Mass number is the total num- 
ber of nuclear particles, protons plus neutrons, in an atom. (b) mass 
number 2.13 (a) “Kr: 36 p, 48 n, 36 e (b) Hg: 80 p, 120 n, 80 e (c) 
Co: 27 p, 32 n, 27 e (d) ®Mn: 25 p, 30 n, 25 e (e) 7°U: 92 p, 147 n, 
92 e (f) '®!Ta: 73 p, 108 n, 73 e 


2.14 
Symbol 159Tþb 63Cu 25Mo 7Se 85SRb 
Protons 65 29 42 34 37 
Neutrons 94 34 53 45 48 
Electrons 65 29) 42 34 37 
Mass no. 159 63 95 79 85 


2.15 (a) }3°Hf (b) 39'Hg (c) 1% Re (d) 38. Ca 2.17 (a) C (b) Atomic 
weights are average atomic masses, the sum of the mass of each natu- 
rally occurring isotope of an element times its fractional abundance. 
Each B atom will have the mass of one of the naturally occurring 
isotopes, while the “atomic weight” is an average value. 2.18 55.84 
u 2.19 (a) In Thomson’s cathode ray tube, the charged particles are 
electrons. In a mass spectrometer, the charged particles are posi- 
tively charged ions (cations). (b) The x-axis label is atomic mass (or 
particle mass), and the y-axis label is signal intensity. (c) The C1?* 
ion will be deflected more. 2.20 (a) average atomic mass = 207.22 u 


(b) 60 524 
D 50 
wn 
E 40 
5 30 24.1 7221 
% 20 
0 —Ļ— 


204 205 206 207 208 
Atomic mass (u) 


2.22 (a) Rn, 86 (nonmetal) (b) Te, 52 (metalloid) (c) Cd, 48, (metal) (d) 
Cr, 24 (metal) (e) Ba, 56 (metal) (£) Se, 34, (nonmetal) (g) S, 16, (non- 
metal) 2.25 (a) C4Hj9 is the molecular formula for both compounds. 
(b) C,H, is the empirical formula for both compounds. (c) structural 
2.26 From left to right: molecular, N»H4, empirical, NH3; molecular, 
NoHo, empirical, NH, molecular and empirical, NH; 2.27 (a) AlBr; (b) 
C4Hs (c) C2H4O (d) P20; (e) C3H2Cl (£) BNH2 2.28 (a) 6 (b) 10 (c) 12 


2.29 


H H 
(a) C)H,O, ee 
h on 
H H 
(b) C,H6O, ae 
Aon 
H 
(©) CH,O, fe Bt 
th 
(a) PF, F—P—F 
| 


2.31 Molecular: (a) HCIO; (b) CHOCH; (d) H3S (g) PCI; (h) P(OH)3 
Ionic: (c) Mg(NO;); (e) TiCly (£) K207 


2.32 
Symbol 58fe2+ 1189 )4+ 1307 ¢2- 90742 + 
Protons 26 50 52 40 
Neutrons 32 68 78 50 
Electrons 24 46 54 38 
Net charge 2+ 4+ 2= 2+ 


2.33 (a) Be** (b) Rb* (c) AS*~ (d) In* (e) At’ 2.34 (a) Gaf, 
gallium(III) fluoride (b) LiH, lithium hydride (c) All,;, aluminum 
iodide (d) KS, potassium sulfide 2.35 (a) Fe(OH); (b) CsNO3 (c) 
V(CH3COO)>, (d) Li3PO,4 (e) In203 


2.36 
Ion K+ NH,* Mg?+* Fe? + 
ar KCI NH,Cl MgCl, FeCl; 
OH- KOH NH,OH Mg(OH), Fe(OH); 
CO K,CO3 (NH4)2CO3 MgCO; Fe,(CO3)3 
Po,- KPO,  (NH4)3PO4 Mg3(PO,)> FePO, 


2.38 (a) CrO (b) Br~ (c) NO7 (d) SO (e) MnO, 2.39 (a) cal- 
cium, 2+; oxide, 2— (b) sodium, 1+; sulfate, 2— (c) potassium, 1+; 
perchlorate, 1— (d) iron, 2+, nitrate, 1— (e) chromium, 3+; hydrox- 
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ide, 1— 2.40 (a) lithium oxide (b) iron(II) chloride (ferric chloride) 
(c) sodium hypochlorite (d) calcium sulfite (e) copper(II) hydroxide 
(cupric hydroxide) (f) iron(II) nitrate (ferrous nitrate) (g) calcium 
acetate (h) chromium(III) carbonate (chromic carbonate) (i) potas- 
sium chromate (j) ammonium sulfate 2.41 (a) Al(OH); (b) K250; (c) 
Cu,O (d) Zn(NO3), (e) HgBr, (£) Fe2(CO3)3 (g) NaBrO 2.42 (a) Bro- 
mic acid (b) hydrobromic acid (c) phosphoric acid (d) HC1O (e) HIO; 
(£) H2SO3 2.43 (a) Sulfur hexafluoride (b) iodine pentafluoride (c) 
xenon trioxide (d) N20; (e) HCN (£) P4S6 2.44 (a) ZnCO3, ZnO, CO2 
(b) HE SiO,, SiF,, HzO (c) SO2, H2O, H2SO3 (d) PH; (e) HC1O,, Cd, 
Cd(C10,)2 (£) VBr3 2.46 (a) A hydrocarbon is a compound composed 
of the elements hydrogen and carbon only. 


b) H H HHH 


molecular and empirical formulas, C;H12 


2.47 (a) A functional group is a group of specific atoms that are con- 
stant from one molecule to the next. (b) — OH 


Y 
eh 
H H 


H H H 
2.48 (a, b) 


H H H 


i ii 
“TTT Sey 


H H H H H H 
1-chloropropane 2-chloropropane 


2.49 (a) (—) (b) increase (c) decrease 2.52 The particle is an ion. 
3252- 2.54 Formula: IF; name: iodine pentafluoride; the compound 
is molecular. 2.56 Only Ca(NO3)9, calcium nitrate, is consistent 
with the diagram. 2.58 (a) In the presence of an electric field, there 
is electrostatic attraction between the negatively charged oil drops 
and the positively charged plate as well as electrostatic repulsion 
between the negatively charged oil drops and the negatively charged 
plate. These electrostatic forces oppose the force of gravity and change 
the rate of fall of the drops. (b) Each individual drop has a different 
number of electrons associated with it. If the combined electrostatic 
forces are greater than the force of gravity, the drop moves up. 2.61 
The neutron was the most difficult to be discovered because it does 
not carry any charge. 2.75 (a) Po, chalcogens (metal) (b) Sr, alka- 
line earth metals (metal) (c) Ne, noble gases (nonmetal) (d) Rb, 
alkaline metals (metal) (e) Br, halogens (nonmetal) 2.98 (a) 2 pro- 
tons, 1 neutron, 2 electrons (b) tritium, °H, is more massive. (c) A 
precision of 1 x 10? g would be required to differentiate between 
3H* and 7He*. 2.100 Arrangement A, 4.1 x 104 atoms/cm? (b) 
Arrangement B, 4.7 X 10!4 atoms/cm? (c) The ratio of atoms going 
from arrangement B to arrangement A is 1.2 to 1. In three dimen- 
sions, arrangement B leads to a greater density for Rb metal. 2.104 
(a) ł$Ar, ?8Ar, {8Ar, (b) All isotopes are atoms of the same element, 
argon, with the same atomic number, 18 protons in the nucleus and 
18 electrons. We expect their electron arrangements to be the same 
and their chemical properties to be very similar. Each has a different 
number of neutrons, a different mass number, and a different atom- 
ic mass. 2.106 (a) $3Cu 29 protons, 34 neutrons; $3Cu 29 protons, 
36 neutrons (b) $§Cu = 69%, $§Cu = 30%. 2.109 (a) 5 significant 
figures (b) An electron is 0.05444% of the mass of an 'H atom. 
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2.116 (a) Silver (I) chloride, 1+ (b) Titanium (IV) chloride 4+ 
(c) Iridium (II) chloride, 3+ (d) Lithium chloride, 1+ 2.119 (a) Per- 
bromate ion (b) selenite ion (c) AsO,°~ (d) HTeOy 2.122 (a) Potas- 
sium nitrate (b) sodium carbonate (c) calcium oxide (d) hydrochloric 
acid (e) magnesium sulfate (f) magnesium hydroxide 


Chapter 3 


3.4 (a) False (b) true (c) false 

3.5 (a) SiCl,(1) + 4H,O(1) —> Si(OH),4(s) + 4 HCl(aq) 
(b) 6 CO,(g) + 6 HzO —> CeHy20¢(s) + 6 On() 

(c) 2 Al(OH)3(s) + 3 H2SO4() —> Al(SO,4)3(s) + 6 H2O(/) 
(d) 2 H;PO4(aq) —> H4P2O7(aq) + H20(/) 

3.6 (a) CaS(s) + 2 H20(1) —> Ca(HS)2(s) + Ca(OH)2(aq) 
(b) 4 NH3(g) + 5 O2(g) —> 4NO(g) + 6 H20(g 
(c) FeCl3(s) + 3 NagCO3(aq) —> Fe2(CO3)6(s) + 6 NaCl(aq) 
(d) 4 FeS2(s) + 11 Oo(g) —> 2 Fe203(s) + 8 SO2(8) 

3.7 (a) 2 KCN(g) + H2SO4(aq) —> 2 HCN(aq) + K2SO,(aq) 
(b) 4 NH4NO,(aq) + 3 KOH(aq) —> 5NH3(g) + 2 H2O(1) + 
3 KNO3(aq) (c) Fe203(s) + 3 H2(g) > 2 Fe(s) 
(d) CH3;COOH (I) + 2 O2(g) —> 2 CO2(g) + 2 H20(/) 

3.11 (a) LiCl. (b) solid (c) 2 3.12 (a) Mg(s) + Clo(g) ——> MgCl,(s) 
(b) BaCO,(s) —4> BaO(s) + CO,(g) 

(€) CgHe() + 10 03(g) — 8 CO,(g) + 4H20(1) 

(d) CzH,O(g) + 3 On(g) — 2CO,(g) + 3 H20(1) 
3.13 (a) C7Hy6(s) + 11 O2(g) —> 7 CO2(g) + 8 H2O(1) combustion 
(b) Li;N(s) + BN(s) —> Li3BN2(s) combination 

(c) Zn(OH)2(s) —> ZnO(s) + H20(1) decomposition 

(d) 2 Ag,O(s) —> 4 Ag(s) + O2(g) decomposition 

3.17 (a) 349.2 u (b) 79.5 u (c) 175.9 u (d) 122.5 u (e) 128.8 u (f) 284 u 
(g) 117.3u 3.18 (a) 31.58% (b) 26.67% (c)21.19% (d) 28.57% (e) 9.94% 
(£) 19.16% 3.19 (a) 79.2% (b) 63.2% (c) 64.6% 3.23 (a) False (b) true 
(c) false (d) true 3.24 197 g gold contains 1 mol of atom; 0.5 mol 
BCl; contains 2.0 mol atoms; 6.0 x 107 CCl, molecules con- 
tains 5 mol of atoms. 3.25 (a) 35.9 g Cy2H220); (b) 0.75766 mol 
Zn(NO3)2 (c) 6.0 x 10!” CH3;CH,OH molecules (d) 2.47 x 107 
N atoms 3.26 (a) 0.373 g (NH4)3PO4 (b) 5.737 x 10™ mol Cl” 
(c) 0.248 g CsHıoN402 (d) 387g cholesterol/mol 3.27 (a) 
Molar mass = 83.0 g/mol (b) 1.09 x 10` mol saccharin (c) 
6.56 x 10! saccharin molecules (d) 4.59 x 10° C atoms 
3.28 (a) 2.500 x 107! H atoms (b) 2.083 x 10% C6Hı206 mol- 
ecules (c) 3.460 x 10-4mol C6H1206 (d) 0.06227 g CH1206 3.29 
3.2 x 10 mol C,H3Cl/L; 1.9 X 10!6molecules/L 3.33 (a) CHO 
(b) NiO (c) K,Cr,07 3.34 (a) C;H;N (b) NaOH (c) NoHgS 3.35 
31 g/mol 3.36 (a) CgHg (b) H2O, 3.37 (a) Empirical formula, 
CH; molecular formula, CgHg (b) empirical formula, C4H5N20; 
molecular formula, CgHjpNsO2 (c) empirical formula and molec- 
ular formula, NaC;HgO,N 3.38 (a) C7Hg (b) The empirical and 
molecular formulas are CygH2 90. 3.39 Empirical formula, C,HgO; 
molecular formula, CgH;,0, 3.40 x= 10; Na ,CO3-10H,O0 
3.45 (a) 2.40 mol HF (b) 5.25 g NaF (c) 0.610 g NapSiO3; 
3.46 (a) Al(OH)3(s) + 3 HCl(aqg) —> AICl3(aq) + 3 H20(/) 

(b) 0.701 g HCI (c) 0.855 g AlCl3; 0.347 g H2O 

(d) Mass of reactants = 0.500 g + 0.701 g = 1.201 g; 

mass of products = 0.855 g + 0.347 g = 1.202 g. 

Mass is conserved, within the precision of the data. 

3.47 (a) Al,S3(s) + 6 H,O(1) —> 2 Al(OH) 3(s) + 3 H2S(g) 

(b) 14.7 g AI(OH); 3.48 (a) 2.25 mol N, (b) 15.5 g NaN; 
(c) 548 g NaN; 3.49 (a) 5.50 X 107 mol Al (b) 1.47 g AIBr; 3.50 416.8 
g. 3.54 (a) The limiting reactant determines the maximum number of 
product moles resulting from a chemical reaction; any other reactant 
is an excess reactant. (b) The limiting reactant regulates the amount 
of products because it is completely used up during the reaction; no 


more product can be made when one of the reactants is unavailable. 
(c) Combining ratios are molecule and mole ratios. Since different 
molecules have different masses, comparing initial masses of reactants 
will not provide a comparison of numbers of molecules or moles. 
3.55 (a) 2 C2H;OH + 6 O, > 4 CO; + 6 H2O [This equation cor- 
responds to the mixture of reactants in the box, but it does not have 
the simplest ratio of coefficients. Divide all coefficients by 2 to obtain 
C2H5OH + 3 O2 > 2 CO? + 3 H20] (b) C2H5OH limits (c) If the 
reaction goes to completion, there will be four molecules of CO9, six 
molecules of H2O, zero molecules of C,?H5OH and one molecule of Op. 
3.56 NaOH is the limiting reactant; 0.925 mol NaCO; can be pro- 
duced; 0.075 mol CO, remains. 3.57 (a) NaHCO; is the limiting reac- 
tant. (b) 0.524 g CO; (c) 0.238 g citric acid remains 3.58 0.00 g AgNO; 
(limiting reactant), 1.94 g Na2CO3, 4.06 g AgoCO3, 2.50 g NaNO; 3.59 
(a) The theoretical yield is 60.3 g CgHsBr. (b) 70.1% yield 3.60 28 g 
Sg actual yield 3.61 Equation (a) best fits the diagram. 3.63 (a) NO» 
(b) No, because we have no way of knowing whether the empirical 
and molecular formulas are the same. NO, represents the simplest 
ratio of atoms in a molecule but not the only possible molecular 
formula. 3.65 (a) C2H;NO; (b) 75.0 g/mol (c) 1.332 mol glycine (d) 
Mass %N in glycine is 18.7%. 3.67 (a) Nz + 3H —> 2 NH3. (b) H2 
is the limiting reactant. (c) 6 NH; molecules can be made. (d) One 
N, molecule is left over. 3.107 (a) CH3COCH3(/) + 4 O2(8) —> 
3 CO,(g) + 3 H2O(1) (b)Hg,CO3(s) —> CO,(g) + H,O(s) + Hg(1) 
(c) SO,(g) + H,0(1) —> H,SO3(aq) 3.111 (a) 4.8 x 10” g CdSe 
(b) 150Cdatoms (c) 8.4 x 10°! g CdSe (d) 2.6 x 10° Cd atom 
3.115 CgHgO3 3.119 (a) 1.19 x 1075 mol Nal (b) 8.1 x 107 g Nal 
3.123 7.5 mol H, and 4.5 mol N, present initially 3.128 
6.46 x 1074O atoms 3.132 (a) 2 NO2(g) —> No(g) + 2. On(g) (b) 
3.95 x 10! g NO, 6.05 x 10! g NO, 


Chapter 4 


4.2 (a) False. Electrolyte solutions conduct electricity because ions 
are moving through the solution. Because ions are mobile in solu- 
tion, the added presence of uncharged molecules does not inhibit 
conductivity. 4.3 Statement (b) is most correct. 

4.4 (a) LiyCO3(aq) —> 2 Li*(aq) + COF (aq) 

(b) (NHy)3PO4 (aq) — 3 NH4” (aq) + POY (aq) 

(€) NayCryO; (aq) —> 2.Na* (aq) + C0? (aq) 

(d) NaPF, (aq) — Na*(aq) + PF¢ (aq) 

4.5 H* and CO?” ions; H,CO3(aq) === 2H*(aq) + CO? (aq) 

4.7 (a) Insoluble (b) soluble (c) soluble (d) soluble (e) insoluble 
4.8 (a) Ca(CH3COO), (aq) + 2 NaOH(aq) —> Ca(OH)2(s) + 

2 NaCH3COO(aq) (b) No precipitate 

(c) 3 NaS(aq) + 2 FeCl3(aq) —> Fe2S3(s) + 6 NaCl(aq) 

4.10 Only Pb** could be present. 4.11 (a) True (b) false (c) false 
(d) true (e) false 4.13 (a) False. H2SO, is a diprotic acid; it has two 
ionizable hydrogen atoms. (b) False. HCI is a strong acid. (c) False. 
CH3OH is a molecular nonelectrolyte. 4.14 (a) Acid, mixture of ions 
and molecules (weak electrolyte) (b) none of the above, entirely mol- 
ecules (nonelectrolyte) (c) salt, entirely ions (strong electrolyte) (d) 
base, entirely ions (strong electrolyte) 4.15 (a) HF, weak electrolyte 
(b) C-H;COOH, weak electrolyte (c) CsH., nonelectrolyte (d) CoCl;, 
strong electrolyte (e) AgNOs, strong electrolyte 

4.16 (a) 2 HBr(aq) + Ca(OH)2(aq) ——> CaBr(aq) + 2 H2O(1); 
H*(aq) + OH (aq) —> H,0()); 

(b) Cu(OH),(s) + 2 HClO4g(aq) —> Cu(ClO,4)2(aq) + 2 H2,O(1); 
Cu(OH),(s) + 2 H*(aq) —> 2 H,O(1) + Cu?*(aq) 

(c) Al(OH)3(s) + 3 HNO3(aq) —> Al(NO3)3(aq) + 3 H,O(1); 
Al(OH)3(s) + 3 H*(aq) —> 3H,O(1) + Al>* (aq) 

4.17 (a) CdS(s) + H,SO4(aq) ——> CdSO,(aq) + H2S(g); 

CdS(s) + 2H*(aq) ——> H,S(g) + Cd?* (aq) 


(b)MgCO3(s) + 2 HClO4(aq) —> Mg(ClO4)2(aq) + H20(1) + CO2(8); 
MgCO;(s) + 2H*(aq) —> H20(1) + CO2(g) + Mg**(aq) 

4.18 (a) MgCO3(s) + 2 HCl(aq) —> MgCl,(aq) + H2O(1) + CO2(g); 
MgCO3(s) + 2H*(aq) —> Mg?" (aq) + H,0(/) + CO2(8); 

MgO(s) + 2 HCl(aq) —> MgCl(aq) + H20(1); 

MgO(s) + 2H*(aq) —> Mg**(aq) + H20(1); 

Mg(OH),(s) + 2H*(aq) —> Mg?*(aq) + 2H,O(1) (b) We can 
distinguish magnesium carbonate, MgCO3;(s), because its reaction 
with acid produces CO,(g), which appears as bubbles. The other two 
compounds are indistinguishable, because the products of the two 
reactions are exactly the same. 4.20 Metals in region A are most eas- 
ily oxidized. Nonmetals in region D are least easily oxidized. 4.22 
(a) +6 (b) +4 (c) +5 (d) +5 (e) +4 (£ +2 4.23 (a) NJ —> 2 NHs, 
N is reduced; 3 H) —> 2 NH,;, H is oxidized (b) Fe?* —> Fe, Fe 
is reduced; Al —> Al?*, Al is oxidized (c) Cl, —> 2 CI, Cl is 
reduced; 2 T —> l, Iis oxidized (d) $7 —> SOŻ7, S is oxidized; 
H202 —> H20, Ois reduced 

4.24 (a) Mn (s) + H2SO4(aq) —> MnSO,4(aq) + H2(8); 

Mn(s) + 2H*(aq) — Mn?* (aq) + H2(g) 

(b) 2 Cr(s) + 6 HBr(aq) —> 2 CrBrz;(aq) + 3 H2(8); 

2Cr(s) + 6H*(aq) —> 2Cr?*(aq) + 3 H3(8) 

(c) Sn(s) + 2HCl(aq) —> SnClz(aq) + H2(8); 

Sn(s) + 2H*(aq) — Sn?*(aq) + H,(g) 

(d) 2 Al(s) + 6 HCOOH(aq) —> 2 Al(HCOO)3(aq) + 3 H2(g); 

2 Al(s) + 6 HCOOH(aq) —> 2 Al?*(aq) + 6 HCOO™(aq) + 3 H2(g) 
4.25 (a) Fe(s) + Cu(NO3)9(aq) —> Fe(NOs),(aq) + Cu(s) 

(b) NR (c) Sn(s) + 2 HBr(aq) —> SnBro(aq) + Ho(g) 

(d) NR (e) 2 Al(s) + 3 CoSO,4(aq) —> Al,(SO4)3(aq) + 3 Co(s) 
4.27 (a) 1.17 MZnCl, (b) 0.158 mol H* (c) 58.3 mLof6.00 M NaOH 4.28 
16 g Na’ (aq) 4.29 BAC of 0.08 = 0.02 M CH3CH2OH (alcohol) 4.30 
(a) 0.15 M Na2COs; has the highest Na~ concentration. (b) 20.0 mL of 
0.15 M NaHCO; has more Na* ions. 4.31 (a) 1.05 M K*, 0.35 M POT 
(b) 5 x 10 4MCu**,1 x 10 3MCI- (c) 0.0184 M CH3CH,OH (d) 
0.082 M Nat, 0.041 M CO, 0.236 MK*, 0.118 MSOF- 

4.32 (a) 16.9 mL 14.8 M NH; (b) 0.296 M NH; 4.33 (a) The ratio of 
drug molecules to cancer cells is 4.5 X 10° 4.34 1.398 MCH3;COOH 
4.36 (a) 20.0 mL of 0.15 M HCl (b) 0.224 g KCI (c) The KCl reagent is 
virtually free relative to the HCl solution. The KCl analysis is more 
cost-effective. 4.37 (a) 38.0 mL of 0.115 M HCIO, (b) 769 mL of 0.128 
M HCI (c) 0.408 M AgNO; (d) 0.275 g KOH 4.38 27 g NaHCO; 4.39 (a) 
Molar mass of metal hydroxide is 103 g/mol. (b) Rbt 

4.40 (a) 3 NaOH(aq) + AICl3(aq) —— AIl(OH)3(s) + 3 NaCl(aq) 
(b) Al(OH)3 (c) AlCl; is the limiting reagent. (d) 0.70 g Al(OH)3 
(e) 0.124 M Na*, 0.106 M C17, and 0.018 MOH -. 

4.41 91.39% Mg(OH); 4.42 Diagram (c) represents Li,SO4 

4.46 BaCl; 4.48 Platinum will neither be oxidized by nor dissolve in 
any of the three available solutions. Lead is oxidized by and will dis- 
solve in the nitric acid solution, but not the nickel nitrate solution. 
Zinc is oxidized by and will dissolve in both nitric acid and nickel 
nitrate solutions. 4.50 The “water-splitting” reaction is (c), a redox 
reaction. 4.60 (a) K+, S07 (b) Lit, NO; (c) NH,", Cl” 4.69 (a) False 
(b) false 4.75 (a) i. Zn(s) + Cd?*(aq) —> Cd(s) + Zn?*(aq); 

ii. Cd(s) + Ni?*(aq) —> Ni(s) + Cd?*(aq) (b) The elements 
chromium, iron, and cobalt more closely define the position of cad- 
mium in the activity series. (c) Place an iron strip in CdCl(aq). If 
Cd(s) is deposited, Cd is less active than Fe; if there is no reaction, Cd 
is more active than Fe. Do the same test with Co if Cd is less active 
than Fe or with Cr if Cd is more active than Fe. 4.77 (a) Extensive; 
it represents the amount of substances in a solution. The more the 
number of substances present in a solution, the larger the number of 
moles. (b) No. Concentration is an intensive property. It is the ratio 
of the amount of solute, in terms of number of moles, present in a 
certain quantity of solvent or solution. One cannot determine the 
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number of moles of Zn?* in a 0.1 M ZnCl, solution if the quantity of 
the solution is not given. 4.82 (a) 316 g ethanol (b) 401 mL ethanol 
4.95 (a) UO2(s) + 4 HF(aq) —> UF,(s) + 
H20; UF,(s) + F,(g) ——> UF;(s) (b) Step 1 (c) Step 2 
4.99 (a) Al(OH)3(s) + 3H*(aq) —> Al*(aq) + 3 H20(1) 

(b) Mg(OH),(s) + 2 H*(aq) — Mg?*(aq) + 2H,0(I) 

(c) MgCO3(s) + 2 H*(aq) —> Mg?*(aq) + H20(I) + CO2(g) 

(d) NaAl(CO3)(OH),(s) + 4H*(aq) —> Na*(aq) + A+ (aq) 

+ 3 H,O(1) + CO,(g) 
(e) CaCO3(s) + 2H*(aq) —> Ca?*(aq) + H,O(1) + CO,(g) 

[In (c), (d) and (e), one could also write the equation for formation 
of bicarbonate, e.g., MgCO3(s) + H*(aq) > Mg” + HCO; (aq).] 
4.103 415 mL H3PO, 4.106 (a) 0.854 M CsOH 

(b) CsOH(aq) + HI(aq) —> CslI(aq) + H20(1) 

(c) 0.38 M HI 4.112 (a) Zn(OH)2(s) + H2SO,4(aq) —> 

2 H,O0(1) + ZnSO (aq) (b) Zn(OH), is the limiting reactant. 

(c) 0 mol Zn(OH)>, 0.026 mol of H2SO4, 0.0901 mol ZnSO, are present. 
4.115 (a)+5 (b) silver arsenate (c) 5.22% As 


Chapter 5 


5.3 w = 2.6 x 107!8J. 5.4 (a) Gravity; work is done because the force 
of gravity is opposed and the book is lifted. (b) Gas spring force; Work 
is done because the force of the pump is opposed as the gas is com- 
pressed into it. 5.6 (a) Matter cannot leave or enter a closed system. 
(b) Neither matter nor energy can leave or enter an isolated system. 
(c) Any part of the universe not part of the system is called the sur- 
roundings. 5.7 (a) According to the first law of thermodynamics, 
energy is conserved. (b) The internal energy (E) of a system is the sum 
of all the kinetic and potential energies of the system components. 
(c) The internal energy of a closed system increases when work is 
done on the system and when heat is transferred to the system. 5.8 
(a) AE = —0.077 kJ, endothermic (b) AE = —22.1kJ, exothermic 
5.9 (a) Since no work is done by the system in case (2), the gas will 
absorb most of the energy as heat; the case (2) gas will have the higher 
temperature. (b) In case (1) energy will be used to do work on the sur- 
roundings (—w), but some will be absorbed as heat (+q). In case (2) 
w = 0 and q is (+). (c) AE is greater for case (2) because the entire 
100 J increases the internal energy of the system rather than a part 
of the energy doing work on the surroundings. 5.10 (a) A state func- 
tion is a property that depends only on the physical state (pressure, 
temperature, etc.) of the system, not on the route used to get to the 
current state. (b) Internal energy is a state function; heat is not a 
state function. (c) Volume is a state function. The volume of a sys- 
tem depends only on conditions (pressure, temperature, amount of 
substance), not the route or method used to establish that volume. 
5.12 w = 203J 5.13 (a) As AE = q + w, measuring AE generally 
requires a means to measure both q and w. While, at constant pres- 
sure, the measured heat qp is identical to the change in enthalpy 
AH. (b) E is a property of a thermodynamic system; it only depends 
on its conditions, e.g. its temperature and pressure. Heat q is not a 
property of a system, q describes energy transferred to or from the 
system. We can equate change in internal energy, AE, with heat only 
for the specific conditions of constant volume and no work. (c) The 
process is exothermic. 5.15 AE = 1.47 kJ; AH = 0.824\kJ 5.16(a) 
CHa(g) + 2 O2(g) —> CO2(g) + 2H2,0(); AH = —890kJ 


(b) 


CHa(g) + 2 O2() 


AH = —890 kJ 


CO,(g) + 2H,O(/) 
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5.17 (a) AH®,,, = —435.88 kJ/mol (b) 2 H(g) has the higher enthal- 
py. 5.18 (a) Exothermic (b) —87.9 kJ heat transferred (c) 15.7 g MgO 
produced (d) 602 kJ heat absorbed 5.19 (a)—29.5 kJ (b) —4.11 kJ (c) 
60.6] 5.20 (a) AH = 726.5 kJ (b) AH = —1453 kJ (c) The exothermic 
forward reaction is more likely to be thermodynamically favored. (d) 
Vaporization is endothermic. If the product were H,O(g), the reaction 
would be more endothermic and would have a less negative AH. 5.22 
(a) Cm/Cs = MM (b) Cm = 24.3 J/mol-K (c) To calculate heat capacity 
from specific heat, the mass of the particular piece of aluminum com- 
ponent must be known. 5.23 (a) 4.184] (b) 75.4J (c) 1548 J/K (d) 
452 kJ 5.24 (a) 2.66 X 10° J (b) It will require more heat to increase 
the temperature of one mole of octane, CgHj(/), by a certain amount 
than to increase the temperature of one mole of water, H2O(/), by the 
same amount. 5.25 (a) AH = —19.024kJ (b) AH = —57.37 kJ/mol 
5.26 (a) Cs HyO2(s) + 602(g) — > 2H,O(1) + 6CO,(g) 

(b) AH,xn = —25.44kJ/g quinone or -2750 kJ/mol. 5.27 (a) Heat 
capacity of the complete calorimeter = 18.46 kJ/°C (b) 5.36°C 
5.30 AH = —1300.0kJ 5.31 AH = —2.49 x 10° kJ 5.33 (a) Standard 
conditions for enthalpy changes are P = 1 atm and some common 
temperature, usually 298 K. (b) Enthalpy of formation is the enthalpy 
change that occurs when a compound is formed from its component 
elements. (c) Standard enthalpy of formation, AH, is the enthalpy 
change that accompanies formation of one mole of a substance from 
elements in their standard states. 

5.34 (a) 3 No(g) + Ox(g) —> NOy(g), AH; = 33.84 KJ 

(b) S(s) + ł O2(g) —> SO3(g), AH; = —395.2 kJ 

(c) Na(s) + 3 Br2(1) —> NaBr(s), AH; = —361.4 KJ 

(d) Pb(s) + No(g) + 3 O2(8) —> Pb(NO3)2(s), AH; = —451.9 kJ 
5.35 AHixn = —847.6 kJ 5.36 (a) AHiy, = —196.6 kJ 

(b) AHiyn = 37.1 KJ (c) AHixn = —976.94kJ (d) AH yn = 
5.37 AH; = —248 kJ 

5.38 (a) CsHıs(1) + 7 On(g) —> 8 CO2(8) + 9 H20(8) 
(b) AH; = —259.5kJ 

5.39 (a) C,H;OH(/) + 3 O2(g) — > 2 CO2(g) + 3 HO(8) 

(b) AHixn = —1234.8 kJ (c) 2.11 X 104 kJ/L heat produced 

(d) 0.071284 g CO,/kJ heat emitted 5.41 (a) +AH (b) —AH (c) 
+AH (d) +AH 5.42 (a) AH = -103 kJ (b) AH = -1295 kJ 5.43 
(a) AH for the reaction is 192.9 kJ. D(Br—Br) = 193 kJ (b) The dif- 
ference between the value calculated in part (a) and the value from 
Table 5.4 is zero, to three significant figures. 5.44 (a) AH forthe reaction 
calculated using bond enthalpies is —485 kJ. (b) The estimate from 
part (a) is less negative or larger than the true reaction enthalpy. 
(c) AH for the reaction calculated using enthalpies of formation is 
—572 kJ. 5.45 (a) Fuel value is the amount of energy produced when 
1 g of a substance (fuel) is combusted. (b) 5 g of fat (c) These products 
of metabolism are expelled as waste via the alimentary tract, H,O(/) 
primarily in urine and feces, and CO,(g) as gas when breathing. 5.46 
(a) 228 cal/ serving (b) Potassium is not metabolized by the body, so 
it does not contribute to the calorie content of the food. 5.47 59.7 
Cal 5.48 (a) AHcomp = —1850 kJ/mol C3H4, —1926 kJ/mol C3H6, 
—2044kJ/mol C3Hg (b) AH.omb = —4-616 X 10* kJ/kg C3H4 
—4.578 X 10t kJ/kg C3H,, —4.635 x 104 kJ/kg C3Hg (c) These 
three substances yield nearly identical quantities of heat per unit 
mass, but propane is marginally higher than the other two. 5.49 (a) 
Eq = 1.8 X 107J (b) If the spheres are released, they will move away 
from each other. (c) v = 19 m/s 5.52 (a) (iii) (b) none of them (c) all of 
them 5.55 (a) The sign of wis (+). (b) The sign of qis (—). (c) The sign 
of w is positive and the sign of q is negative, so we cannot absolutely 
determine the sign of AE. It is likely that the heat lost is much smaller 
than the work done on the system, so the sign of AE is probably posi- 
tive. 5.58 (a) No(g) + Oo(g) —> 2 NO(g). Since AV = 0, w= 0. 
(b) AH = AH; = 90.37 kJ. The definition of a formation reaction is 
one where elements combine to form one mole of a single product. 


~68.3 kJ 


The enthalpy change for such a reaction is the enthalpy of for- 
mation. 5.61 (a) Ea = —1.0 x 10 '8 J (b) AE, = 7.7 x 10°! J 
(c) The two objects carry opposite charges; they attract each 
other. As they move farther apart, their energy increases. 5.62 
(a) Fa = —4.4 x 10° N (b) F, = 1.9 x 10-8 N (c) The electro- 
static force is 2.3 x 10°° times larger than the gravitational force. 
Both forces are attractive, that is, they point in the same direction. 
5.73 (a) w = 7.4kJ (b) AE = —476.2 kJ (c) Since the value of An is 
negative, the quantity (—PAV) is positive. We add a positive quan- 
tity to AH to calculate AE, so AE must be larger. 5.87 Yes, because 
internal energy is a state function. 5.105 The spontaneous air bag 
reaction is probably exothermic, with-AH and thus —q. When 
the bag inflates, work is done by the system, so the sign of w is also 
negative. 5.108 AH = —11.73kJ; AE = —14.21 kJ 5.110 1.8 x 10t 
bricks 5.113 (a) AH®,,, = —11.73 KJ (b) 39.7 g Fe needed 5.117 (a) 
AH?,,, = 82 KJ/mol (b) 1-hexene has greater enthalpy than cyclohex- 
ane. (c) 1-hexene will have the larger combustion enthalpy. 5.120 If 
all work is used to increase the man’s potential energy, the stair climb- 
ing uses 70 Cal and will not compensate for the extra order of 245 Cal 
fries. (More than 70 Cal will be required to climb the stairs because 
some energy is used to move limbs and some will be lost as heat.) 
5.125 (a) 1.479 x 10718 J/molecule (b) 1 x 10715 J/ photon. The 
X-ray has approximately 1000 times more energy than is produced by 
the combustion of 1 molecule of CH4(g). 5.127 (a) AH” for neutral- 
ization of the acids is: HNO3, —55.8 kJ; HCl, —56.1 kJ; NH7, —4.1 kJ. 
(b) H*(aq) + OH (aq) —~ H20(1) is the net ionic equation for the 
first two reactions. NH4 (aq) + OH (aq) —> NH3(aq) + H20(1) 
(c) The AH° values for the first two reactions are nearly identical, 
—55.8 kJ and —56.1 kJ. Because spectator ions do not change during a 
reaction and these two reactions have the same net ionic equation, it is 
not surprising that they have the same AHP”. (d) Strong acids are more 
likely than weak acids to donate H*. Neutralization of the two strong 
acids is energetically favorable, while the third reaction is barely so. 
NH," is likely a weak acid. 5.129 (a) AH? = —65.7 kJ (b) AH? for 
the complete molecular equation will be the same as AH” for the net 
ionic equation. Since the overall enthalpy change is the enthalpy of 
products minus the enthalpy of reactants, the contributions of spec- 
tator ions cancel. (c) AH; for AgNO3(aq) is —100.4 kJ /mol. 


Chapter 6 


6.2 (a) True (b) False. Ultraviolet light has shorter wavelengths than 
visible light. (c) False. X-rays travel at the same speed as microwaves. 
(d) False. Electromagnetic radiation and sound waves travel at differ- 
ent speeds. 6.3 Wavelength of X-rays < ultraviolet < green light < 
redlight < infrared < radio waves 6.4 (a) 10’ 1/cm(b)2 x 1041/cm 
(c) 10 1/cm 6.5 (a) 3.0 x 101° s7! (b) 5.45 x 107m = 545 nm. 
(c) The radiation in (b) is visible; the radiation in (a) is not. (d) 
1.50 x 104m 6.6 4.6 X 10! s71; red. 6.8 (iv) 6.9 (a) 1.95 x 107" J (b) 
4.81 x 10°!°J (c) 328 nm 6.10 (a) A = 3.0 mm, E = 6.6 x 107”), 
à = 3.0nm, E = 6.6 x 10°'°J (b) The 3.0 mm photon is in the 
microwave region and the 0.3 nm photon is in the x-ray region. The 
x-ray photon has the greater energy. 6.11 (a) 6.11 x 10`! J/photon 
(b) 368 kJ /mol (c) 1.64 x 10) photons (d) 368 kJ / mol 6.12 (a) The 
~1 X 10~°m radiation is in the infrared portion of the spectrum. 

(b) 8.1 x 10!°photons/s 6.13 (a) v = 1.09 x 1015 1/s 

(b) A = 275 nm (c) E249 = 8.28 X 1071? J. The excess energy of the 
240-nm photon is converted into the kinetic energy of the emitted 
electron. v = 4.82 x 10°m/s. 6.15 When an electron in a hydro- 
gen atom transitions from n = 1 ton = 3, the atom “expands”. 6.16 
(a) Emitted (b) emitted (c) emitted 6.17 (a) E = —2.42 x 10°!°J; 
Eg = —6.06 X 10°7°J; AE = —1.82 x 10°!9J;A = 1090 nm 

(b) infrared 6.18 (a) (ii) (b) n; = 3, mp = 2; A = 6.56 X 1077 m; this 
is the red line at 656 nm. n; = 4, np = 2; A = 4.86 X 1077 m; this is 


the blue-green line at 486 nm. n; = 5, m= 2; A = 4.34 X 107 m; 
this is the blue-violet line at 434 nm. 6.19 (a) Ultraviolet region 
(b) n; = 5, n= 1 6.20 The order of decreasing energy of light 
absorbed is: n = 1 to n = 3; n = 2 ton = 5n =3ton=7n=4 
to n=8 6.23 (a) à= 5.6 Xx 10°7m (b) à= 2.65 x 10°4 m 
(c) à = 2.3 x 10°38 m (d) à = 1.51 x 1071! m 6.24 3.16 x 10° m/s 
6.25 (a) Ax = 4 x 107” m (b) Ax = 3 X 10°!° m 6.27 (a) False (b) 
false 6.28 (a) n = 4,1 = 3, 2, 1, O (b) I = 2, m, = —2, —1, 0, 1, 2 (c) 
m = 2,l = 2orl = 2,3 or 4 6.29 (a) 3p: n = 3,1 = 1 (b) 2s:n = 2, 
l= 0 (c) 4f: n = 4,1 = 3 (d) 5d: n = 5,1 = 2 6.30 (a) 3, 2, 1, 0, -1, 
—2, —3 (b) 1⁄2, -1 6.31 (a) Impossible, 1p (b) possible (c) possible 
(d) impossible, 2d 6.33 


(a) z (b) z (c) x 


s Pz yy 


6.34 (a) The hydrogen atom 1s and 2s orbitals have the same over- 
all spherical shape, but the 2s orbital has a larger radial extension 
and one more node than the 1s orbital. (b) A single 2p orbital is 
directional in that its electron density is concentrated along one of 
the three Cartesian axes of the atom. The d,2_, orbital has electron 
density along both the x- and y-axes, while the p, orbital has den- 
sity only along the x-axis. (c) The average distance of an electron 
from the nucleus in a 3s orbital is greater than for an electron in a 2s 
orbital. (d) 1s < 2p < 3d < 4f < 6s 6.36 (a) For the He’ ion, the 2s 
and 2p orbitals have the same energy. (b) Yes. In a helium atom, the 
2s orbital is lower in energy than the 2p orbital. 6.37 (a) No. Both 
configurations follow the Pauli exclusion principle. (b) No. Both 
configurations follow Hund’s rule. (c) No. In the absence of a mag- 
netic field, we cannot say which configuration has the lower energy. 
6.38 (a) 2 (b) 6 (c) 10 (d) 2 6.40 (a) “Valence electrons” are those 
involved in chemical bonding. They are part or all of the outer-shell 
electrons listed after the core. (b) “Core electrons” are inner-shell 
electrons that have the electron configuration of the nearest noble- 
gas element. (c) Each box represents an orbital. (d) Each half-arrow in 
an orbital diagram represents an electron. The direction of the half- 
arrow represents electron spin. 6.41 (a) Cs, [Xe]6s! (b) Ni, [Ar]4s73d® 
(c) Se, [Ar]4s73d!°4p* (d) Cd, [Kr]5s74d!° (e) U, [Rn]5f%6d'7s? 
(£) Pb, [Xe]6s?4f'45d' 6p? 6.42 (a) Be, O unpaired electrons (b) O, 
2 unpaired electrons (c) Cr, 6 unpaired electrons (d) Te, 2 unpaired 
electrons 6.43 (a) The 4s subshell would fill before the 3d. (b) The s 
subshell can hold only 2 electrons. (c) The third electron would fill 
the 2s subshell before the 3s. 6.45 (a) 0.1 m or 10 cm (b) No. Visible 
radiation has wavelengths much shorter than 0.1 m. (c) Energy and 
wavelength are inversely proportional. Photons of the longer 0.1-m 
radiation have less energy than visible photons. (d) Radiation with 
A = 0.1m is in the low-energy portion of the microwave region. 
The appliance is probably a microwave oven. 6.48 (a) Increase (b) 
decrease 6.52 (a) / = 1 (b) 3Py (c) (iii) 6.90 (a) Ay = 3.6 x 10° m, 
Ap =8.0X108m (b) va = 8.4X10s1, vy = 3.7 x 10" s7! 
(c) A, ultraviolet; B, ultraviolet 6.93 3.9 hr 6.95 8.835 x 10!° pho- 
tons 6.100 (a) Lines with m= 1 lie in the ultraviolet, lines with 
ny = 2 lie in the visible and lines with np = 3 lie near the infrared. 
Lines with ny = 4 will have smaller energy differences and longer 
wavelengths andliein theinfrared.(b)n; = 5, AE = —4.905 x 107”); 
à = 4050nm; n=6, AE = -7.569 x 107], A= 2624nm; 
ni = 7, AE = —9.176 x 10°7°J, A = 2165 nm 6.104 à = 12.3 pm 
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6.108 (a) The nodal plane of the p, orbital is the xy-plane. (b) The two 
nodal planes of the d,, orbital are the ones where x = 0 and y = 0. 
These are the yz- and xz-planes. (c) The two nodal planes of the d,2_,2 
orbital are the ones that bisect the x- and y-axes and contain the z-axis. 
6.110 (a) Cl:[Ne]3s? 3p°, 1 unpaired electron (b) Al:[Ne]3s? 3p}, 
1 unpaired electron (c) Zr:[Kr]5s? 4d’, 2 unpaired electrons (d) 
As:[Ar]4s? 3d! 4p?, 3 unpaired electrons (e) Sb:[Kr]5s? 4d!° 5p, 
3 unpaired electrons (f) W:[Xe]6s” 4f!* 5d‘, 4 unpaired electrons 
6.113 (a) 1.7 x 1078 photons (b) 34 s 6.117 (a) Bohr’s theory was 
based on the Rutherford nuclear model of the atom: a dense posi- 
tive charge at the center and a diffuse negative charge surrounding 
it. Bohr’s theory then specified the nature of the diffuse negative 
charge. The prevailing theory before the nuclear model was Thom- 
son’s plum pudding model: discrete electrons scattered about a dif- 
fuse positive charge cloud. Bohr’s theory could not have been based 
on the Thomson model of the atom. (b) De Broglie’s hypothesis is 
that electrons exhibit both particle and wave properties. Thomson’s 
conclusion that electrons have mass is a particle property, while the 
nature of cathode rays is a wave property. De Broglie’s hypothesis 
actually rationalizes these two seemingly contradictory observations 
about the properties of electrons. 


Chapter 7 


7.3 (a) Of the elements listed, only Fe was known before 1700. (b) 
The seven metals known in ancient times, Fe, Cu, Ag, Sn, Au, Hg, 
and Pb, are mostly near the bottom of the activity series, Table 4.5. 
7.5 For elements N, O, P, and S, O and S have the largest effective 
nuclear charge; N and P have the smallest effective nuclear charge. 
7.6 (a) For both Na and K, Zet = 1. (b) For both Na and K, Zeg = 2.2. 
(c) Slater’s rules give values closer to the detailed calculations: Na, 
2.51; K, 3.49. (d) Both approximations give the same value of Zeff 
for Na and K; neither accounts for the gradual increase in Zef MOV- 
ing down a group. (e) Following the trend from detailed calcula- 
tions, we predict a Zs value of approximately 4.5. 7.7 The n = 2 
electrons in F experience a greater effective nuclear charge and thus 
have a greater probability of being closer to the nucleus. 7.10 Quan- 
tity (b) must be measured to determine the bonding atomic radius 
of an atom. 7.11 (a) 137 pm (b) The distance between W atoms will 
decrease. 7.12 From the bonding atomic radii, P—Cl = 107 + 102 pm = 
209 pm. It is very close to the experimental values of 204 pm in 
PCl3. 7.13 (a) As > Kr > Ar (b) Rb > Cd > Te (c) Cu > Cl > C 
7.14 (a) False (b) true (c) false 7.15 H~: He, Ca?*: Ar, In**: Pd, 
Pd ([Kr]4d"°, irregular), Ge?*: Zn 7.16 (a) Na* (b) F`, Zet = 7; Na’, 
Zett = 9 (c) S = 4.15; F, Zet = 4.85; Nat, Zet = 6.85 (d) For isoelec- 
tronic ions, as nuclear charge (Z) increases, effective nuclear charge 
(Zett) increases and ionic radius decreases. 7.18 Cl(g) —> Cl*(g) +e; 
CIH) — CP*(g) + e; C1 (g) — C (g) +e. The process 
for the first ionization energy requires the least amount of energy. 
7.19 Of these three elements, Li has the highest second ionization 
energy. Both Li* and K* have the stable electron configurations of 
noble gases, but the unshielded 1s electron of Li* is much closer 
to the nucleus and requires more energy to remove. 7.20 (a) The 
smaller the atom, the larger its first ionization energy. (b) Of the 
nonradioactive elements, He has the largest and Cs has the smallest 
first ionization energy. 7.21 (a) Br (b) Ca (c) Rb (d) Pb (e) Al 7.22 (a) 
Cu?*: [Ar] 3d° (b) Ca": [Ar], noble gas configuration (c) N*-: [Ne], 
noble gas configuration (d) Ru?*: [Kr]4d° (e) H~: [He], noble gas con- 
figuration 7.23 Zn?*, [Ar]3d!°; Cd?*, [Kr]4d!; Hg?*, [Xe]4f!46d!° 
7.25 Second electron affinity of Cl: Cl. + 1e7 —> Cl?~(g). We pre- 
dict that the second electron affinity of chlorine will be positive. It 
is probably not possible to directly measure this quantity, because a 
positive value indicates that Cl?~ ion is unstable and will not form. 
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7.26 The electron affinity of I will be negative. The electron-electron 
repulsions created by adding an electron to an I" ion causes the elec- 
tron affinity of I to be a positive value. 7.27 (a) Ionization energy 
(L) of Ne: Ne(g) —> Ne*(g) + 16e; [He]2s?2p° —> [He]2s72p’; 
electron affinity (E1) of F: F(g) + 1e —> F~ (8); [He]2s?2p> —> 
[He]2s?2pć. (b) I, of Ne is positive; E, of F is negative. (c) One pro- 
cess is apparently the reverse of the other, with one important dif- 
ference. Ne has a greater Z and Zett, so we expect I; for Ne to be 
somewhat greater in magnitude and opposite in sign to E for F 
7.29 (a) Decrease (b) Increase (c) The smaller the first ionization 
energy of an element, the greater the metallic character of that ele- 
ment. The trends in (a) and (b) are the opposite of the trends in 
ionization energy. 7.30 Agree. When forming ions, all metals form 
cations. The only nonmetallic element that forms cations is the 
metalloid Sb, which is likely to have significant metallic character. 
7.31 Ionic: ZnO, K,0, TiO}; molecular: SO2, SiO}, OF). Ionic com- 
pounds are formed by combining a metal and a nonmetal; molecu- 
lar compounds are formed by two or more nonmetals. 7.32 ZrO will 
react more readily with HCl(aq). 7.33 (a) Dichlorine heptoxide (b) 
2 Clo(g) + 7 Oo(g) —> 2Cl207()) (c) ClO; is an acidic oxide, so 
it will be more reactive to base, OH . (d) The oxidation state of Cl 
in ClO; is +7; the corresponding electron configuration for Cl is 
[He]2s?2p° or [Ne]. 7.34 (a) BCI;(1) + 3 H,O(/) —> B(OH)3(aq) + 
3 HCl(aq) (b) CoO (s) + 2 HNO; (aq) —> Co(NO3), (aq) + H2O(/) 
(©) PyOjo(s) + 6H,O() —> 4H3PO,(aq) 

(d) CO2(8) + Ba(OH) (aq) —> BaCO;(s) + H,O() 

7.36 (a) The first and second ionization energies of calcium are less 
than those of beryllium. (b) The first ionization energy of calcium is 
higher than that of rubidium. 7.37 (a) 2 K(s) + Cl(g) —> 2 KC\(s) 
(b) SrO(s) + H,0() — Sr(OH)2(aq) 

(c) 4Li(s) + Oo(g) —> 2Li,O(s) (d) 2 Na(s) + S() — > Na2S(s) 
7.38 (a) The reactions of the alkali metals with hydrogen and with 
a halogen are redox reactions. Both hydrogen and the halogen gain 
electrons and are reduced. (The alkali metal loses electrons and is oxi- 
dized.) Ca(s) + Fx(g) ——> CaF,(s); Ca(s) + H2(g) ——> CaH,(s). 
(b) The oxidation number of Ca in both products is +2. The elec- 
tron configuration is that of Ar, [Ne]3s23p®. 7.40 (a) Br, [Ar]4s74p5; 
Cl, [Ne]3s73p° (b) Br and Cl are in the same group, and both adopt a 
1— ionic charge. (c) The ionization energy of Br is smaller than that 
of Cl, because the 4p valence electrons in Br are farther from to the 
nucleus and less tightly held than the 3p electrons of Cl. (d) Both 
react slowly with water to form HX + HOX. (e) The electron affin- 
ity of Br is less negative than that of Cl, because the electron added 
to the 4p orbital in Br is farther from the nucleus and less tightly 
held than the electron added to the 3p orbital of Cl. (£) The atomic 
radius of Br is larger than that of Cl, because the 4p valence electrons 
in Br are farther from the nucleus and less tightly held than the 3p 
electrons of Cl. 7.41 (a) The term inert was dropped because it no 
longer described all the Group 18 elements. (b) In the 1960s, scien- 
tists discovered that Xe would react with substances having a strong 
tendency to remove electrons, such as Fz. Thus, Xe could not be cat- 
egorized as an “inert” gas. (c) The group is now called the noble gases. 
7.42 (a) Py(s) + 6 Clo(g) —> 4PCl3(J) (b) 2Na(s) + 2H20(1) —> 
H2(g) + 2 NaOH(aq) (c) ZHBr(g) + Clo(g) —> 2HCl(g) + Bro 

(d) AICl,(s) + 3NaOH(aq) —> Al(OH)3(s) + 3NaCl(aq) 7.44 The 
largest brown sphere is Br , the intermediate blue one is Br, and 
the smallest red one is F. 7.47 (a) The bonding atomic radius of A, 
tq, is dy /2; r = d} — (d,/2). (b) The length of the X—X bond is 2r, 
or 2d, — d,. 7.50 (a) X + 2F,; —— XF, (b) X in the diagram has 
about the same bonding radius as F, so it is likely to be a nonmetal. 
If X were a metal, the compound would be ionic and the charge on 
X would be 4+. The bonding (ionic) radius of X** would be much 
smaller than that of fluorine. 7.51 (a) The results are 2, 8, 18, 32. (b) 


The atomic numbers of the noble gases are 2, 10, 18, 36, 54, and 86. 
The differences between sequential pairs of these atomic numbers 
is 8, 8, 18, 18, and 32. These differences correspond to the results in 
(a). They represent the filling of new subshells when moving across 
the next row of the periodic chart. (c) The Pauli exclusion principle 
is the source of the “2”. 7.63 (a) Cl < S < K (b) K* < Cl < $% 
(c) The neutral K atom has the largest radius because the n-value of its 
outer electron is larger than the n-value of valence electrons in S and 
Cl. The K* ion is smallest because, in an isoelectronic series, the ion 
with the largest Z has the smallest ionic radius. 7.65 (a) Cl” is larger 
than Ar because the two are isoelectronic and Ar has the larger Z and 
Zett- (b) P?~ is larger than S$*~ because the two ions are isoelectronic 
and S*~ has the larger Z and Zr. (c) K* is larger than Na* because for 
particles with like charges, size increases going down a family. (d) F` is 
larger than F because the increase in electron repulsions that accom- 
pany addition of an electron causes the electron cloud to expand. 
7.88 Up to Z = 82, there are three instances where atomic weights 
are reversed relative to atomic numbers: Ar and K; Co and Ni; Te 
and I. 7.90 (a) 5+ (b) 4.8+ (c) Shielding is greater for 3p electrons, 
owing to penetration by 3s electrons, so Ze for 3p electrons is less 
than that for 3s electrons. (d) The first electron lost is a 3p elec- 
tron because it has a smaller Z.4; and experiences less attraction for 
the nucleus than a 3s electron does. 7.94 (a) The P—Cl distance is 
194 pm. (b) The predicted P—Cl bond length is 209 pm. 7.96 (a) 
Chalcogens, —2; halogens, —1. (b) The family with the larger value 
is: atomic radii, chalcogens; ionic radii of the most common oxida- 
tion state, chalcogens; first ionization energy, halogens; second 
ionization energy, halogens 7.100 C: 1s72s?2p”. I, through I, rep- 
resent loss of the 2p and 2s electrons in the outer shell of the atom. 
The values of [;—J, increase as expected. I; and J, represent loss of the 
1s core electrons. These 1s electrons are much closer to the nucleus 
and experience the full nuclear charge, so the values of I; and J, are 
significantly greater than 1-4. 7.105 (a) Mg”* (b) Cu” (c) Pb** 
7.108 (a) For both H and the alkali metals, the added electron will 
complete an ns subshell, so shielding and repulsion effects will be 
similar. For the halogens, the electron is added to an np subshell, so 
the energy change is likely to be quite different. (b) True. The electron 
configuration of H is 1s!. The single 1s electron experiences no repul- 
sion from other electrons and feels the full unshielded nuclear charge. 
The outer electrons of all other elements that form compounds are 
shielded by a spherical inner core of electrons and are less strongly 
attracted to the nucleus, resulting in larger bonding atomic radii. 
(c) Both H and the halogens have large ionization energies. The rela- 
tively large effective nuclear charge experienced by np electrons of the 
halogens is similar to the unshielded nuclear charge experienced by 
the H 1s electron. For the alkali metals, the ns electron being removed 
is effectively shielded by the core electrons, so ionization energies 
are low. (d) ionization energy of hydride, H(g) ——> H(g) + 1e7 
(e) electron affinity of hydrogen, H(g) + 1e —> H (g). The 
value for the ionization energy of hydride is equal in magni- 
tude but opposite in sign to the electron affinity of hydro- 
gen. 7.111 The most likely product is (iii). 7.116 Electron 
configuration, [Rn]7s5f'46d!°7p°; first ionization energy, 
805 kJ/mol; electron affinity, —235 kJ/mol; atomic size, 1.65 A; 
common oxidation state, —1. 7.119 (a) Li, [He]2s!; Zeg =~ 1+ 
(b) h = 5.45 x 10°19 J/atom ~ 328kJ/mol (c) The estimated 
value of 328 kJ /mol is less than the Table 7.4 value of 520 kJ /mol. 
Our estimate for Ze, was a lower limit; the [He] core electrons do not 
perfectly shield the 2s electron from the nuclear charge. (d) Based on 
the experimental ionization energy, Zet = 1.26. This value is greater 
than the estimate from part (a) but agrees well with the “Slater” 
value of 1.3 and is consistent with the explanation in part (c). 7.122 
(a) Mg3N2 (b) Mg3Na(s) + 3 H20() —> 3 MgO(s) + 2 NH3(g); 


the driving force is the production of NH3(g). (c) 17% Mg3No 
(d) 3 Mg(s) + 2 NH3(g) —> Mg3Noa(s) + 3 Ha(g). NH; is the limit- 
ing reactant and 0.46 g H; is formed. (e) AH n = —368.70 kJ 


Chapter 8 


8.3 (a) 1572s?2p°3s?3p> (b) seven (c) The 3s and 3p electrons are 
valence electrons. 8.4 (a) ‘Te’ (b) “Sie (c) Kr: (d): P . 

8.7K + “$r K+ + ERr] 

(b) one (c) K loses an electron. 8.8 (a) AlCl; (b) MgO (c) ZnCl, 
(d) LipO 8.9 (a) Be?*:1s? = [He], noble-gas configuration 
(b) Mn?*: [Ar] 3d° (c) Cd?*:[Kr] 4d! (d) Fe?*:[Ar]3d5(e) TI*: 
[Xe]4f145d16s? (£) At~: [Xe] 4f!*5d!°6s°6p = [Rn], noble-gas con- 
figuration 8.10 (a) Endothermic (b) NaCl(s) —> Na*(g) + CI(8) 
(c) Salts like NaCl, that have singly charged ions, will have smaller lat- 
tice energies compared with salts like CaO, that have doubly charged 
ions. 8.11 (a) Na‘, 1+; Ca2*, 2+ (b) F~, 1-; O7, 2— (c) CaO will have 
the larger lattice energy. (d) We expect the lattice energy of ScN to be 
slightly less than 8.10 x 10° kJ 8.12 (a) K—F, 271 pm; Na—Cl, 283 
pm; Na—Br, 298 pm; Li—Cl, 257 pm (b) LiCl > KF > NaCl > NaBr 
(c) From Table 8.2: LiCl, 1030 kJ; KF, 808 kJ; NaCl, 788 kJ; NaBr, 732 kJ. 
The predictions from ionic radii are correct. 8.13 Statement (a) is the 
best explanation. 8.15 


ACL: + CE + “Cli + *N; —> .. ONY... 
i 
:ÇI: 


(a) 5 (b) 1 (c) 8 (d) 8 (e) 10 8.16 (a) :0 =O: (b) four bonding 
electrons (two bonding electron pairs) (c) An ‘O=O double bond is 
shorter than an O— O single bond. The greater the number of shared 
electron pairs between two atoms, the shorter the distance between 
the atoms. 


— 


8.17 
H—S—H H— F Se Cl: 
:CI: 
H H 
| | Ee 
H—C—C—H C=C 
| | Z N 
H H 
8.18 
H—C=N: [:c=n:] H—O—H [oa] 
8.19 
N 
| 
aoe a 
H H 


8.21 Statement (b) is false. 8.22 (a) Mg (b) S (c) C (d) As 8.23 The 
bonds in (a), (b) and (d) are polar. The more electronegative atom in 
each polar bond is: (a) O, (b) F (d) Cl. 8.24 (a) The calculated charge 
on H and Br is 0.12e. (b) Decrease 8.25 (a) SiFy, molecular, silicon 
tetrachloride; LaF3, ionic, lanthanum(III) fluoride (b) FeCl, ionic, 
iron(II) chloride; ReClę, molecular (metal in high oxidation state), 
rhenium hexachloride. (c) PbCl,, molecular (by contrast to the dis- 
tinctly ionic RbCl), lead tetrachloride; RbCl, ionic, rubidium chloride 
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8.27 
(a) H (b) :N=cC —Ci: © +f: 7 
. \ es 
H—C—Cl: ae 
| ie 
ÇE F: 
(d) H H (e) ö Oro g: T 
keg E< .. NE NI Wa J 
| N 
:O: l 
:0: 


8.28 Statement (b) is most true. Keep in mind that when it is nec- 
essary to place more than an octet of electrons around an atom in 
order to minimize formal charge, there may not be a “best” Lewis 
structure. 8.29 Formal charges are shown on the Lewis structures; 
oxidation numbers are listed below each structure. 
-1 
(a) o= C =ö (b) :Ö: 
0 0 0 a 
O, -2; C, +4; S, -2 PET aR 


fi 


S, +4; Cl, -1; O, -2 


eras a1 =I 1- 
(c) :Ö: (® 0 H—Ö—ĞI—Ö: 1 
er tl. tas ol 
30 —br— Cl, +3; H, +1; O, -2 
L +2 J 
Br, +5; O, -2 


8.31 (a) [O=N—O:] — [:O—N=G6]> 

(b) O; is isoelectronic with NO, ; both have 18 valence electrons. 
(c) Since each N—O bond has partial double-bond character, the 
N—O bond length in NO, should be shorter than an N—O single 
bond but longer than an NO double bond. 8.34 Assume that the 
dominant structure is the one that minimizes formal charge. Follow- 
ing this guideline, only ClO” obeys the octet rule. ClO, ClOz , ClO3, 
and ClO, do not obey the octet rule. 


clo, -i=d aio, [:—G:] 


cir, [G=G-G] cos [S=Gi-G 
T 
cloy, ARER 


8.35 
(a) H— Ci: 


Does not obey the octet rule. H has 2 electrons. 


(b) Cl 
SAE: 
ee 

Cl: 


Does not obey the octet rule. Central I has 12 electrons. 
N= 


Does not obey the octet rule. N has only 7 electrons. 
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(e) T ST 5 


Does not obey the octet rule. Central I has 10 electrons. 
8. 36 (a) :Cl—Be—Ci: 
0 0 0 
This structure violates the octet rule. 
b) CI=Be= Cl — :C]— Be=C] — C]=Be—Ci: 
1 2 1 0 2 2 2 2 0 


(c) Formal charges are minimized on the structure that violates the 
octet rule; this form is probably dominant. 


8.37 32e ,16e pr 


@) :0: b) :0O: 
O—S—O—H .o=$-3—H 

O O 

i i 


8.39 (a) AH = -304kJ (b) AH = -82kJ (c) AH = —467\J 
8.40 (a) False (b) false (c) false (d) false (e) false 8.41 The Ca—O 
bond will be stronger than the Na—Cl bond, because the ion charges 
are greater. 8.43 (a) Group 14 (b) Group 2 (c) Group 15 8.46 (a) Ru 
(b) [Kr]5s?4d°. 8.49 (a) Four (b) In order of increasing bond length: 
3 < 1 < 2 (c) Bond 3 is the strongest C—C bond in the hydrocarbon 
molecule. For the same pair of bonded atoms, the greater the number 
of shared pairs of electrons, the shorter and stronger the bond. 8.61 
The lattice energy of RbCl(s) is +692 kJ / mol. 8.74 The more electron 
pairs shared by the atoms, the shorter the bond. Thus, the bond length 
of O; is shorter than that of H203. 8.75 (a) AsF; is an exception to the 
octet rule. (b) BCl; is an exception to the octet rule. 8.83 (a) CH3, 66, 
3e pr H—C—H 2 CH;, —> C2H4. (b) The product of this reac- 
tion, C2H4, contains a C—C double bond, with a typical bond length 
of 134 pm. 8.84 A double C—O bond 8.92 (a) B—O. The most polar 
bond will be formed by the two elements with the greatest difference 
in electronegativity. (b) As—I. These elements have the two largest 
covalent radii among this group of elements. (c) BCI. B has three 
valence electron and participates in three covalent bonds. The Octet 
rule is satisfied by all three chlorine atoms. (d) O. O has 6 valence 
electrons and it needs to participate in two covalent bonds in order 
to satisfy the octet rule. 8.97 (a) +1 (b) —1 (c) +1 (assuming the odd 
electron is on N) (d) 0 (e) +3 8.100 (a) False. One possible example 
is ozone O}. (b) False. O3 does not have an odd electron. 8.103 (a) 
Ti?*, [Ar]3d7; Ca, [Ar]4s”. (b) Ca has no unpaired electrons and Ti?* 
has two. (c) In order to be isoelectronic with Ca**, Ti would have a 
4+ charge. 8.109 (a) Potassium peroxide is K203. (b) 14 e~, 7 e~ pairs 
(c) ~:G— O: (d) Based on the Lewis structure, it is a single bond 


in the peroxide ion, whereas a double bond for the oxygen molecule. 
Therefore, the O— O in peroxide ion is longer than that of the oxy- 
gen molecule. 


8.114 

(a) NH3BF3,32e°,16e pr (b)ô+ ê- 
H F: 

H—N—B—F: 
H :B: 


(c) Chlorine is less electronegative and less electron withdrawing 
than fluorine. The B—N bond in NH3BCl; is less polar than the B—N 
bond in NH3BF3. 
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9.2 (a) 1 (b) 2 (c) 9 (d) 5 9.3 (a) i, trigonal planar; ii, tetrahedral; iii, tri- 
gonal bipyramidal (b) i, 0; ii, 1; iii, 2 (c) N and P (d) Cl (or Br or I). This 
T-shaped molecular geometry arises from a trigonal-bipyramidal elec- 
tron-domain geometry with 2 nonbonding domains. Assuming each F 
atom has 3 nonbonding domains and forms only single bonds with A, 
A must have 7 valence electrons and be in or below the third row of the 
periodic table to produce these electron-domain and molecular geom- 
etries. 9.4 (a) 1, less than 109.5°; 2, close to 120°; 3, less than 109.5° 
(b) 4, close to 120° (c) 5, close to 120°; 6, close to 180° (d) 7, less than 
109.5°; 8, close to 120° 9.6 (a) In a linear AB, molecule, there can 
be either 0 or 3 nonbonding electron pairs. (b) three (c) yes 9.7 (a) 
Octahedral (b) octahedral (c) square planar 9.8 (a) No effect (b) no 
effect (c) 2 nonbonding pairs on the central O influence the molecu- 
lar shape. (d) no effect (e) no effect 9.9 (a) Tetrahedral, tetrahedral (b) 
trigonal bipyramidal, T-shaped (c) octahedral, square pyramidal (d) 
octahedral, square planar 9.10 (a) Linear, linear (b) trigonal bipyra- 
midal, trigonal bipyramidal (c) trigonal planar, bent (d) linear, linear 
(e) trigonal bipyridimal, seesaw (f) octahedral, square pyridimal 9.11 
(a) NH," has zero nonbonding electron pairs on N and the largest 
bond angles. (b) NH; has two nonbonding electron pairs on N and 
the smallest bond angles. 9.12 (a) Although both ions have 4 bond- 
ing electron domains, the 6 total domains around Br require octa- 
hedral domain geometry and square-planar molecular geometry, 
while the 4 total domains about B lead to tetrahedral domain and 
molecular geometry. (b) The angles will vary as H2O > H2S > H,Se. 
The less electronegative the central atom, the larger the nonbond- 
ing electron domain, and the greater the effect of repulsive forces 
on adjacent bonding domains. The less electronegative the central 
atom, the greater the deviation from ideal tetrahedral angles. 9.15 
(a) No. CS does not have a dipole moment. (b) Yes. The net dipole 
moment vector points along the O—S—O angle bisector. 9.16 
(a) Nonpolar. The polar B—F bonds are arranged in a symmetrical 
trigonal planar geometry. (b) No. The added nonbonding electron 
pair requires that the electron domain geometry is tetrahedral and 
the shape is a trigonal pyramid. (c) Yes. In BF,Cl, the bond dipoles 
do not cancel. 9.17 (a) IF (d) PCl; and (f) IF; are polar. 

9.18 (a) Lewis structures 


PER ET 
rt tt TI 
:Ç]: :Çl: :Ç]: H HCl: 
Molecular geometries 
H H H Cl H Cl 
\ X 
C=C C=C C= 
/ \ / 
Cl cl Cl H H Cl 
Polar Nonpolar Polar 


(b) The middle isomer has a zero net dipole moment. (c) C2H3Cl has 
only one isomer, and it has a dipole moment. 9.22 (a) False (b) true 
(c) false (d) false 9.23 (a) B, [He]2s72p! (b) F, [He]2s?2p° (c) sp? (A) A 
single 2p orbital is unhybridized. It lies perpendicular to the trigonal 
plane of the sp” hybrid orbitals. 9.24 (a) sp? (b) sp°d? (c) sp? (d) sp? 
9.25 Left, no hybrid orbitals discussed in this chapter form angles 


of 90° with each other; p atomic orbitals are perpendicular to each 
other; center, 109.5°, sp’; right, 120°, sp” 


(b) O 8 


9.28 (a) a O 


T 


(c) Ao bondis generally stronger than a 7 bond because there is more 
extensive orbital overlap. (d) No. Overlap of two s orbitals results in 
electron density along the internuclear axis, while a m bond has none. 
9.29 (a) 18 valence electrons (b) 10 valence electrons make ø bonds. 
(c) 2 valence electrons make m bonds. (d) 6 valence electrons are non- 
bonding. (e) Both carbon atoms in the molecule are sp” hybridized. 
9.31 (a) In a localized 7 bond, the electron density is concentrated 
between the two atoms forming the bond. In a delocalized 7 bond, the 
electron density is spread over all the atoms that contribute p orbitals 
to the network. (b) The existence of more than one resonance form is 
a good indication that a molecule will have delocalized 7 bonding. (c) 
delocalized 


9.32 


(b) sp? 

(c) Yes, there are five equivalent resonance structures of the type 
shown in (a). 

(d) There are four electrons in the m system of the molecule. 

9.33 (a) Linear (b) The two central C atoms each have trigonal planar 
geometry with ~120° bond angles about them. The C and O atoms 
lie in a plane with the H atoms free to rotate in and out of this plane. 
(c) The molecule is planar with ~120° bond angles about the two N 
atoms. 9.35 (a) Hybrid orbitals are mixtures of atomic orbitals from 
a single atom and remain localized on that atom. Molecular orbitals 
are combinations of atomic orbitals from two or more atoms and are 
delocalized over at least two atoms. (b) Each MO can hold a maxi- 
mum of two electrons. (c) Antibonding molecular orbitals can have 
electrons in them. 


9.36 
a << 
(a) ODS Tis 
a N 
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(b) There is one electron in H,". (c) 7, (d) BO = 5 (e) Fall apart. If the 
single electron in H,* is excited to the o}, orbital, its energy is higher 
than the energy of an H 1s atomic orbital and H; will decompose 
into a hydrogen atom and a hydrogen ion. (f) Statement (i) is correct. 


9.38 
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(a) 1 o bond (b) 2 m bonds (c) 1 o* and 2 7* 9.39 (a) When compar- 
ing the same two bonded atoms, as bond order increases, bond energy 
increases. As bond order increases, bond length decreases. When 
comparing different bonded nuclei, there are no simple relationships. 
(b) Be, is not expected to exist; it has a bond order of zero and is 
not energetically favored over isolated Be atoms. Be," has a bond 
order of 0.5 and is slightly lower in energy than isolated Be atoms. 
It will probably exist under special experimental conditions. 9.40 
(a) Diamagnetic (b) F O7 9.41 (a) By”, a25 02s Tap, increase (b) 
Lig’, o101s 02s, increase (c) Nat, o2 0hs m2p'02p, increase (d) 
Ney", 075°0 95°C 2p Top Tap, decrease 9.42 CN, T25 02s O25 Taps 
bond order = 2.5; CN*, 09,703.70 2977729", bond order = 2.0; CN’, 
T2025 029 T2, bond order = 3.0. (a) CN” (b) CN, CN* 9.43 (a) 
35, 3px, 3Py, 3pz (B) Tsp (€) 2 (d) If the MO diagram for P, is similar to 
that of No, P) will have no unpaired electrons and be diamagnetic. 
9.44 Removing an atom from the equatorial plane of the trigonal 
bipyramid in Figure 9.3 creates a seesaw shape. 9.46 (a) Two elec- 
tron-domain geometries, linear and trigonal bipyramidal (b) one 
electron-domain geometry, trigonal bipyramidal (c) one electron- 
domain geometry, octahedral (d) one electron domain geometry, 
octahedral (e) one electron domain geometry, octahedral (f) one 
electron-domain geometry, trigonal bipyramidal (This triangular 
pyramid is an unusual molecular geometry not listed in Table 9.3. 
It could occur if the equatorial substituents on the trigonal bipyra- 
mid were extremely bulky, causing the nonbonding electron pair to 
occupy an axial position.) 9.48 (a) Zero. Moving from left to right 
along the x-axis of the plot, the distance between the Cl atoms 
increases. At very large separation, the potential energy of interac- 
tion approaches zero. (b) The Cl—Cl bond distance is approximately 
200 pm. The Cl—ClI bond energy is approximately 240 kJ/mol. (c) 
Weaker. Under extreme pressure, the ClI—ClI bond gets shorter. The 
potential energy of the atom pair increases and the bond gets weaker. 
9.54 (a) i, Two s atomic orbitals; ii, two p atomic orbitals overlapping 
end to end; iii, two p atomic orbitals overlapping side to side (b) i, 
o-type MO; ii, a-type MO; iii, 7-type MO (c) i, antibonding; ii, bond- 
ing; iii, antibonding (d) i, the nodal plane is between the atom cen- 
ters, perpendicular to the interatomic axis and equidistant from each 
atom. ii, there are two nodal planes; both are perpendicular to the 
interatomic axis. One is left of the left atom and the second is right 
of the right atom. iii, there are two nodal planes; one is between the 
atom centers, perpendicular to the interatomic axis and equidistant 
from each atom. The second contains the interatomic axis and is 
perpendicular to the first. 9.57 A molecule with tetrahedral molecu- 
lar geometry has an atom at each vertex of the tetrahedron. A trigonal- 
pyramidal molecule has one vertex of the tetrahedron occupied by a 
nonbonding electron pair rather than an atom. 9.68 A bond dipole 
is the asymmetric charge distribution between two bonded atoms 
with unequal electronegativities. A molecular dipole moment is the 
three-dimensional sum of all the bond dipoles in a molecule. 9.73 
(a) True (b) false (c) true (d) false (e) true 


9.79 
H H H 
| Se 

(a) a J CI—C=C—H 
H H H 


(b) sp’, sp”, sp (c) nonplanar, planar, planar (d) 4 0,0 7; 5 o, 1 7; 3 o, 
2 7 9.82 (a) ~109° bond angles about the leftmost C, sp?; ~120° bond 
angles about the right-hand C, sp?. (b) The doubly bonded O can be 
viewed as sp’, the other as sp’; the bond angle of the sp? O is somewhat 
less than 109.5°. (c) Seven o bonds, one m bond. 9.96 (a) PF; , BrF4 
and CIF, (b) AIF, (c) BrFy (d) PF, and CIF,* 


1230 Answers to Selected Exercises 


9.99 
Hybridization Dipole 

Electron-Domain of Central Moment? 

Molecule Geometry Atom Yes or No 

CO, Linear sp No 

NH3 Tetrahedral sp? Yes 

cH Tetrahedral sp’? No 

BH3 Trigonal planar sp? No 

SFy Trigonal Not applicable Yes 
bipyramidal 

SFe Octahedral Not applicable No 

HCO Trigonal planar sp? Yes 


PF; Trigonal bipyra- Not applicable No 
midal 

XeF, Trigonal bipyra- Not applicable No 
midal 


9.100 (a) 5 o bonds (b) 2 øo bonds 2 m bonds (c) 3 o bonds 3 7 
bonds (d) 2 o bonds 1 7 bond 


9.107 


H 


Ao. 
O 


| H 


(a) The molecule is nonplanar. (b) Allene has no dipole moment. 
(c) The bonding in allene would not be described as delocalized. The 
m electron clouds of the two adjacent C=C are mutually perpen- 
dicular, so there is no overlap and no delocalization of m electrons. 
9.110 (a) All O atoms have sp? hybridization. (b) The two o bonds 
are formed by overlap of sp? hybrid orbitals, the m bond is formed 
by overlap of atomic p orbitals, one nonbonded pair is in a p atomic 
orbital and the other five nonbonded pairs are in sp” hybrid orbitals. 
(c) unhybridized p atomic orbitals (d) four, two from the 7 bond and 
two from the nonbonded pair in the p atomic orbital 9.113 (a) Ground 
state, 020% 222,402)"; excited state, o2 0*2 T2p 02s" T*2p (b) para- 
magnetic (C) oo) to T*2p (d) 7.0 x 102 kJ/mol (e) The bond order 
of the N—N bond in the first excited state is smaller and the bond 
is weaker than in the ground state. The silicon analogs would have 
the same hybridization as the C compounds. Silicon, which is in the 
row below C, has a larger bonding atomic radius and atomic orbitals 
than C. The close approach of Si atoms required to form strong, stable 
m bonds in SiH; and SiH; is not possible and these Si analogs do 
not readily form. 9.117 The yellow curcumin has the larger HOMO- 
LUMO gap because it absorbs visible violet light and appears yellow. 
9.123 (a) 2 SF,(g) + O2(g) —> 2 OSF,(g) 


(b) 20: 


:F—S—F: 
EAE 
ʻE: ʻE: 


(c) AH = —551 kJ, exothermic (d) The electron-domain geometry is 
trigonal bipyramidal. The O atom can be either equatorial or axial. 


(e) In the structure on the left, there are 3 equatorial and 1 axial fluo- 
rine atoms. In the structure on the right, there are 2 equatorial and 


2 axial fluorine atoms. 9.126 (a) 8462 kJ /mol (b) 8778 kJ /mol (c) 
Because the m electrons are delocalized, the molecule has a lower 
overall energy than that predicted for the presence of localized C—C 
and C=C bonds. 


9.130 


(The structure on the right does not minimize formal charges and will 
make a minor contribution to the true structure.) 


(b) 180° 


Both resonance structures predict the same bond angles. (c) The two 
extreme Lewis structures predict different bond lengths. These bond 
length estimates assume that the structure minimizing formal charge 
makes a larger contribution to the true structure. C—O, 1.28 Å; 
C=N, 1.33 Å; C—N, 1.43 A; C—H, 1.07 A (d) The molecule will 
have a dipole moment. The C=N and C=O bond dipoles are oppo- 
site each other, but they are not equal. And, there are nonbonding elec- 
tron pairs that are not directly opposite each other and will not cancel. 


Chapter 10 


10.2 Statement (c) is false. Gaseous molecules are so far apart that 
there is no barrier to mixing, regardless of the identity of the mol- 
ecules. 10.10 The action in (c) would double the pressure 10.27 
Xco, = 0.000407 10.29 Fco, = 91.0kPa 10.33 The root-mean- 
square speed of Rn is approximately 7.5 times slower than that of 
He. 10.36 Statements (a) and (d) are true. 10.40 (a) Non-ideal-gas 
behavior is observed at very high pressures and low temperatures. 
(b) The real volumes of gas molecules and attractive intermolecular 
forces between molecules cause gases to behave nonideally. 10.44 It 
would be much easier to drink from a straw on Mars. When a straw is 
placed in a glass of liquid, the atmosphere exerts equal pressure inside 
and outside the straw. When we drink through a straw, we withdraw 
air, thereby reducing the pressure on the liquid inside. If only 709 Pa 
is exerted on the liquid in the glass, a very small reduction in pressure 
inside the straw will cause the liquid to rise. 10.46 At the same tempera- 
ture, volume and the lower pressure, the container would have half as 
many particles as at the higher pressure. 10.48 For a fixed amount of 
ideal gas at constant volume, if the pressure is doubled, the tempera- 
ture also doubles. 10.50 (a) Pea < Pretiow < Piue (b) Rea = 28.4 kPa; 
Prettow = 42.6 kPa; Piue = 71.0 kPa 10.52 (a) Curve B is helium. (b) 
Curve B corresponds to the higher temperature. (c) The root mean 
square speed is highest. 10.54 The NH,Cl(s) ring will form at location 
a. 10.57 (a) 14.72 bar (b) 14.52 atm (c) 213.5 Ib /in? 10.58 (a) 1.72 m 
(b) 1.96 atm 10.59 (a) 1.084 atm (b) 823.7 mm Hg (c) 1.098 x 10° Pa 
(d) 1.098 bar (e) 15.93 psi 10.60 (i) 0.31 atm (ii) 1.88 atm (iii) 0.136 
atm 10.62 (a) Boyle’s Law, PV = constant or P Vi = P,V2, at con- 
stant V, P/P = 1; Charles’ Law, V/T = constant or V,/T, = V2/‘h, 
at constant V, D/D = 1; then P,/T, = R/R or P/T = constant. 
Amonton’s law is that pressure and Kelvin temperature are directly 
proportional at constant volume. (b) 239.2 kPa 10.63 (a) STP stands 
for standard temperature, 0 °C (or 273 K), and standard pressure, 101.3 
kPa. (b) 22.4 L (c) 24.5 L (d) 0.08315 L-bar/mol-K 10.65 Flask A con- 
tains the gas with a molar mass of 28 g/mol and flask B contains the 
gas with a molar mass of 56 g/mol. 


10.66 
P v n T 
303.98 kPa 3.00 L 1.500 mol PEAS 
50.663 kPa 0.750 L 1.52 x 10? mol 300K 
101.33 kPa 83.1 L 0.333 mol 300K 
2.478 X 10°kPa 0.750L 0.750 mol 298 K 


10.67 (a) 5.15 x 10? molecules (b) 6.5 kg air 10.69 (a) 16.72 
MPa (b) 1.91 x 10°L 10.71 567.4 kPa 10.73 (a) 29.8 g Cl, (b) 
9.42 L (c) 501 K (d) 231.3 kPa 10.74 (a) 1 x 10°? mol O; (b) The 
roach needs 72% of the available O; in the jar. 10.75 The density 
of a gas increases with increasing molar mass. The order of increas- 
ing density is: NH? (17g/mol) < O, (32g/mol) < HCI (36.5g/mol) 
Ar (40g/mol) 10.76 (c) Because the helium atoms are of lower mass 
than the average air molecule, the helium gasis less dense than air. The 
balloon thus weighs less than the air displaced by its volume. 10.78 
molar mass = 89.4 g/mol 10.80 (a) 8.47 L CO; (b) 12.4 L O; 10.81 
0.0786 g Zn 10.83 5.1 x 1077 g Mg 10.84 (a) When the stopcock is 
opened, the volume occupied by N3(8) increases from 2.0 L to 5.0 L. 
Py, = 40.53 kPa (b) When the gases mix, the volume of O,(g) increases 
from 3.0 L to 5.0 L. Po, = 121.6 kPa (c) P, = 162.1 kPa 10.85 (a) 
P. = 495.5kPa_ (b) Py, = 49.6 kPa, Po, = 99.3 kPa, n, = 346.5 kPa 
10.87 Poo, = 45.04 kPa, R. = 95.70kPa 10.89 RP, = 250.27 kPa 
10.91 (a) Decrease (b) increase (c) decrease 10.93 (a) Average 
kinetic energy of the molecules increases. (b) Root mean square 
speed of the molecules increases. (c) Strength of an average impact 
with the container walls increases. (d) Total collisions of molecules 
with walls per second increases. 10.95 (a) In order of increasing 
speed and decreasing molar mass: Ar < HCl, < O2 < CO < CH, 
(b) ums = 515 m/s (c) The most probable speed of an argon atom 
in the stratosphere is 337 m/s. 10.97 The order of increasing rate 
of effusion is 7H*’Cl < 'H°7Cl < 7H*Cl < 'H*Cl 10.98 
As4S5 10.100 Statement (b) is true. 10.101 (a) P = 495.48 kPa 
(b) P = 475.21 kPa (c) Qualitatively, molecular attractions are more 
important as the amount of free space decreases and the number of 
molecular collisions increases. Molecular volume is a larger part of 
the total volume as the container volume decreases. 10.102 From the 
value of b for Xe, the nonbonding radius is 272 pm. From Figure 7.7, 
the bonding atomic radius of Xe is 140 pm. We expect the bonding 
radius of an atom to be smaller than its nonbonding radius, but our 
calculated value is nearly twice as large. 10.104 V; = 2.2 mm? 10.106 
P = 74.7 Pa 10.108 (a) 5.73 mol C3Hg(g) (b) 2.68 x 107 mol C3H(/) 
(c) The ratio of moles liquid to moles gas is 47. Many more molecules 
and moles of liquid fit in a container of fixed volume because there is 
much less space between molecules in the liquid phase. 10.110 (a) 
Molar mass of the unknown gas is 100.4 g/mol (b) We assume that 
the gases behave ideally, and that P V and T are constant. 10.112 
(a) 0.00378 mol O; (b) 0.0345 g CgHig 10.114 0.552 g H, 10.116 
(a) Molar mass of the unknown gas is 50.46 g/mol (b) The ratio d/P 
varies with pressure because of the finite volumes of gas molecules 
and attractive intermolecular forces. 10.118 T, = 687°C 10.120 (a) 
More significant (b) less significant 10.122 (a) At STP, argon atoms 
occupy 0.0359% of the total volume. (b) At 20.27 MPa pressure and 
0°C, argon atoms occupy 7.19% of the total volume. 10.124 (a) The 
molecular formula of cyclopropane is C3H.. (b) Although the molar 
masses of Ar and C3H, are similar, we expect intermolecular attrac- 
tions to be more significant for the more complex C3H, molecules, 
and that C3H¢, will deviate more from ideal behavior at the condi- 
tions listed. If the pressure is high enough for the volume correction 
in the van der Waals equation to dominate behavior, the larger C3H6 
molecules definitely deviate more than Ar atoms from ideal behavior. 
(c) Cyclopropane would effuse through a pinhole slower than meth- 
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ane, because it has the greater molar mass. 10.126 (a) 44.58% C, 
6.596% H, 16.44% Cl, 32.38% N (b) CgH4N5Cl (c) Molar mass of the 
compound is required in order to determine molecular formula when 
the empirical formula is known. 10.128 (a) NH3(g) remains after 
reaction. (b) 96.97 kPa (c) 7.33 g NH,Cl 


10.130 


(a) >O—C1—O: 
(b) ClO, is very reactive because it is an odd-electron molecule. Add- 
ing an electron pairs the odd electron and completes the octet of Cl. 
ClO, has a strong tendency to gain an electron and be reduced. 


Cc oe .. oe fas 
O[ö—ä—ö:] 
(d) The bond angle is less than 109°. (e) 11.2 g ClO, 


10.132 (a) Pr, = 52.18 kPa (b) Xip, = 0.544 


© F: 
Esla 
F DNE 


(d) Total mass in the flask is 20.00 g; mass is conserved. 


Chapter 11 


11.4 (a) The molar volumes of Cl, and NH; are nearly the same 
because they are both gases. (b) On cooling to 160 K, both com- 
pounds condense from the gas phase to the solid-state, so we expect 
a significant decrease in the molar volume. (c) The molar volumes are 
0.0351 L/mol Cl, and 0.0203 L/mol NH; (d) Solid-state molar vol- 
umes are not as similar as those in the gaseous state, because most 
of the empty space is gone and molecular characteristics determine 
properties. Cl,(s) is heavier, has a longer bond distance and weaker 
intermolecular forces, so it has a significantly larger molar volume 
than NH3(s). (e) There is little empty space between molecules in the 
liquid state, so we expect their molar volumes to be closer to those in 
the solid state than those in the gaseous state. 11.10 (a) A molecule 
must contain H atoms, bound to either N, O, or F atoms, in order to 
participate in hydrogen bonding with like molecules. (b) CH;NH3 
and CHOH 11.22 (a) 14.3 kJ (b) 25.1 kJ 11.23 (a) False (b) true (c) 
false (d) true 11.30 (a) The critical point is the temperature and pres- 
sure beyond which the gas and liquid phases are indistinguishable. 
(b) The line that separates the gas and liquid phases ends at the critical 
point because at conditions beyond the critical temperature and pres- 
sure, there is no distinction between gas and liquid. In experimen- 
tal terms a gas cannot be liquefied at temperatures higher than the 
critical temperature, regardless of pressure. At conditions beyond the 
critical point, a substance is known as a supercritical fluid. 11.32 (a) 
24 K (b) Neon sublimes at pressures less than the triple point pressure, 
approximately 50.7 kPa. (c) No 11.35 In a nematic liquid crystalline 
phase, molecules are aligned along their long axes, but the molecu- 
lar ends are not aligned. Molecules are free to translate in all dimen- 
sions, but they cannot tumble or rotate out of the molecular plane, 
or the order of the nematic phase is lost and the sample becomes an 
ordinary liquid. In an ordinary liquid, molecules are randomly ori- 
ented and free to move in any direction. No 11.39 (a) The diagram 
best describes a liquid. (b) In the diagram, particles are close together, 
mostly touching, but there is no regular arrangement or order. This 
rules out a gaseous sample, where the particles are far apart, and a 
crystalline solid, which has a regular repeating structure in all three 
directions. 11.42 In its final state, methane is a gas at 185 °C. 11.44 
(a) Propanol can engage in hydrogen bonding. (b) While both mol- 
ecules are somewhat polar, we expect propanol to have a larger dipole 
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moment because of its O-H bond. (c) Propanol boils at 97.2 °C, while 
ethyl methyl ether boils at 10.8 °C. The stronger intermolecular 
forces in propanol cause it to have the higher boiling point. 11.47 
(a) Solid < liquid < gas (b) gas < liquid < solid (c) Matter in the 
gaseous state is most easily compressed because particles are far apart 
and there is much empty space. 11.48 (a) It increases. Kinetic energy 
is the energy of motion. As melting occurs, the motion of atoms rela- 
tive to each other increases. (b) It increases somewhat. The density of 
liquid lead is less than the density of solid lead. The smaller density 
means a greater sample volume and greater average distance between 
atoms in three dimensions. 11.50 (a) London dispersion forces (b) 
dipole-dipole forces (c) hydrogen bonding 11.51 (a) SO,, London 
dispersion forces (b) NH3, London dispersion, dipole-dipole, 
and hydrogen-bonding (N—H bonds) forces (c) BCl3, non-polar 
covalent molecule 11.52 (a) In order of increasing polarizabil- 
ity: CH, < SiH; < SiCl, < GeCl, < GeBr, (b) The magnitudes of 
London dispersion forces and thus the boiling points of molecules 
increase as polarizability increases. The order of increasing boiling 
points is the order of increasing polarizability given in (a). 11.53 
(a) CH3CH20H (b) N(CH3)3 (c) CH2Brz 11.54 Both rodlike butane 
molecules and spherical 2-methylpropane molecules experience dis- 
persion forces. The larger contact surface between butane molecules 
facilitates stronger forces and produces a higher boiling point. 11.57 
(a) Replacing a hydroxyl hydrogen with a CH; group eliminates 
hydrogen bonding in that part of the molecule. This reduces the 
strength of intermolecular forces and leads to a lower boiling point. 
(b) CH30CH,CH,0CHs is a larger, more polarizable molecule with 
stronger London dispersion forces and thus a higher boiling point. 


11.58 
Physical Property H,O HS 
Normal boiling point, °C 100.00 —60.7 
Normal melting point, °C 0.00 —85.5 


(a) Based on its much higher normal melting point and boiling point, 
H2O has much stronger intermolecular forces. (b) H2O has hydrogen 
bonding, while H,S has dipole-dipole forces. Both molecules have 
London dispersion forces. 11.59 SO,2~ has a greater negative charge 
than BF, , so ion-ion electrostatic attractions are greater in sulfate 
salts and they are less likely to form liquids. 11.60 (a) As temperature 
increases, surface tension decreases; they are inversely related. (b) As 
temperature increases, viscosity decreases; they are inversely related. 
(c) The same attractive forces that cause surface molecules to be dif- 
ficult to separate (high surface tension) cause molecules elsewhere in 
the sample to resist movement relative to each other (high viscosity). 
11.61 (a) Diagram (ii) shows stronger adhesive forces between the 
surface and the liquid. (b) Diagram (i) represents water on a nonpolar 
surface. (c) Diagram (ii) represents water on a polar surface. 11.62 (a) 
The three molecules have similar structures and experience the same 
types of intermolecular forces. As molar mass increases, the strength 
of dispersion forces increases and the boiling points, surface tension, 
and viscosities all increase. (b) Ethylene glycol has an —OH group 
at both ends of the molecule. This greatly increases the possibilities 
for hydrogen bonding; the overall intermolecular attractive forces 
are greater and the viscosity of ethylene glycol is much greater. (c) 
Water has the highest surface tension but lowest viscosity because 
it is the smallest molecule in the series. There is no hydrocarbon 
chain to inhibit their strong attraction to molecules in the interior 
of the drop, resulting in high surface tension. The absence of an 
alkyl chain also means the molecules can move around each other 
easily, resulting in the low viscosity. 11.63 (a) Fusion, endothermic 


(b) vaporization, endotermic (c) condensation exothermic (d) con- 
densation exothermic 11.64 (a) vaporization (1) > (g) (b) endo- 
thermic (c) Same numerical value. 11.65 2.3 x 10° gH,0 11.68 
Properties (c) intermolecular attractive forces, (d) temperature 
and (e) density of the liquid affect vapor pressure of a liquid. 

11.69 (a) CBry < CHBr; < CH Bry < CH2Cly < CH3Cl < CH4. 

(b) CH, < CH3Cl < CH,Cl, < CH Bry. < CHBr; < CBr, (c) By anal- 
ogy to attractive forces in HCl, the trend will be dominated by disper- 
sion forces, even though four of the molecules are polar. The order 
of increasing boiling point is the order of increasing molar mass and 
increasing strength of dispersion forces. 11.70 (a) The temperature 
of the water in the two pans is the same. (b) Vapor pressure does not 
depend on either volume or surface area of the liquid. At the same 
temperature, the vapor pressures of water in the two containers are 
the same. 11.71 (a) Approximately 40°C (b) approximately 7 kPa 
(c) approximately 50°C (d) approximately 51 kPa 11.73 (a) H2O(g) 
will condense to H2O(s) at approximately 530 Pa; at a higher pressure, 
perhaps 500 kPa or so, H2O(s) will melt to form H,O(J). (b) At 100 °C 
and 50.7 kPa, water is in the vapor phase. As it cools, water vapor 
condenses to the liquid at approximately 82 °C, the temperature 
where the vapor pressure of liquid water is 50.7 kPa. Further cooling 
results in freezing at approximately 0 °C. The freezing point of water 
increases with decreasing pressure, so at 50.7 kPa the freezing tem- 
perature is very slightly above 0 °C. 11.75 (a) Methane on the surface 
of Titan is likely to exist in both solid and liquid forms. (b) As pres- 
sure decreases upon moving away from the surface of Titan, CH,(/) (at 
—178 °C) will vaporize to CH,4(g), and CH,(s) (at temperatures below 
—180 °C) will sublime to CH4(g). 11.77 (a) True (b) false (c) true (d) 
false (e) false (£) true 11.78 Because order is maintained in at least one 
dimension, the molecules in a liquid-crystalline phase are not totally 
free to change orientation. This makes the liquid-crystalline phase 
more resistant to flow, more viscous, than the isotropic liquid. 11.79 
Melting provides kinetic energy sufficient to disrupt molecular align- 
ment in one dimension in the solid, producing a smectic phase with 
ordering in two dimensions. Additional heating of the smectic phase 
provides kinetic energy sufficient to disrupt alignment in another 
dimension, producing a nematic phase with one-dimensional order. 
11.80 (a) Decrease (b) increase (c) increase (d) increase (e) increase 
(f) increase (g) increase 11.83 (a) The trans isomer will have stron- 
ger intermolecular hydrogen bonding, but the cis isomer will have 
stronger intramolecular hydrogen bonding. (b) The trans isomer 
melts at 287 °C and the cis isomer melts at 135 °C. 11.85 (a) All of 
these compounds exhibit dispersion interactions. (b) ) All of these 
compounds are polar and exhibit dipole-dipole interactions. (c) 
Only methanoic acid and ethanoic acid exhibit hydrogen bond- 
ing. (d) Methanoic acid and ethanoic acid both exhibit hydrogen 
bonding, but ethanoic acid has a higher molecular weight. Thus, it 
has a higher total intermolecular force resulting in a higher boiling 
point. (e) Ethanal does not exhibit hydrogen bonding and it has the 
lowest molecular weight. Therefore, it has the lowest boiling point. 
11.88 A plot of number of carbon atoms versus boiling point indi- 
cates that the boiling point of CgH,. is approximately 130°C. The 
more carbon atoms in the hydrocarbon, the longer the chain, the 
more polarizable the electron cloud, the higher the boiling point. 
11.90 (a) Evaporation is an endothermic process. The heat required 
to vaporize sweat is absorbed from your body, helping to keep it 
cool. (b) The vacuum pump reduces the pressure of the atmosphere 
above the water until atmospheric pressure equals the vapor pres- 
sure of water and the water boils. Boiling is an endothermic process, 
and the temperature drops if the system is not able to absorb heat 
from the surroundings fast enough. As the temperature of the water 
decreases, the water freezes. 11.95 At low Antarctic temperatures, 


molecules in the liquid crystalline phase have less kinetic energy 
due to temperature, and the applied voltage may not be sufficient 
to overcome orienting forces among the ends of molecules. If some 
or all of the molecules do not rotate when the voltage is applied, the 
display will not function properly. 


11.99 
i 
CH, CH, CH, CH 
`i < a2 N P Se 
CH3 CH; CH3 CH, CH; CH3 CH3 
(i) M = 44 (ii) M = 72 (iii) M = 123 
ji 
C CH, Br CH, OH 
AO NS P OS en: a NZ 
CH3 CH3 CH3 CH, CH3 CH) 
(iv) M = 58 (v) M = 123 (vi) M = 60 


(a) Molar mass: Compounds (i) and (ii) have similar rodlike struc- 
tures. The longer chain in (ii) leads to greater molar mass, stron- 
ger London dispersion forces, and higher heat of vaporization. 
(b) Molecular shape: Compounds (iii) and (v) have the same 
chemical formula and molar mass but different molecular shapes. 
The more rodlike shape of (v) leads to more contact between mol- 
ecules, stronger dispersion forces, and higher heat of vaporiza- 
tion. (c) Molecular polarity: Compound (iv) has a smaller molar 
mass than (ii) but a larger heat of vaporization, which must be 
due to the presence of dipole-dipole forces. (d) Hydrogen bonding 
interactions: Molecules (v) and (vi) have similar structures. Even 
though (v) has larger molar mass and dispersion forces, hydro- 
gen bonding causes (vi) to have the higher heat of vaporization. 
11.103 P(hexane vapor) = 25,278 Pa 


Chapter 12 


12.14 Copper. A body-centered cubic structure has more empty space 
than a face-centered cubic one. The more empty space, the less dense 
the solid. We expect the element with the highest density, copper, to 
adopt the face-centered cubic structure. 


12.20 


T o aa 
m A A 
e OC 9G IO 

a ee 

ee ae 


(a) Six AOs require six MOs (b) zero nodes in the lowest energy orbital 
(c) five nodes in highest energy orbital (d) two nodes in the HOMO 
(e) three nodes in the LUMO (f) The HOMO-LUMO energy gap 
for the six-atom diagram is smaller than the one for the four-atom 
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diagram. In general, the more atoms in the chain, the smaller the 
HOMO-LUMO energy gap. 12.21 (a) Ag is more ductile. Cr has 
stronger metallic bonding, a stiffer lattice, and is less susceptible to 
distortion. (b) Zn is more ductile. Ge is a metalloid semi-conductor 
solid with a stiffer lattice than metallic Zn. 12.46 2.47 x 10° Au 
atoms 12.48 The red-orange compound is more likely to be a semi- 
conductor and the white one an insulator. The red-orange com- 
pound absorbs light in the visible spectrum (red-orange is reflected, 
so blue-green is absorbed), while the white compound does not. This 
indicates that the red-orange compound has a lower energy electron 
transition than the white one. Semiconductors have lower energy 
electron transitions than insulators. 12.52 (a) The structure is hex- 
agonal close-packed. (b) The coordination number, CN, is twelve. 
(c) CN(1) = 9, CN(2) = 6. 12.54 Fragment (b) is more likely to give 
rise to electrical conductivity. Arrangement (b) has a delocalized m 
system, in which electrons are free to move. Mobile electrons are 
required for electrical conductivity. 12.56 We expect linear polymer 
(a), with ordered regions, to be more crystalline and to have a higher 
melting point than branched polymer (b). 12.57 Statement (b) is the 
best explanation. 12.58 (a) Hydrogen bonding, dipole-dipole forces, 
London dispersion forces (b) covalent chemical bonds (c) ionic 
bonds (d) metallic bonds 12.59 (a) Covalent-network (b) metallic 
(c) ionic (d) molecular (e) molecular (f) ionic 12.61 Metallic, 
because of its melting point, conductivity, and insolubility in water 


12.62 (a) 00000 (b) 
X) 


Crystalline 


Amorphous 


12.64 


Two- 
dimensional 
structure 


(a) unit cell 


À = 120°, a = b 


(b) y, a, b 


(c) lattice type hexagonal 


square 


12.65 Tetragonal 12.66 (e) Triclinic and rhombohedral 12.67 (b) 2 
12.68 (a) Primitive hexagonal unit cell (b) NiAs 12.70 (a) Structure 
types A and C have equally dense packing and are more densely packed 
than structure type B. (b) Structure type B is least densely packed. 
12.72 (a) The radius of an Rh atom is 135 pm. (b) The density of Rh is 
12.4 g/ cm?. 12.73 (a) The radius ofa Ca atom is 197.6 pm. (b) The den- 
sity of Cais 1.526 g/cm? 12.75 (a) 4 Alatoms per unit cell (b) coordina- 
tion number = 12 (c)a = 4.04 x 10-8 cm (d) density = 2.71 g/cm? 
12.77 Statement (b) is false. 12.78 (a) Interstitial alloy (b) substi- 
tutional alloy (c) intermetallic compound 12.79 (a) True (b) false 
(c) false 12.80 (a) Nickel or palladium, substitutional alloy (b) cop- 
per, substitutional alloy (c) silver, substitutional alloy 12.82 (a) True 
(b) false (c) false (d) false12.84 The order of increasing melting 
points is La < Hf < Ta < W. Moving from La to W, the number of 
valence electrons, occupancy of the bonding band, and strength of 
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metallic bonding increase. Stronger metallic bonding requires more 
energy to break bonds and mobilize atoms, resulting in higher melt- 
ing points from La to W. 12.86 (a) SrTiO; (b) Six (c) Each Sr atom is 
coordinated to a total of twelve O atoms in the eight unit cells that 
contain the Sr atom. 12.87 The density of PbS is 7.60 g/cm?. 12.88 
(a) 2.90 g/cm? (b) We expect As* to have a larger ionic radius than 
P?-, so BAs will occupy a larger volume and the unit cell edge will be 
longer. (c) The density of BAs is 5.21 g/cm?. The greater mass of As 
accounts for the greater density of BAs. 12.89 (a) Cs* and I” have 
the most similar radii and will adopt the CsCl-type structure. The 
radii of Na* and I” are somewhat different; Nal will adopt the NaCl- 
type structure. The radii of Cu* and I" are very different; Cul has the 
ZnS-type structure. (b) CsI, 8; Nal, 6; Cul, 4 12.90 (a) 6 (b) 3 (c) 6 
12.91 (a) False (b) true 12.92 (a) Ionic solids are much more likely 
to dissolve in water. (b) Covalent-network solids can become con- 
siderably better conductors of electricity via chemical substitution. 
12.93 (a) CdS (b) GaN (c) GaAs 12.94 Ge or Si (Ge is closer to Ga 
in bonding atomic radius.) 12.95 (a) A 1.1 eV photon corresponds 
to a wavelength of 1.1 x 10~° M (b) According to the figure, Si can 
absorb all wavelengths in the visible portion of the solar spectrum. 
(c) Si absorbs wavelengths less than 1100 nm. This corresponds to 
approximately 80—90% of the total area under the curve. 12.96 The 
emitted light has a wavelength of 365 nm. This is radiation in the 
ultraviolet region of the electromagnetic spectrum. 12.97 The band 
gap is approximately 2.09 eV, which corresponds to a wavelength of 
593 nm. 12.99 (a) Amonomer is a small molecule with low molecu- 
lar mass that can be joined with other monomers to form a polymer. 
They are the repeating units of a polymer. (b) ethene (also known 
as ethylene) 12.100 Reasonable values for a polymer’s molecular 
weight are 10,000 u, 100,000 u, and 1,000,000 u. 


12.101 
Cl H 
\ 
C=C 

Z 
Cl H 
12.102 
HOOC COOH NH, NH, 


12.104 (a) Flexibility of the molecular chains causes flexibility of 
the bulk polymer. Flexibility is enhanced by molecular features 
that inhibit order, such as branching, and diminished by features 
that encourage order, such as cross-linking or delocalized m elec- 
tron density. (b) Less flexible 12.105 Low degree of crystallinity 
12.106 If a solid has nanoscale dimensions of 1-10 nm, there 
may not be enough atoms contributing atomic orbitals to pro- 
duce continuous energy bands of molecular orbitals. 12.107 
(a) False. As particle size decreases, the band gap increases. (b) 
False. As particle size decreases, wavelength decreases. 12.109 
Statement (b) is correct. 12.116 3 Ni atoms, 1 Al atom; 6 Nb 
atoms, 2 Sn atoms; 1 Sm atom, 5 Co atoms. In each case, the 
atom ratio matches the empirical formula given in the exercise. 
12.118 The wavelength that corresponds to a photon with this 
energy is 477 nm. 12.120 (a) Zinc sulfide, ZnS (b) covalent (c) In the 
solid, each Si is bound to four C atoms in a tetrahedral arrangement, 
and each C is bound to four Si atoms in a tetrahedral arrangement, 
producing an extended three-dimensional network. SiC is high- 
melting because melting requires breaking covalent Si—C bonds, 
which takes a huge amount of thermal energy. It is hard because 
the three-dimensional lattice resists any deformation that would 


weaken the Si—C bonding network. 12.127 The distance between 
planes in crystalline silicon is 313 pm. 12.133 (a) 109° (b) 120° 
(c) atomic p orbitals 12.137 (a) 2.50 x 107? Si atoms (To 1 sig fig, 
the result is 2 x 10? Si atoms.) (b) 1.29 x 107° mg P (1.29 ug P) 
12.139 63 Si atoms 
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13.4 Very soluble (b) AHmix will be the largest negative number. 
In order for AH,oin to be negative, the magnitude of AHmix must be 
greater than the magnitude of (AH;olute + AHsotvent). 13.6 (a) AH goin 
is nearly zero. Because the solute and solvent in this case experi- 
ence very similar London dispersion forces, the energy required to 
separate them individually and the energy released when they are 
mixed are approximately equal. AHpi, ~ —(AHsotute + AH sonvent)- 
(b) The entropy of the system increases when benzene and tolu- 
ene form a solution. The change involves taking two pure liquids 
and forming a (homogeneous) mixture. The result is an increase in 
randomness or disorder. From part (a), the enthalpy of mixing is 
nearly zero, so the increase in entropy is the driving force for mix- 
ing in all proportions. 13.12 Toluene, C,H;CH3, is the best solvent 
for nonpolar solutes. Without polar groups or nonbonding electron 
pairs, it forms only dispersion interactions with itself and other 
molecules. 13.16 Su, = 2.0 X 1073 M, Sa, = 3.5 X 1073 M13.30 (a) 
Xpth = 0.2812 (b) Pom = 31.7 kPa (c) Xp, in vapor = 0.472 13.34 
Molar mass of lysozyme = 1.39 x 104g 13.40 (a) < (b) < (c) 
13.42 (a) No (b) The ionic solid with the smaller lattice energy will be 
more soluble in water. 13.46 Vitamin Be is more water soluble. Vita- 
min E is more fat soluble. 13.48 (a) Yes, the molarity changes with a 
change in temperature. (b) No, molality does not change with change 
in temperature. 13.50 The volume inside the balloon will be 0.5 L, 
assuming perfect osmosis across the semipermeable membrane. 
13.52 (a) False (b) false (c) true 13.53 (a) Dispersion (b) hydrogen 
bonding (c) ion-dipole (d) dipole-dipole 13.55 (a) AH;olute (b) AHmix 
13.57 (a) Supersaturated (b) The bits of glass scraped from the vessel 
act as a seed crystal, which provides a nucleus of already aligned mol- 
ecules, so that ordering of the dissolved particles is more facile. The 
excess alum is crystallizing out. (c) 86 galum form 13.58 (a) Saturated 
(b) unsaturated (c) saturated (d) unsaturated 13.59 (a) We expect 
the liquids water and glycerol to be miscible in all proportions. (b) 
Hydrogen bonding, dipole-dipole forces, London dispersion forces 
13.61 (a) Carbon tetrachloride (b) water 13.62 (a) CCl, is more sol- 
uble because dispersion forces among nonpolar CCl, molecules are 
similar to dispersion forces in hexane. (b) C6H6 is a nonpolar hydro- 
carbon and will be more soluble in the similarly nonpolar hexane. (c) 
The long, rodlike hydrocarbon chain of octanoic acid forms strong 
dispersion interactions and causes it to be more soluble in hexane. 
13.63 (a) False (b) true (c) false (d) true 13.65 (a) 1.60% of NaNO, 
(b) 28.6 ppm 13.66(a) Xc,n,on = 0.0192 (b) 4.76% C2H5OH by mass 
(c) 1.09mC,H5OH 13.67 (a) 8.63 x 107M Mg(NO3), (b) 1.25 M 
LiClO, + 3H2O (c) 0.375 M HNO; 13.68 (a) 2.56 m C6Hs (b) 0.858 m 
NaCl 13.69 (a) 50.01% H SO, by mass (b) Xy,50, = 0.155 

(c) 10.20 m HSO; (d) 7.112 M H250; 13.70 (a) Xcn,on = 0.244 

(b) 7.85 m CHOH (c) 4.94 M CH30H 13.72 (a) 0.0900 mol SrBry 

(b) 1.40 x 10? mol KCI (c) 8.63 g C6H1206 13.73 (a) Weigh out 
1.3 g KBr, dissolve in water, dilute with stirring to 0.75 L. (b) Weigh 
out 2.62 g KBr, dissolve it in 122.38 g H2O to make exactly 125 g of 
0.180 m solution. (c) Dissolve 244 g KBr in water, dilute with stir- 
ring to 1.85 L. (d) Weigh 10.1 g KBr, dissolve it in a small amount of 
water, and dilute to 0.568 L. 13.75 21% HNO; by mass 13.76 (a) 
8.23 m Zn (b) 45.3 M Zn 13.77 (a) 4.66 kPa (b) 1.8 x 10° M CO, 
13.78 (a) False (b) true (c) true (d) false 13.79 The vapor pres- 
sure of the first solution, C6Hı206 (aq), is 3.10 kPa. The vapor 


pressure of the second solution, C,2H»20,, (aq), is 3.14 kPa. Gener- 
ally, the less concentrated solution, the one with fewer moles of 
solute per kilogram of solvent, will have the higher vapor pressure. 
13.81 (a) Py,0 = 24.85 kPa (b) 78.9 g C3H0; 13.83 (a) Because KCl 
is a strong electrolyte, one mole of KCl produces twice as many dis- 
solved particles as one mole of the molecular solute urea. Freezing- 
point depression is directly related to total moles of dissolved par- 
ticles. The 0.10 m KCI has more dissolved particles so its freezing 
point is lower than that of 0.10 m CO(NHg)>. (b) In solutions of strong 
electrolytes like KCI, ion pairing reduces the effective number of par- 
ticles in solution, decreasing the change in freezing point. The actual 
freezing point is then higher than the calculated freezing point for 
a 0.10 m solution. (b) In solutions of strong electrolytes like NaCl, 
ion pairing reduces the effective number of particles in solution, 
decreasing the change in boiling point. The actual boiling point is 
then lower than the calculated boiling point for a 0.10 m solution. 
13.85 0.130 m urea < 0.080 m KBr < 0.070 m Mg(NO2)2 13.86 
(a) T= —115.0°C, I, = 78.7°C (b) T = —67.3°C, T, = 64.2°C 
(c) TŅ = —0.4°C,T, = 100.1°C (d) T = —0.6 °C, T, = 100.2°C 
13.87 667 g C2H6O2 13.89 II = 7.15 kPa 13.90 The approximate 
molar mass of adrenaline is 1.8 x 10? g. 13.93 i = 2.8 13.94 (a) No. 
In the gaseous state, particles are far apart and intermolecular attrac- 
tive forces are small. When two gases combine, all terms in Equation 
13.1 are essentially zero and the mixture is always homogeneous. (b) 
To determine whether Faraday’s dispersion is a true solution or a col- 
loid, shine a beam of light on it. If light is scattered, the dispersion is a 
colloid. 13.95 Choice (d), CH3(CH2);;COONa, is the best emulsifying 
agent. The long hydrocarbon chain will interact with the hydropho- 
bic component, while the ionic end will interact with the hydrophilic 
component, as well as stabilize the colloid. 13.96 (a) No. The hydro- 
phobic or hydrophilic nature of the protein will determine which elec- 
trolyte at which concentration will be the most effective precipitating 
agent. (b) Stronger. If a protein has been “salted out”, protein-protein 
interactions are stronger than protein-solvent interactions and solid 
protein forms. (c) The first hypothesis seems plausible, since ion- 
dipole interactions among electrolytes and water molecules are stron- 
ger than dipole-dipole and hydrogen bonding interactions between 
water and protein molecules. But, we also know that ions adsorb on 
the surface of a hydrophobic colloid; the second hypothesis also 
seems plausible. If we could measure the charge and adsorbed water 
content of protein molecules as a function of salt concentration, then 
we could distinguish between these two hypotheses. 13.97 (a) Hydro- 
chloride (b) free base (c) 0.492 M free base (d) 7.36 M hydrochloride 
(e) 275 mL of 12.0 M HCI 13.100 (a) kg, = 7.17 X 10-°mol/L-kPa 
(b) Rn = 23 Pa; Sgn = 1.6 X10 °M 13.103 (a) 2.69 m LiBr 
(b) Xyipr = 0.0994 (c) 81.1% LiBr by mass 13.105 Xn,o = 0.95; 
0.0263 mol ions; 0.0132 mol NaCl; 0.769 g NaCl 13.108 (a) — 0.6°C 
(b) —0.4°C 13.111 (a), CF, 1.7 xX 10°74 m; CCIF}, 9 X 1074+ m; 
CCl;F,, 2.3 X 107? m; CHCIF,, 3.5 X 107? m (b) dipole moment 
(c) 3.9 x 104 mol O, 13.114 (a) The central atom and the number 
of electron-pair domains about it are: (i) Cl, 4; (ii) B, 4; (iii) B 6; (iv) Al, 
4; (v) B, 4 (b) tetrahedral (c) The central P atom in anion (iii) has an 
expanded octet. As drawn, the central Cl atom in anion (i) also has 
an expanded octet. Note that multiple resonance structures for ClO, 
can be drawn, including one where Cl obeys the octet rule. The struc- 
ture shown in this exercise is one that minimizes formal charge. (d) 
BARF 13.118 (a) P, = 56.34 kPa (b) Endothermic. Repulsive forces 
lead to an overall lowering of the energy of the system. AH;oin > O. 


Chapter 14 


14.2 (a) Reaction rate is the change in the amount of products or 
reactants in a given amount of time. (b) Rates depend on concentra- 
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tion of reactants, surface area of reactants, temperature, and activation 
energy/presence of catalyst. (c) No. The stoichiometry of the reaction 
(mole ratios of reactants and products) must be known to relate rate 
of disappearance of reactants to rate of appearance of products.14.12 
(a) Rate = k[N20;] (b) Rate = 2.06 x 10-4 M/s (c) When the con- 
centration of N20; triples,the rate of the reaction triples. (d) When 
the concentration of N20; is reduced by 10%, the rate of the reac- 
tion is reduced by 10%. 14.19 (a) A graph of In[A] versus time yields 
a straight line for a first-order reaction. (b) On a graph of In[A] versus 
time, the rate constant is the (-slope) of the straight line. 14.20(a) 
k = 3.2 x 10°°s 1(0.28 d7!) (b) tj = 2.2 X 107s (3.7 min) 14.21 
(a) P = 4kPa (b) t = 51s 14.26 (a) The energy of the collision 
and the orientation of the molecules when they collide determine 
whether a reaction will occur. (b) The rate constant usually increases 
with an increase in reaction temperature. (c) The fraction of mol- 
ecules with energy greater than the activation energy changes most 
dramatically with temperature. Frequency of collision and the ori- 
entation factor are lumped into the frequency factor, A, which is 
considered to be constant with temperature. 14.47 The rate of the 
combustion reaction in the cylinder depends on the surface area of 
the droplets in the spray. The smaller the droplets, the greater the 
surface area exposed to oxygen, the faster the combustion reaction. 
In the case of a clogged injector, larger droplets lead to slower com- 
bustion. Uneven combustion in the various cylinders can cause the 
engine torun roughly and decrease fuel economy. 14.49 Equation (iv) 
(b) rate = —A[B]/At = “ZA[A]/At 14.55 (1) Total potential energy 
of the reactants (2) E,, activation energy of the reaction (3) AE, net 
energy change for the reaction (4) total potential energy of the prod- 
ucts 14.58 (a) NO, + F —> NOF + F; NO, + F —> NOFF (b) 
2NO, + F, —> 2NO,F (ec) F (atomic fluorine) is the intermediate (d) 
rate = k{ NO»][F,] 14. 61 (a) Net reaction: AB + AC —> BA, +C 
(b) A is the intermediate. (c) Az is the catalyst. 


14.64 

Time MolA (a) MoIB [A] A[A] (b) Rate 
(min) (mol/L) (mol/L) (M/s) 

0 0.065 0.000 0.65 

10 0.051 0.014 0.51 —0.14 23% 10% 
20 0.042 0.023 0.42 —0.09 1s 3 10 
30 0.036 0.029 0.36 —0.06 1.0 x 1074 
40 0.031 0.034 0.31 —0.05 Ose RO 
(c) A[BJayg/At = 1.3 X 10 4M/s 
14.65 
(a) 
Time Time Concentration AM Rate (M/s) 
(s) Interval (s) (M) 
0 0.0165 
2,000 2,000 0.0110 —0.0055 28 x 107 
5,000 3,000 0.00591 —0.0051 17 x 10-7 
8,000 3,000 0.00314 —0.00277 9.3 x 107 
12,000 4,000 0.00137 —0.00177. 4.43 x 10°” 
15,000 3,000 0.00074 —0.00063 2.1 x 1077 


(b) The average rate of reaction is 1.05 x 10-°M/s (c) The aver- 
age rate between t = 2000 and t = 12,000 s (9.63 x 10°7M/s) is 
greater than the average rate between t = 8,000 and t = 15,000 s 
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(3.43 xX 10°7M/s). (d) From the slopes of the tangents to the graph, 
the rates are 12 x 10°-7M/s at 5000s, 5.8 x 10-7M/s at 8000s. 
14.66 (a) —A[CO]/At = A[CO,]/At = A[H2]/At; -A[H,0]/At= 
A[CO,]|/At = A[H,]At (b) -A[NO]/At = A[NOCI]/At -A 
[Cl2]/At = A[NOCI]]/2 At (c) —A[CO4]/At = A[CO2]/At = A[H20]/ 
2 At; — A[O2]/At = 2A[CO2]/At = A[H20]/At 

(d) —A[N,O4]/At = A[NO,]/At 

14.67 (a) —A[O2]/At = 0.25 mol/s; A[H,0]/At = 0.5 mol/s 

(b) Bota decreases by 30 kPa/min. 14.68 (a) If [B] doubles, there 
is no change in the rate or the rate constant. (b) The reaction is 
third order in A, zero order in B, and third order overall. (c) units 
of k = Ms 14.70 (a) 5.2 x 107M~'s"! (b) If [OH™] is cut in 
half, the rate decreases by a factor of %. (c) If both [OH] and 
[C2H;C1] are cut in half, the rate decreases by a factor of 4. 14.71 
(a) Rate = k{OCI ][I] (b)k = 60M 1st. (c) Rate = 6.0 x 10° M/s 
14.72 (a) Rate = k| BF; ][NH3] (b) The reaction is second order overall. 
(€) kag = 3.41 M'S™' (d) 0.170 M/s 14.73 (a) Rate = k[NO}*[Bry] 
(b) kag= 1.2 x 10'M*s? (c) ZA[NOBr]/ At = —A[Bry]/At 
(d) -A[Br]/At = 8.4M/s 14.77 Plot (ln Ro,cı) versus time, 
k = -slope = 2.19 x 10s"! 14.78 (a) The plot of 1/[A] versus 
time is linear, the reaction is second order in [A]. (b) 281 seconds (c) 
tı;2 = 38 min 14.79 (a) The plot of 1/[NO,] versus time is linear, 
so the reaction is second order in NOz. (b) k = slope = 10 M's"! 
(c) rate at 0.200 M = 0.400 M/s, rate at 0.100 M = 0.100 M/s; rate 
at 0.050 M = 0.025 M/s 14.81 f = 1.81 x 107. At 300 K, approxi- 
mately 2 out of 100 molecules have this kinetic energy. 


14.82 
a { E,=7KJ 


- 


AE 


(b) E (reverse) = 73 kJ 14.83 (a) False (b) false (c) true 14.84 The 
order of slowest reaction to fastest reaction is: rate (b) < rate (c) < 

rate (a) 14.85 (a) k = 1.1 s~! (b) k = 13 s™! (c) The method in parts 
(a) and (b) assumes that the collision model and thus the Arrhenius 
equation describe the kinetics of the reactions. That is, activation 
energy is constant over the temperature range under consider- 
ation. 14.86 A plot of In k versus 1/T has a slope of —5.64 x 10°; 
E, = —R(slope) = 47.5 kJ/mol 14.87 (a) An elementary reaction is a 
process that occurs as a single event; the order is given by the coef- 
ficients in the balanced equation for the reaction. (b) A unimolecular 
elementary reaction involves only one reactant molecule; a bimolecu- 
lar elementary reaction involves two reactant molecules. (c) A reac- 
tion mechanism is a series of elementary reactions that describes how 
an overall reaction occurs and explains the experimentally deter- 
mined rate law. (d) A rate-determining step is the slow step in a reaction 
mechanism. It limits the overall reaction rate. 14.88 (a) Bimolecular, 
rate = k{H,O][CN ] (b) bimolecular, rate = k| CH3Cl][OH] (c) uni- 
molecular, rate = k[N20,] 14.89 (a) Two intermediates, B and C. (b) 
three transition states (c) C —— Dis fastest. (d) AE is positive. 14.90 
(a) H2(g) + 2ICI(g) > L(g) + 2 HCl(g) (b) HI is the intermediate. 
(c) If the first step is slow, the observed rate law is rate = k[ H2][ICI]. 
14.91 (a) The two-step mechanism is consistent with the data, assum- 
ing that the second step is rate determining. (b) No. The linear plot 
guarantees that the overall rate law will include [NO]. Since the data 
were obtained at constant [C12], we have no information about reac- 
tion order with respect to [Cl2]. 14.92 (a) A catalyst is a substance 


that changes (usually increases) the speed of a chemical reaction 
without undergoing a permanent chemical change itself. (b) A 
homogeneous catalyst is in the same phase as the reactants, while a 
hetereogeneous catalyst is in a different phase. (c) A catalyst has no 
effect on the overall enthalpy change for a reaction, but it does affect 
activation energy. It can also affect the frequency factor. 


14.93 


[Br ] 


time 


14.94 (a) Multiply the coefficients in the first reaction by 2 and 
sum. (b) NO2(g) is a catalyst. (c) NO(g) is an intermediate. (d) This 
is a homogeneous catalysis. 14.95 (a) Use of chemically stable sup- 
ports makes it possible to obtain very large surface areas per unit 
mass of the precious metal catalyst because the metal can be depos- 
ited in a very thin, even monomolecular, layer on the surface of the 
support. (b) The greater the surface area of the catalyst, the more 
reaction sites, the greater the rate of the catalyzed reaction. 14.96 
To put two D atoms on a single carbon, it is necessary that one of 
the already existing C—H bonds in ethylene be broken while the 
molecule is adsorbed, so that the H atom moves off as an adsorbed 
atom and is replaced by a D atom. This requires a larger activation 
energy than simply adsorbing C,H, and adding one D atom to each 
carbon. 14.97 The enzyme lowers the activation energy of the reac- 
tion by 44 kJ/mol. 14.98 (a) The catalyzed reaction is approximately 
10,000,000 times faster at 25 °C (b) The catalyzed reaction is 180,000 
times faster at 125°C. 14.101 (a) Rate = 4.7 x 10° M/s (b, ©) 
k = 0.84 M~s"! (d) If the [NO] is increased by a factor of 1.8, the rate 
would increase by a factor of 3.2. 14.105 (a) The reaction is second 
order in C2F,. (b) 889 seconds 14.109 (a) The half-life of cobalt-60 is 
5.29 years, that of iron-59 is 44.7 days. (b) Iron-59 decays at a faster rate. 
(c) 0.13 mg remains after three half-lives. (d) 0.925 mg remains 
after five days. 14.113 (a) The plot of 1/[C;H6] versus time is 
linear and the reaction is second order. (b) k = 0.167 M!s“! 
14.116 (a) When the two elementary reactions are added, N2O2(g) 
appears on both sides and cancels, resulting in the overall reac- 
tion. 2 NO(g) + H2(g) —> N2O(g) + H2,O(g) (b) First reaction, 
—-[NO]/At = k[NO]?, second reaction, —[H2]/At = k[H2][N.O>] 
(c) N20; is the intermediate. (d) Because [H,] appears in the rate 
law, the second step must be slow relative to the first. 14.119 (a) 
Cl(g) + CHCl3(g) —> HCl(g) + CCla(g) (b) Cl(g), CCls(g) (c) reac- 
tion 1, unimolecular; reaction 2, bimolecular; reaction 3, bimolecu- 
lar (d) Reaction 2 is rate determining. (e) Rate = k[ CHCl; ][C1;]"/2. 
14.124 The enzyme must lower the activation energy by 22 kJ in 
order to make it useful. 14.129 (a) k = 8 x 10” Ms! 


(b):N=O: 
:O=N—F: <> (:60—N=f) 


(c) NOF is bent with a bond angle of approximately 120° 


SPN | 
FF 


(e) The electron-deficient NO molecule is attracted to electron-rich 
F, so the driving force for formation of the transition state is greater 
than simple random collisions. 


14.132 (a) 


© i 
(b) A reactant that is attracted to the lone pair of electrons on nitro- 


gen will produce a tetrahedral intermediate. This can be a moiety 
with a full, partial, or even transient positive charge. 


Chapter 15 


15.2 (a) K = 0.1 (b) At equilibrium, the partial pressure of A is 
greater than the partial pressure of B. 15.17 K, = 10.5 15.18 (a) 
[NO] = 0.050, [N2] = 0.010, [H20] = 0.150 (b) K, = 9.0 x 10? 
15.32 (a) Endothermic (b) The equilibrium constant increases. 
(c) The forward rate constant increases by a larger amount than 
the reverse rate constant. 15.33 (a) kp >k, (b) The equilib- 
rium constant is greater than one. 15.35 K is greater than one. 
15.37 A(g) + B(g) = — AB(g) has the larger equilibrium con- 
stant. 15.38 From the smallest to the largest equilibrium con- 
stant, (c) < (b) < (a). 15.39 Statement (b) is true. 15.41 Two B 
atoms should be added to the diagram. 15.43 K, decreases as T 
increases, so the reaction is exothermic. 15.46 (a) K, = [1?]/[l2]; 
homogeneous (b) K, = [SO3]*/[SO2]*[O2]; homogeneous (c) 
K, = [CO]?/[CO]; heterogeneous (d) K, = [CO,][H2]/[H,O][CO]; 
homogeneous (e) K, = [HCO3][H*]/[CO2]; homogeneous (f) 
K: = [Zn?*][Fe? ]; heterogeneous (g) K; = [Ca?*][CO3]; heteroge- 
neous 15.47 (a) Mostly products (b) at low total pressure, mostly 
reactants 15.48 (a) True (b) false (c) false 15.49 K, = 1.6 x 10° 
15.50 (a) The equilibrium favors NO and Br, at this tempera- 
ture. (b) K. = 77 (c) K, = 8.8 15.51 (a) K, = 5.44 (b) K, = 0.034 
(c) K, = 283 15.52 K,= 2.9 x 10° 15.53 (a) K, = Po, (b) 
K, = [Hg(solv)]}*[O2(solv)] 15.55 (a) K, = 0.61 (b) K. = 2.8 x 10° 
15.58 (a) Pio = 326 kPa, Py, = 203 kPa, Poo, = 405 kPa (b) 
Pio = 347 kPa, Ph,o = 182 kPa, Poo, = 384 kPa, Peo = 21 kPa (c) 
K, = 0.10 (d) K. = 0.10 15.60 K, = 2.0 x 10* 15.61 (a) The value of 
Q, is zero. (b) As the reaction proceeds, the value of Q, will increase. 
(c) The reaction must be at equilibrium. 15.62 (a) Q = 7.2 X 10°, 
the reaction will proceed to the left. (b) Q = 3.0 x 10", the reac- 
tion will proceed to the right. (c) Q = 5.18 x 107°, the reaction will 
proceed to the left. 15.63 Ry, = 395 kPa 

15.65 [Br] = 0.00939 M, [Br] = 0.00312 M, 0.250 g Br(g) 

15.67 [I] = 4.73 x 10M, [Ip] = 7.2 x 1075M, 0.092 g I 

15.68 [NO] = 0.003 M, [N2] = [02] = 0.12 M 

15.69 The equilibrium pressure of Bro(g) is 205 kPa. 

15.71 (a) [Ca?*] = [SOZ7] = 4.9 x 10°° M (b) A bit more than 1.0 g 
CaSO, is needed in order to have some undissolved CaSO, (s) in equi- 
librium with 1.4 L of saturated solution. 

15.72 [IBr] = 0.180 M, [I2] = [Br] = 0.0102 M 

15.74 (a) Pou = Pur = 130 Pa, Pou, = 13.2 kPa, R, = 6.5 kPa 

15.76 (a) No effect (b) shift equilibrium to the left (c) shift equilib- 
rium to the right (d) shift equilibrium to the left (e) shift equilibrium 
to the left (£) no effect 15.77 (a) No effect (b) no effect (c) increase 
Kp (d) no effect (e) decrease Kp 15.78 (a) AH? = —155.7 kJ (b) The 
reaction is exothermic, so the equilibrium constant will decrease 
with increasing temperature. (c) An does not equal zero, so a change 
in volume at constant temperature will affect the fraction of prod- 
ucts in the equilibrium mixture. 15.79 An increase in pressure favors 
formation of ozone. 15.83 K, = 2.5 X 105; K, = 3.67 x 10°? 15.86 
(a) Py, = 16.3kPa Ryo = 63.6 kPa, PNosr = 18.1 kPa; K, = 0.0643 
(b) P, = 98.1 kPa, (c) 10.49 g NOBr 

15.90 [CO2] = [H2] = 0.264 M, [CO] = [H20] = 0.236M 15.98 
Q=8x10°%Q> Kp, so the system is not at equilibrium; it will 
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shift left to attain equilibrium. A catalyst that speeds up the reaction 
and thereby promotes the attainment of equilibrium would decrease 
the CO concentration in the exhaust. 15.100 At equilibrium, 
[H4105] = 0.0015 M 


Chapter 16 

16.37 (a) CsH;OH(aq) + H,O(1) == H30*(aq) + Cs5H50 (aq) 

(b) Kp = 7.7 X 10° (c) Phenol is a stronger acid than water. 

16.47 NH3(aq) + H20(/) == NH; (aq) + OH (aq). Ammonia, 
NHs3, acts as an Arrhenius base because it increases the concentration 
of hydroxide ion, OH, in aqueous solution. It acts like a Bronsted- 
Lowry base because it is a proton, H*, acceptor. It acts like a Lewis 
base because it is an electron pair donor. 16.50 (a) HCl, the H* donor, 
is the Bronsted-Lowry acid. NH3, the H* acceptor, is the Bronsted- 
Lowry base. (b) HCI, the electron pair acceptor, is the Lewis acid. NH3, 
the electron pair donor, is the Lewis base. 16.54 (a) HY is a strong 
acid. There are no neutral HY molecules in solution, only H* cations 
and Y anions. (b) HX has the smallest K, value. It has most neutral 
acid molecules and fewest ions. (c) HX has fewest H* and highest pH. 
16.60 (a) Molecule (b) is more acidic because its conjugate base is 
resonance-stabilized and the ionization equilibrium favors the more 
stable products. (b) Increasing the electronegativity of X increases 
the strength of both acids. As X becomes more electronegative and 
attracts more electron density, the O— H bond becomes weaker, more 
polar, and more likely to be ionized. An electronegative X group also 
stabilizes the anionic conjugate bases by delocalizing the negative 
charge. The equilibria favor products and the values of K, increase. 
16.62 HClisthe Bronsted-Lowry acid; NH3isthe Bronsted-Lowry base. 
16.63 (a) (i) HPOẸ (ii) Br~ (b) (i) HCN (ii) H2504 


16.64 
Conjugate Conjugate 
Acid + Base = Acid + Base 
(a) NH," (aq) CN (aq) HCN(aq) NH3(aq) 
(b) H,0(2) (CH3)3N(aq) (CH3)3;NH* (aq) OH (aq) 
(c) HCOOH(4q) POF (aq) HPO?" (aq) HCOO (aq) 


16.65 (a) Acid: HCOş (aq) + H2O(1) —> H30*(aq) + COZ (aq), 
Base: HCO; (aq) + H2O(1) —— OH (aq) + H2CO3(aq) (b) H2CO3 
is the conjugate acid of HCO3. COF is the conjugate base of HCO;. 
16.66 (a) F, weak base; HF, weak acid (b) HBr, strong acid; Br, neg- 
ligible base (c) HS”, strong base; HS, weak acid (d) C103, negligible 
base; HC1O,, strong acid (e) HCOO7, weak base; HCOOH, weak acid 
16.67 (a) HBr (b) F 16.68 (a) OH (aq) + OH (aq), the equilibrium 
lies to the right. (b) H2S(aq) + CH3COO (aq), the equilibrium lies 
to the right. (c) HNO3(aq) + OH” (aq), the equilibrium lies to the 
left. 16.69 Statement (ii) is correct. 16.70 (a) [H*] = 1.4 x 10° M, 
acidic (b) [H*] = 6.7 x 1071"? M, basic (c) [H*] = 3.16 x 107 M, 
acidic 16.71 [H*] = [OH ] = 7.5 x 107 M 16.72 (a) [H*] changes 
by a factor of 1000. (b) [H*] changes by a factor of 2. 


16.73 

Acidic 
[H+] [0H] pH pOH or Basic 
5.7 X IO 1.8 x 10°12M 2.24 11.76 acidic 
1.6 X 10°M 6.3 X 1071M 4.80 9.20 acidic 
E O OM 8.9 x 10°M 9.95 a05 basic 
16x 107M 6.3 x 10°M 9.80 4.20 basic 


16.74 [H*] = 4.0 x 10 M, [OH] = 6.0 x 107 M, pOH = 6.22 
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16.75 (a) Acidic (b) The range of possible integer pH values for 
the solution is 4-6. (c) Methyl red would help determine the pH 
of the solution more precisely. 16.76 (a) True (b) true (c) false 
16.77 (a) [H*] = 8.3 x 104M; pH = 3.08 

(b) [H*] = 0.0381 M, pH = 1.42 

(c) [H*] = 0.0125 M, pH = 1.903 

(d) [H] = 0.150 M, pH = 0.823 

16.78 (a) [OH] = 3.0 x 10° M, pH = 11.48 

(b) [OH ] = 0.3758 M, pH = 13.5750 

(c) [OH] = 8.75 x 105M, pH = 9.942 

(d) [OH ] = 0.17 M, pH = 13.23 16.79 0.050 M NaOH 

16.80 (a) HNO2(aq) == H*(aq) + NO; (aq), 

Ka = [H*][NO3]/[HNO,]; 

HNO}(aq) + HzO == H30*(aq) + NO3(aq), 

Ka = [H307][NOz]/HNO, 

(b) CIH; CCOOH(aq) == H*(aq) + CIH,CCOOH (aq), 

K, = [H*][CIH,CCOO ]/[ClH,CCOOH}]; 

CIH;,CCOOH(aq) + HO == H30*(aq) + CIH; CCOO (aq), 

K, = [H30*][CIHzCCOO ]/[CIH,CCOOH] 

16.81 K, = 1.4 x 10% 16.82 [H*] = [CNOT] = 5.9 x 10° M, 
[HCNO] = 9.4 x 10°°M, Ka = 3.7 X 10° 16.83 2.2 M 

CH3COOH 16.85 [H*] = [CsH;COO7] = 2.5 x 10° M, 
[CsHs;COOH] = 0.098 M 16.86 [H+] = 3.2 x 10°? M, pH = 1.49 
16.87 (a) [H*] = 2.8 x 10° M, 0.69% ionization 

(b) [H*] = 1.4 x 10°? M, 1.4% ionization 

(c) [H*] = 8.7 x 10°? M, 2.2% ionization 

16.88 (a) [H*] = 5.1 x 10° M, pH = 2.30. (b) Yes. We started 
the calculation by assuming that only the first step made a signifi- 
cant contribution to [H*] and pH. Calculation proved this assump- 
tion to be true. Next we assumed [H*] from the first ionization was 
small relative to 0.040 M citric acid; this assumption was not valid. 
Finally we assumed that additional ionization of [H2C6H507] was 
small, which was true. (c) [C6H:077] is much less than [H+]. 16.89 
(a) HONH;° (b) When hydroxylamine acts as a base, the nitrogen 
atom accepts a proton. (c) In hydroxylamine, O and N are the atoms 
with nonbonding electron pairs; in the neutral molecule both have 
zero formal charges. Nitrogen is less electronegative than oxygen and 
more likely to share a lone pair of electrons with an incoming (and 
electron-deficient) H*. The resulting cation with the +1 formal charge 
on N is more stable than the one with the +1 formal charge on O. 
16.90 (a) (CH3) N(aq) + H,O(1) == (CH3), NH* (aq) + OH (aq); 
K, = [(CH3)3NH"][OH™ ]/[(CH3)3N] 

(b) SO}(aq) + H,O(/) == HSO3(aq) + OH™(aq); 

Ky = [HSO3][OH ]/[SO3 ] 

(c) CN (aq) + H20(1) == HCN(aq) + OH (aq); 

K, = [HCN][OH]/[CN } 

16.91 From the quadratic formula, [OHT] = 5.4 x 10° M, 

pH = 11.73 16.92 (a) [C10H15ON] = 0.033 M, [CyoH,;;0NH*] = 
[OH*] = 2.1 x 10°M (b) K, = 1.4 x 107+ 

16.94 (a) Hydrofluoric acid is stronger. (b) Cyanate ion is the stron- 
ger base. (c) For NCO’, K, = 2.9 x 10°}; for F`, Kp = 1.5 x 10°" 
16.95 (a) [OH ] = 5.7 x 10°* M, pH = 10.75 

(b) [OH] = 1.3 x 10°*M, pH = 10.10 

(c) [OH] = 3.5 x 10°°M, pH = 8.54 16.97 0.11 M KCH;COO 
16.99 (a) Acidic (b) acidic (c) basic (d) neutral (e) acidic 16.100 K, for 
the anion of the unknown salt is 1.4 x 107"; K, for F` is 1.5 x 1071}; 
The unknown salt is NaF. 16.101 (a) HNO; is a stronger acid than 
HNO, (b) HS is a stronger acid than H,O. (c) HSO; is a stron- 
ger acid than H2SeO,4. (d) CCl;COOH is stronger than CH3;COOH 
16.102 (a) BrO (b) BrO (c) HPO, 16.103 (a) True (b) False. In 
a series of acids that have the same central atom, acid strength 
increases with the number of nonprotonated oxygen atoms bonded 


to the central atom. (c) False. H2Te is a stronger acid than HS 
because the H—Te bond is longer, weaker, and more easily ion- 
ized than the H—S bond. 16.105 (a) Acid, Fe(ClO,4)3 or Fe**, base, 
HO (b) Acid, H20; base, CN” (c) Acid, BF;; base, (CH3)3N (d) 
Acid, HIO; base, NH; 16.106 (a) Cu?*, higher cation charge 
(b) Fe?*, higher cation charge (c) Al’*, smaller cation radius, same 
charge 16.107 (a) [H*] = 1.3 x 10°° M, pH = 2.85 

(b) [H*] = 2.7 x 10°*M, pH = 3.56 

(c) [OH] = 3.6 x 10°°M, pH = 9.55 16.111 K = 3.3 x 107 
16.116 pH = 7.03 (not 6.1, from the typical calculation, which 
does not make sense). Usually we assume that [H*] and [OH ] 
from the autoprotolysis of water do not contribute to the overall 
[H*] and [OH]. However, for acid or base solute concentrations 
less than 1.0 x 10°°M, the autoprotolysis of water produces sig- 
nificant [H*] and [OH] and we must consider it when calculating 
pH. 16.119 (a) pK, = 4.84 (b) pH = 2.98 (c) pH = 8.86 16.123 
Nicotine, protonated; caffeine, neutral base; strychnine, protonated; 
quinine, protonated 16.126 6.0 x 10”? H* ions 16.129 (a) To the 
precision of the reported data, the pH of rainwater 40 years ago was 
5.4, no different from the pH today. With extra significant figures, 
[H*] = 3.61 x 10°°M, pH = 5.443 (b) A 20.0-L bucket of today’s 
rainwater contains 0.02 L (with extra significant figures, 0.0200 L) of 
dissolved CO3. 16.133 Rx 1, AH = 104kJ; Rx 2, AH = —32 KJ. Reac- 
tion 2 is exothermic while reaction 1 is endothermic. For binary acids 
with heavy atoms (X) in the same family, the longer and weaker the 
H—x bond, the stronger the acid (and the more exothermic the ion- 
ization reaction). 16.136 (a) K(i) = 5.6 x 10°, K(ii) = 10 (b) Both 
(i) and (ii) have K > 1, so both could be written with a single arrow. 
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17.17 (a) Curve B (b) pH at the approximate equivalence point 
of curve A = 8.0, pH at the approximate equivalence point of 
curve B = 7.0 (c) For equal volumes of A and B, the concen- 
tration of acid B is greater, since it requires a larger volume of 
base to reach the equivalence point. (d) The pK, value of the 
weak acid is approximately 4.5 17.35 More soluble in acid: 
(b) CuS (c) Cd(OH), (d) PbF, 17.45 (a) Base is required to increase 
[POF] so that the solubility product of the metal phosphates of 
interest is exceeded and the phosphate salts precipitate. (b) Ksp for 
the cations in group 3 is much larger; to exceed K,,, a higher [S2] 
is required. (c) They should all redissolve in strongly acidic solution. 
17.46 The middle box has the highest pH. For equal amounts of 
acid HX, the greater the amount of conjugate base X7, the smaller 
the amount of H* and the higher the pH. 17.52 (a) The red curve 
corresponds to the more concentrated acid solution. (b) On the 
titration curve of a weak acid, pH = pK, at the volume halfway to 
the equivalence point. Reading the pK, values from the two curves, 
the red curve has the smaller pK, and the larger K,. 17.54 (a) The 
right-most diagram represents the solubility of BaCO; as HNO; is 
added. (b) The left-most diagram represents the solubility of BaCO; as 
NaCO; is added. (c) The center diagram represents the solubility of 
BaCO; as NaNO; is added. 17.58 Statement (a) is most correct. 17.59 
(a) [H*] = 1.58 x 10°°M, pH = 4.80 (b) [OH] = 5.44 x 10°M, 
pH = 9.74 (c)[H*] = 1.44 x 10°°M, pH = 4.84 17.60 (a) 4.2% ion- 
ization (b) 0.020 % ionization 17.61 Only solution (b) is a buffer 
17.62 (a) pH = 3.76 (b) pH = 3.28 17.63 (a) pH = 5.31 

(b) Na*(aq) + CH3COO (aq) + H*(aq) + NO3(aq) —> 
CH3COOH(aq) + Na*(aq) + NO3(aq) 

(c) CHCOOH (aq) + K*(aq) + OH (aq) —> 

CH3COO (aq) + K*(aq) + H2O(1) 17.64 (a) pH = 1.65 (b) 10 g NaF 
17.65 (a) pH = 4.84 (b) pH = 5.05 (c) pH = 4.65 


17.66 (a) [HCO3]/[H,CO3] = 11 (b) [HCO3]/[H,CO3] = 5.4 
17.67 1.41 L of 0.2 M KH; POg, 0.59 L of 0.2 M H; PO, 

17.69 (a) False (b) true (c) true 17.70 (a) Above pH 7 (b) below pH 

7 (c) at pH 7 17.71 The second color change of thymol blue is in the 
correct pH range to show the equivalence point of the titration of a 
weak acid with a strong base. 17.72 (a) 36.0 mL KOH soln (b) 45.0 
mL KOH soln (c) 24.7 mL KOH soln 17.73 (a) pH = 1.54 

(b) pH = 3.30 (c) pH = 7.00 (d) pH = 10.69 (e) pH = 12.74 

17.74 (a) pH = 2.67 (b) pH = 4.74 (c) pH = 6.43 (d) pH = 8.80 
(e) pH = 11.15 (f) pH = 12.10 17.75 (a) pH = 7.00 

(b) [HONH3"] = 0.100 M, pH = 3.52 (c) [C6Hs;NH3"] = 0.100 M, 
pH = 2.82 17.76 (a) True (b) false (c) false (d) true 

17.77 Ky, = [Ba ][CrOF ]; Ky, = [Cu2* ][S?-]; 

Ksp = [Pb?*][CI-}?; Ksp = [La?"] [F7]? 17.78 (a) Ksp = 7.63 xX 107° 
(b) Kp = 2.7 x 10° (c) 5.3 x 10™ mol Ba(IO3)2/L 

17.79 K,, = 2.3 X 107! 17.80 (a) 9.1 x 10° mol Agl/L 

(b) 5.5 x 10716 mol Agl/L (c) 1.7 x 10715 mol Agl/L 17.81 (a) The 
amount of CaF,(s) on the bottom of the beaker increases. (b) The 
[Ca?*] in solution increases. (c) The [F7] in solution decreases. 
17.82 (a) 1.4 x 10° gMn(OH);/L (b) 0.014 g/L (c) 3.6 x 107 g/L 
17.84 [Cu?] = 7 x 107!!! M, [Cu(NH3)3*] = 3.72 x 10? M 
17.85 (a) 9.1 xX 107° mol Agl per L pure water 

(b) K = Kp X Kp = 8 X 10* (c) 0.0500 mol Agl per L 0.100 M NaCN 
17.86 (a) Q < Ksp; no Ca(OH), precipitates (b) Q < Ksp; no Ag,SO4 
precipitates 17.87 pH = 11.5 17.88 LaF; will precipitate first, at 
[F7] = 1 x 10°M. 17.89 AgCl will precipitate first. 17.90 Ag* 
(Group 1) and Mg?” (Group 4) are definitely absent. AL (Group 3) 
is definitely present and Na‘ (Group 5) is possibly present. 17.91 (a) 
Make the solution acidic with 0.2 M HCl; saturate with H3S. CdS will 
precipitate; ZnS will not. (b) Add excess base; Fe(OH3)(s) precipitates, 
but Cr?* forms the soluble complex Cr(OH)3. (c) Add (NH4)2,HPO,; 
Mg?” precipitates as MgNH4PO,; K* remains soluble. (d) Add 6 M 
HCI; precipitate Ag* as AgCl(s); Mn?* remains soluble. 

17.93 pOH = pK, + log {[BH ]/[B]} 17.99 (a) 6.5 mL glacial ace- 
tic acid, 5.25 g CH;COONa 17.101 (a) The molar mass of the acid 
is 121 g/mol. (b) K, = 6.3 X 10° 17.107 (a) [Pb?*] = 2.7 x 107 M 
(b) 56 ppb Pb?* (c) The solubility of PbCO; increases as pH is lowered. 
(d) A saturated solution of lead carbonate, with a lead concentra- 
tion of 56 ppb, exceeds the EPA acceptable lead level of 15 ppb. 
17.112Thesolubility of Fe(OH), in0.50MNH,Clis5.34 x 107 mol/L 
17.118 [OH] = 1.0 x 10°?M or pH = 12.02 17.121 (a) The molar 
mass of the acid is 94.5 g/mol. (b) K, = 1.3 X 10-5 (c) From Appen- 
dix D, butanoic acid is the closest match for K, and molar mass, but 
the agreement is not exact. 17.123 (a) At the conditions given for 
the stomach, 99.7% of the aspirin is present as neutral molecules. 
17.127 (a) [Ag*] from AgCl is 1.4 x 10° ppb or 1.4 ppm. (b) [Ag*] 
from AgBr is 76 ppb. (c) [Ag*] from Ag] is 0.98 ppb. AgBr would main- 
tain [Ag+] in the correct range. 


Chapter 18 


18.5 (a) The partial pressure of O3 is 8.5 x 10~? Pa. (b) 2.0 x 10 O3 
molecules/1.0 L air 18.13 (a) A chlorofluorocarbon is a compound 
that contains chlorine, fluorine, and carbon, while a hydrofluoro- 
carbon is a compound that contains hydrogen, fluorine, and carbon. 
An HFC contains hydrogen in place of the chlorine present in a CFC. 
(b) HFCs are potentially less harmful to the ozone layer than CFCs 
because their photodissociation does not produce Cl atoms, which 
catalyze the destruction of ozone. 18.33 (a) A volume greater than 
22.4 L (b) No. The relative volumes of one mole of an ideal gas at 
50 km and 85 km depend on the temperature and pressure at the two 
altitudes. From Figure 18.1, the gas will occupy a much larger volume 
at 85 km than at 50 km. (c) We expect gases to behave most ideally in 
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the thermosphere, around the stratopause and in the troposphere at 
low altitude. 18.35 (a) A = troposphere, 0-10 km; B = stratosphere, 
12-50 km; C = mesosphere, 50-85 km (b) Ozone is a pollutant in the 
troposphere and filters UV radiation in the stratosphere. (c) The tro- 
posphere (d) Only region C in the diagram is involved in an aurora 
borealis, assuming a narrow “boundary” between the stratosphere 
and mesosphere at 50 km. (e) The concentration of water vapor is 
greatest near Earth’s surface in region A and decreases with altitude. 
Water’s single bonds are susceptible to photodissociation in regions B 
and C, so its concentration is likely to be very low in these regions. The 
relative concentration of CO,, with strong double bonds, increases in 
regions B and C, because it is less susceptible to photodissociation. 
18.37 The Sun 18.39 CO,(g) dissolves in seawater to form H,CO3(aq). 
The basic pH of the ocean encourages ionization of HzCO3(aq) to 
form HCO; (aq) and CO?" (aq). Under the correct conditions, car- 
bon is removed from the ocean as CaCO3;(s) (sea shells, coral, chalk 
cliffs). As carbon is removed, more CO (g) dissolves to maintain 
the balance of complex and interacting acid-base and precipitation 
equilibria. 18.41 Above ground, evaporation of petroleum gases and 
hydrogen sulfide at the well head, evaporation of volatile petroleum 
products and organic compounds from waste ponds, as well as leak- 
age and overflow from the ponds are potential sources of contamina- 
tion. Below ground, petroleum gases and fracking liquid can migrate 
into groundwater, both deep and shallow aquifers. 18.43 (a) Its tem- 
perature profile (b) troposphere, 0 to 12 km; stratosphere, 12 to 50 
km; mesosphere, 50 to 85 km; thermosphere, 85 to 110 km 
18.45 7.3 x 10!° CO molecules/1.0 L air 18.46 (a) 499 nm (b) vis- 
ible electromagnetic radiation 18.47 (a) Photodissociation is cleavage 
of a bond such that two neutral species are produced. Photoionization 
is absorption of a photon with sufficient energy to eject an electron, 
producing an ion and the ejected electron. (b) Photoionization of O3 
requires 1205 kJ/mol. Photodissociation requires only 495 kJ/mol. 
At lower elevations, high-energy short-wavelength solar radiation 
has already been absorbed. Below 90 km, the increased concen- 
tration of O, and the availability of longer-wavelength radiation 
cause the photodissociation process to dominate. 18.48 (a) 127 nm 
(b) A wavelength of 127 nm is in the ultraviolet portion of the electro- 
magnetic spectrum. The energy is not enough energy to photoionize 
N2. 18.49 Ozone depletion reactions, which involve only O3, O2, or 
O (oxidation state = 0), do not involve a change in oxidation state 
for oxygen atoms. Reactions involving ClO and one of the oxygen 
species with a zero oxidation state do involve a change in the oxida- 
tion state of oxygen atoms. 18.51 (a) The maximum wavelength of a 
single photon that will break a C—C bond is 344 nm. The maximum 
wavelength of a single photon that will break a C— H bond is 291 nm. 
(b) The photodissociation of both C—C bonds and C—H bonds will 
be significant. 18.52 2 NO2(g) + H,O(/) == HNO, + HNO3(aq); 
2 NO(g) + O2 + H,O(1) == HNO,(aq) + HNO; 

18.53 (a) H2SO,(aq) + Fe(s) —> FeSO,(aq) + H2(g) (b) As cop- 
per is a much more noble metal than iron, acid alone cannot attack 
copper. But the combination of acid and oxygen is a very corro- 
sive medium, that can dissolve copper: HSO4(aq) + +O2(g) + 
Cu(s) —> CuSO,(aq) + H,O0()) 18.54 (a) Ultraviolet (b) 357 kJ/mol 
(c) The average C—H bond energy from Table 8.3 is 413 kJ /mol. The 
C—H bond energy in CH,0, 357 kJ/mol, is less than the “average” 
C—H bond energy. 


(d) :0: :O: 
H—C—H + hv > H—C: + H: 


18.55 (a) 235 W/m?. (b) Four sources, surface radiation, evapo- 
transpiration, incoming solar radiation and convective heating, 
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transfer energy to the atmosphere. Surface radiation makes the 
largest contribution and convective heating the smallest. (c) Of 
the 519 W/m? absorbed by the atmosphere, 324 W/m? are radi- 
ated back to the surface. The percentage is 62.4%. 18.56 0.445 M 
18.57 (a) 3.22 x 103 gH,0O (b) The final temperature is 43.4 °C. 18.58 
961.4 kg CaO 18.59 (a) The total cation charge is 5.866 = 5.9 C; the 
total anion chargeis 5.847 = 5.8 C. The two numbers vary in the third 
significant figure. This is not surprising, because the molarities of the 
various ions are given to two significant figures. 18.60 The minimum 
pressure required to initiate reverse osmosis is greater than 599 kPa. 
18.61 (a) CO,(g), HCO;, H,O(), $027, NO7, HPOZ~, H,PO, 

(b) CHy(g), HS(g), NH3(8), PH3(g), 18.62 8.1 g O2 

18.63 5 Ca** (aq) + 4 OH-(aq) + 3 HPO?~ (aq) —> Ca;(OH) 
(PO4)3(s) + 3 H2O(/) 18.64 (a) Trihalomethanes are the by-products 
of water chlorination; they contain one central carbon atom bound 
to one hydrogen and three halogen atoms. 


b) H H 
| | 
a a 
Cl Cl 


18.65 The fewer steps in a process, the less waste is generated. Pro- 
cesses with fewer steps require less energy at the site of the process 
and for subsequent cleanup or disposal of waste. 18.66 (a) HO 
(b) It is better to prevent waste than to treat it. Atom economy. 
Less hazardous chemical synthesis and inherently safer for acci- 
dent prevention. Catalysis and design for energy efficiency. Raw 
materials should be renewable. 18.67 (a) Vegetable oil as a raw 
material, by criteria 5, 7, and 12. (b) Water as a solvent, by criteria 
5, 7, and 12. (c) Catalyzed reaction, by criteria 6, 9 and 12. 18.71 
Multiply equations 18.7 and 18.9 by a factor of 2. Add these two 
equations to a third equation, O(g) + O(g) —> On2(g). 2 Cl(g) 
and 2 ClO(g) cancel from each side of the resulting equation to pro- 
duce equation 18.10. 18.74 (a) A CFC has C—Cl bonds and C—F 
bonds. In an HFC, the C—Cl bonds are replaced by C—H bonds. 
(b) Stratospheric lifetime is significant because, the longer a 
halogen-containing molecule exists in the stratosphere, the greater 
the likelihood that it will encounter light with energy sufficient 
to dissociate a carbon-halogen bond. Free halogen atoms are the 
bad actors in ozone destruction. (c) HFCs have replaced CFCs 
because it is infrequent that light with energy sufficient to disso- 
ciate a C—F bond will reach an HFC molecule. F atoms are much 
less likely than Cl atoms to be produced by photodissociation in 
the stratosphere. (d) The main disadvantage of HFCs as replace- 
ments for CFCs is that they are potent greenhouse gases. 18.76 (a) 
C3Hg(I) + 5 O2(g) — 3CO,(g) + 4 H;0(g) 

(b) C3Hg(1) + 3 O2(g) — 3 CO(g) + 4 H20(3) 

(c) 66 L of dry air 18.80 20 m? 18.82 (a) CO?~ (aq) + H,O(1) —> 
HCO; (aq) + OH (aq); Mg?* (aq) + 2 OH (aq) —> 

Mg(OH)2(s) (b) At these ion concentrations, Q > Ksp and Mg(OH)2 
will precipitate. 

18.85 (a) 4.2 x 10° ton CO,, 8.6 x 104 ton SO, 

(b) 8.0 x 10t ton CaSO; 

18.88 (a) H—O—H — > H. + -O—H(b) 258nm 

(c) The overall reaction is O3(g) + O(g) = 202(g). OH(g) is the 
catalyst in the overall reaction because it is consumed and then 
reproduced. 18.90 The enthalpy change for the first step is —141 kJ, 
for the second step, —249 kJ, for the overall reaction, —390KJ. 
18.93 (a) Rate = k[O;][H] (b) kag = 1.11 x 10% MiS! 18.97 
(a) Process (i) is greener because it involves neither the toxic reac- 
tant phosgene nor the by-product HCl. (b) Reaction (i): C in CO3 
is linear with sp hybridization; C in R—N=C=0 is linear with sp 
hybridization; C in the urethane monomer is trigonal planar with 


sp” hybridization. Reaction (ii): C in COCI; is trigonal planar with sp” 
hybridization; C in R—N=C= 0 is linear with sp hybridization; C 
in the urethane monomer is trigonal planar with sp? hybridization. 
(c) The greenest way to promote formation of the isocyanate is to 
remove by-product, either water or HCI, from the reaction mixture. 
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19.24 (a) CyHj0(g) (b) C4H10(8) 19.30 (a) Yes. AG = AH — TAS (b) 
No. If AG is positive, the process is nonspontaneous. (c) No. There 
is no relationship between AG and rate of reaction. 19.36 (a) The 
forward reaction is spontaneous at low temperatures but becomes 
nonspontaneous at higher temperatures. (b) The reaction is nons- 
pontaneous in the forward direction at all temperatures. (c) The for- 
ward reaction is nonspontaneous at low temperatures but becomes 
spontaneous at higher temperatures. 

19.47 (a) 


(b) AH = O for mixing ideal gases. AS is positive because the dis- 
order of the system increases. (c) The process is spontaneous and 
therefore irreversible. (d) Since AH = 0, the process does not affect 
the entropy of the surroundings. 19.50 Both AH and AS are posi- 
tive. The net change in the chemical reaction is the breaking of five 
blue-blue bonds. Enthalpies for bond breaking are always positive. 
There are twice as many molecules of gas in the products, so AS is 
positive for this reaction. 19.53 (a) At 300 K, AG = 0, and the sys- 
tem is at equilibrium. (b) The reaction is spontaneous at tempera- 
tures above 300 K. 19.56 (a) True (b) false (c) false (d) false (e) true 
19.57 Spontaneous: a, d; nonspontaneous: b, c, e 19.58 (a) True, 
assuming that the forward and reverse processes occur at the same 
conditions. (b) false (c) false (d) true (e) false 19.59 (a) Endothermic 
(b) above 0°C (c) below 0°C (d) at 0°C 19.60 (a) No. An iso- 
thermal process occurs at constant temperature. (b) No. Tem- 
perature is a state function, so a change in temperature does not 
depend on pathway. (c) No. AE is a state function. 19.62 (a) An 
ice cube can melt reversibly at the conditions of temperature and 
pressure where the solid and liquid are in equilibrium. (b) No. 
We know that AH is a state function, and that melting is endo- 
thermic. Whether the ice cube melts reversibly or irreversibly, 
AH for the process is not zero. 19.63 (a) False (b) true (c) true 
(d) false 19.64 (a) Entropy increases (b) 188 J/K 19.65 (a) True 
(b) false (c) false 19.66 (a) Positive AS (b) AS = 1.02J/K 
(c) Temperature need not be specified to calculate AS, as long as 
the expansion is isothermal. 19.67 (a) T, = 57°C (b) From the 
Handbook of Chemistry and Physics, 74th Edition, T, = 58.8 °C. 
The values are remarkably close; the small difference is primar- 
ily due to the fact that we used thermodynamic data at 25 °C for 
our calculation. 19.68 (a) Yes, the expansion is spontaneous. 
(b) As the ideal gas expands into the vacuum, there is nothing for it 
to “push back,” so no work is done. Mathematically, w = —P.,,AV. 
Since the gas expands into a vacuum, Pxt = O and w= 0. (c) 
The “driving force” for the expansion of the gas is the increase in 
entropy. 19.69 (a) An increase in temperature produces more avail- 
able microstates for a system. (b) A decrease in volume produces 
fewer available microstates for a system. (c) Going from liquid to 
gas, the number of available microstates increases. 19.70 (a) AS 
is negative. (b) S of the system increases in 19.11 (a), (b) and (c). 
19.71 S increases in (a) and (c); S decreases in (b). 19.72 (a) False 
(b) true (c) false (d) true 19. 73 (a) I,(g) (b) O2(g) at 50.7 kPa pressure 
(c) 1 mol of N; in 44.8 L (d) CH3OH(/) 19.74 (a) AS < 0 (b) AS < 0 
(c) AS > 0 (d) AS < 0 


19.75 
(a) 


Entropy, S 


0C 100° C 


(b) Boiling water, at 100°C, has a much larger entropy change than 
melting ice at 0°C. 19.77 (a) HNO;(g) will have the higher standard 
entropy at 25 °C. HNO;(8), 266.4 J/mol K; HNO3(aq), 146 J/mol K 
(b) PCl3(g) will have the higher standard entropy at 25 °C. PCl;(J), 
217 J/mol K; PCl3(g), 311.7 J/mol K (c) Fe3O,4(s) will have the higher 
standard entropy at 25 °C. Fe,O3(s), 89.96 J/mol K; Fe304(s), 146.4 J/ 
mol K. (d) Li(g) will have the higher standard entropy at 25 °C. Li(s), 
29.09 J/mol K; Li(g), 138.8 J/mol K. 19.78 For elements with similar 
structures, the heavier the atoms, the lower the vibrational frequen- 
cies at a given temperature. This means that more vibrations can 
be accessed at a particular temperature, resulting in greater abso- 
lute entropy for the heavier elements. 19.79 (a) AS° = +75.3J/K. 
AS° is positive because the product contains more total par- 
ticles with more motional freedom. (b) AS° = +221.46J/K. AS° 
is positive because there are more moles of gas in the products. 
(c) AS = 5.04J/K. AS° is almost zero, as there are equal moles of gas 
in the products and in the reactants. (d) AS° = 242.88J/K. AS° is 
negative because there are fewer moles of gas in the products. 19.81 
(a) AS° is negative; the reaction leads to a decrease in disorder of the 
system. (b) AH’ is negative; the reaction leads to an increase in dis- 
order of the surroundings. (c) AG? = +4.7kJ (d) If all reactants and 
products are present in their standard states, the reaction is nons- 
pontaneous in the forward direction at this temperature. 

19.82 (a) AH? = —804.2 kJ, AS° = —254.8J/K, AG? = —728.1\J, 
AG? = AH — TAG? 728.3 kJ 

(b) AH® = —56.1 kJ, AS° = 79.1 J/K, AG? = -79.7 kJ, 

AG° = AFH — TAG? = -79.7 kJ 

(c) AH? = —394.5 kJ, AS° = 176.3 J/K, AG° = —447.7 kJ, 

AG? = AFH — TAG? 447.1 kJ (d) AHF? = -27.6 kJ, 

AS = 269.5J/K, AG° = —107.6 KJ, 

AG° = AH — TAG? 107.9kJ. The discrepancy in AG° val- 
ues is due to experimental uncertainties in the tabulated ther- 
modynamic data. 19.83 (a) AG? = —636.4kJ, spontaneous (b) 
AG’? = 856.3 kJ, nonspontaneous (c) AG? = 44.2 kJ, nonspontane- 
ous (d) AG? = 159.2 kJ, nonspontaneous 

19.84 (a) C3,;H¢4(s) + 47 O2(g) = 31 CO2(g) + 32 H2O(g) (b) Because 
AS” is positive, AG° is more negative than AH°. 19.86 AS > 47.5J/K 
19.87 (a) T = 333K (b) spontaneous 19.88 (a) AH? = 155.7 kJ, 
AS° = 171.4 kJ. Since AS? is positive, AG? becomes more negative 
with increasing temperature. (b) AG? = 19 kJ. The reaction is not 
spontaneous under standard conditions at 800 K (c) AG® = —15.7 kJ. 
The reaction is spontaneous under standard conditions at 1000 K. 
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19.90 (a) C2H2(8) + 3 On(g) — 2 CO8) + H,O0() 
(b) —1299.5 kJ of heat produced / mol C,H, burned 


(C) Wmax = —1235.1 kJ / mol C,H, 19.91 (a) AG increases; it becomes 
more positive. (b) AG decreases; it becomes more negative. (c) AG 


increases; it becomes more positive. 19.92 (a) AG° = —69.74 kJ 
(b) AG = —67 kJ 19.93 (a) AG? = —16.77 kJ, K = 870 

(b) AG? = 8.0kJ, K = 0.039 (c) AG? = —497.9kJ, K = 2 x 10°” 
19.94 AH? = 269.3 kJ, AS? = 0.1719KJ/K (a) Poo, = 6.1 x 1077 
kPa (b) Poo, = 1.6 X 10% kPa 

19.95 (a) HNO2(aq) == H*(aq) + NO2z(aq) (b) AG’ = 19.1 kJ 

(c) AG = Oat equilibrium (d) AG = —2.7 kJ 19.96 (a) The thermo- 
dynamic quantities B H and G are state functions (b) Wye < Wirrev 
(c) Grev > irrev (d) AH = Frev + Wrey + pAV, AG = Wrey + pAV 
19.105 (a) C(s) + 2 H2(g) > CHa(g); Na(s) + 5 Chia) — NaC\l(s) 
(b) In both reactions, AG? will be more positive (less negative) than 
AHP. (c) Condition (iii), when AS? is negative. 19.110 (a) Fortheoxida- 
tion of glucose in the body, AG? = —2878.8kJ, K = 5 x 10°; for the 
anaerobicdecompositionofglucose, AG? = —228.0kJ, K = 9 x 10°° 
(b) A greater maximum amount of work at standard condi- 
tions can be obtained from the oxidation of glucose in the 
body, because AG° is much more negative. 19.114 (a) Acetone, 
AS\ap = 88.4J/mol K; dimethyl ether, AS,,, = 86.6 J/mol K; etha- 
nol, AS%ap = 110J/mol K; octane, ASyap = 86.3J/mol K; pyridine, 
ASvap = 90.4J/molK. Ethanol does not obey Trouton’s rule. 
(b) Hydrogen bonding (in ethanol and other liquids) leads to 
more ordering in the liquid state and a greater than usual increase 
in entropy upon vaporization. Liquids that experience hydrogen 
bonding are probably exceptions to Trouton’s rule. (c) Owing 
to strong hydrogen bonding interactions, water probably does 
not obey Trouton’s rule. ASvap = 109.0J/molK. (d) AH,,, for 
CeHsCl ~ 36 kJ/mol 19.121 (a) 682 K or 409 °C (b) 782 K or 509 °C 
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20.42 (a) anode: Fe(s) —> Fe?*(aq) + 2 e7; cathode: 

O(g) + 4H*(aq) + 4e —> 2H,O(I) (b) 2 Fe?* (aq) + 

3 H,O(1) + 3 H,O(1) —> Fe,03:3 H,O(s) + 6H*(aq) + 267; 
O.(g) + 4H*(aq) + 4€ —> 2H,O0(1) 20.50 In this analogy, 
the electron is analogous to the proton (H*). Redox reactions 
can be viewed as electron-transfer reactions, just as acid-base 
reactions can be viewed as proton-transfer reactions. Oxidiz- 
ing agents are themselves reduced; they gain electrons. A strong 
oxidizing agent would be analogous to a strong base. 20.52 (a) 
The process represents oxidation. (b) The electrode is the anode. 
(c) When a neutral atom loses a valence electron, the radius of the 
resulting cation is smaller than the radius of the neutral atom. 
20.56 (a) The sign of AG is positive. (b) The equilibrium constant 
is less than one. (c) No. An electrochemical cell based on this reac- 
tion cannot accomplish work on its surroundings. 20.59 (a) Zinc is 
the anode. (b) The energy density of the silver oxide battery is most 
similar to the nickel-cadmium battery. The molar masses of the elec- 
trode materials and the cell potentials for these two batteries are 
most similar. 20.62 (a) Oxidation is the loss of electrons. (b) Elec- 
trons appear on the products’ side (right side). (c) The oxidant is the 
reactant that is reduced. (d) An oxidizing agent is the substance that 
promotes oxidation; it is the oxidant. 20.63 (a) True (b) false (c) true 
20.64 (a) (i) Reactants: H, +1; Mn, +2; Na, +1; Bi, +5; O, —2. Prod- 
ucts: H, +1; O, —2; Mn, +7; Bi, +3, Na, +1 (ii) The total number 
of electrons transferred is 10. (b) Reactants: K, +1; Mn, +7; O, —2; 
Na, +1; S, +4; O, —2; H, +1. Products: Mn, +4; O, —2; Na, +1; S, 
+6, K, +1; H, +1 (ii) The total number of electrons transferred is 6. 
(c) (i) Reactants: Cu, 0; Ag, +1; N, +5; O, —2. Products: Ag, 0; Cu, 
+2; N, +5; O, —2. (ii) The total number of electrons transferred is 2. 
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20.65 (a) Nitrogen is oxidized from +4 to +5; oxygen is reduced 
from —1 to —2. (b) no oxidation-reduction (c) Iron is oxidized 
from 0 to +2; nitrogen is reduced from +5 to +4. 20.66 (a) 
SiCl4(g) + 2 H2(g) — Si(s) + 4 HCl(g) (b) H2(g) is oxidized; SiCly(g) is 
reduced. (c) H,(g) is the reductant; SiCl,(g) is the oxidant. 20.67 (a) 
14 H*(aq) + Cr207~ (aq) + 6€ — 2 Cr?* (aq) + 7 H,O(), reduction 
(b) 4H,O() + Mn?* (aq) > MnO; (aq) + 8 H*(aq) + 57, oxidation 
(c) (s) + 6 H2O() —> 2 103 (aq) + 12 H*(aq) + 10 &, oxidation 

(d) S(s) + 2H*(aq) + 2 e — H,S(g), reduction 

(e) H,O() + 2e + NO3(aq) —> NO3z(aq) + 2 OH (aq) reduction 

(£) H2O2(aq) + 2 € — 2 OH (aq), reduction 20.68 (a) 

CrO (aq) + (aq) + 8H*(aq) — 2 Cr>* (aq) + 

103 (aq) + 4 H,O(J); oxidizing agent, Cr,O7 } reducing agent, I 
(b) 4 MnO; (aq) + 5 CH3OH(aq) + 12 H*(aq) —> 

4 Mn?*(aq) + 5 HCOOH(aq) + 12 H,O(aq); oxidizing agent, 
MnO, ; reducing agent, CHOH 

(c) (s) + 5 OCF (aq) + H,O(1) —> 

2103 (aq) + 5 Cl (aq) + 2 H*(aq); 

oxidizing agent, OCI; reducing agent, l (d) As203(s) + 

2NO3 (aq) + 2 H,O(1) + 2H*(aq) —> 2 H3AsO,(aq) + 
N2O3(aq); oxidizing agent, NO3; reducing agent, As2O3 

(e) 2 MnOgq(aq) + Br (aq) + H2O(1) —> 2Mn0O,(s) + 

BrO; (aq) + 2 OH (aq); oxidizing agent, MnO}; reducing agent, Br~ 
(£) Pb(OH) 2~ (aq) + ClO~(aq) —> PbO,(s) + Cl(aq) + 

2OH (aq) + H,0(1); oxidizing agent, ClO (aq); reducing 
agent, Pb(OH)/~ 20.69 (a) False (b) true (c) true 20.70 (a) 
Mg is oxidized, Ni?* is reduced. (b) Mg(s) > Mg?*(aq) + 267; 
Ni?* (aq) +2e —Ni(s) (c) Mg is the anode, Ni is the cathode. 
(d) Mg(s) is negative; Ni(s) is positive. (e) Electrons flow from the 
Mg electrode (—) toward the Ni electrode (+). (f) Anions migrate 
toward the Mg(s) anode; cations migrate towards the Ni(s) cath- 
ode. 20.71 (a) One volt is the potential energy difference required 
to impart 1 J of energy to a charge of 1 coulomb. (b) Yes. All voltaic 
cells involve spontaneous redox reactions that produce positive cell 
potentials or emfs. 20.72 (a) O2(g) + 4H*(aq) + 4€ —> 2 H,0() (b) 
2 H,O() — O(g) + 4H*(aq) + 4e (c) A standard oxygen electrode 
is an oxygen electrode where the components are at standard condi- 
tions, 1 M H*(aq) and O,(8) at 101.3 kPa, such that E° = 1.23 V. 20.74 
(a) Cr?*(aq) —> Cr3*(aq) + ©; T+ (aq) + 2 © — TI*(aq) 
(b) Exea = 0.78 V 

(c) 


Switch / 


Inert (Pt) 
anode 


Inert (Pt) 
cathode 


Movement of cations 


Movement of anions 
-< 


20.75 (a) E° = 0.82 V (b) E° = 1.89 V (c) E° = 1.21 V (d) E° = 0.62 V 
20.76 (a) Fe(s) + 2 Ag*(aq) > 2 Ag(s) + 2 Fe?* (aq), Eo. = 1.239 V 
(b) Fe(s) + Cd?* (aq) > Cd(s) + 2 Fe?* (aq), ES = 0.037 V 

20.77 (a) Anode, Cu(s); cathode, Ag(s). (b) The silver electrode 


gains mass as Ag is plated out, and the Cu electrode loses mass 
as Cu is oxidized. (c) Cu(s) + 2 Ag*(aq) > 2 Ag(s) + 2 Cu* (aq) 
(d) E2%u = 0.462 V 20.78 (a) Mg(s) (b) Fe(s) (©) Sn(s) (d) r (aq) 
20.79 (a) H2(3), basic, reductant (b) Cr202~ (aq), acidic, oxidant 

(c) F,(g), oxidant (d) Li(s), reductant 

20.80 (a) HSO4(aq) < O2(8) < MnOz(aq) < HClO(aq) < O3(g) 

(b) Cr(OH)3(s) < Fe(s) < H2(8) < Mn(s) < Ca(s) 20.82 Al and 
HCO, 20.83 (a) 2 Fe?* (aq) + S027 (aq) + 4H*(aq) —> 

2 Fe>* (aq) + 2 H»SO3(aq); 2 Fe?* (aq) + N2O(aq) + 2 H*(aq) — 
2 Fe?" (aq) + No(g) + H20(1); 

Fe?*(aq) + VOo"(aq) + 2H*(aq) —> Fe**(aq) + VO” (aq) + H,O(1) 
(b) E° = -0.17 V, AG? = 33 kJ; E° = —2.54V, AG? = 4.90 x 107k; 
E = 0.23 V, AG° = —22kJ 

(c)K =1.8 x 10°=10° K=1.2 x 10% = 10 *; 

K = 7.8 x 10° = 8 x 10° 20.84 AG° = 27 kJ, E% = —0.28 V 
20.85 (a) E° = 0.16 V, K = 2.54 x 10° = 3 x 10° (b) E° = 0.28 V, 
K = 2.93 x 10° = 3 X 10° (c) E° = 0.44 V, K = 2.40 x 1074 = 10” 
20.86 (a) K = 2.2 x 104 (b) K = 4.9 x 108 (c) K = 1.1 x 10” 
20.87 Wmax = 1.3 X 10° kJ/mol Sn; 8.3 x 10*J/75.0 g Sn 

20.88 (a) In the Nernst equation, Q = 1 if all reactants and products 
are at standard conditions. (b) Yes. The Nernst equation is applica- 
ble to cell emf at nonstandard conditions, so it must be applicable 
at temperatures other than 298 K. Values of E° at temperatures other 
than 298 K are required. And, there is a variable for T in the second 
term. If the short-hand form of the equation, Equation 20.18, is used, 
a coefficient other than 0.0592 is required. 20.89 (a) E decreases 
(b) E increases (c) no effect (d) E decreases 20.90 (a) E° = 0.48 V 
(b) E = 0.52 V (c) E = 0.46 V 20.91 (a) E° = 0.46 V (b) E = 0.37 V 
20.92 (a) The compartment with [Cu?*] = 0.100 is the cath- 
ode. (b) E° = 0 (c) E = 0.0888 V (d) In the anode compartment 
[Cu?*] increases; in the cathode compartment [Cu?*] decreases. 
20.93 E° = 0.76 V, pH = 2.2 20.94 (a) 260 g Pb (b) 2.42 x 10°C 
20.95 (a) The anode (b) E° = 3.50 V (c) The emf of the battery, 
3.5 V, is exactly the standard cell potential calculated in part (b). 
(d) At ambient conditions, E ~ E°, so logQ ~ 1. Assuming that 
the value of E° is relatively constant with temperature, the value 
of the second term in the Nernst equation is approximately zero 
at 37°C, and E ~ 3.5 V. 20.96 (a) The cell emf will have a smaller 
value. (b) NiMH batteries use an alloy such as ZrNi as the anode 
material. This eliminates the use and disposal problems associated 
with Cd, a toxic heavy metal. 20.97 (a) When the battery is fully 
charged, the mole ratio of the elements in the cathode is: 0.5 mol 
Li* to 0.5 mol Co?* to 0.5 mol Co** to 2 mol O?~. The material is 
LiCo20, (b) 4.9 x 10°C of electricity delivered on full discharge of 
a fully charged battery 20.98 (a) The spontaneous reaction in the 
hydrogen fuel cell is hydrogen gas plus oxygen gas makes water. 
(b) E° = 1.23 V 20.100 (a) Al is called a “sacrificial anode” because 
it has a more negative E°., than the pipeline metal and is prefer- 
entially oxidized when the two are coupled. It is sacrificed to pre- 
serve the pipeline. (b) E°.q for Al?* is —1.66 V, more negative than 
most metals present in pipelines, including Fe and Zn. 20.101 (a) 
+3 (b) +8/3 or +2.67 (c) 2 Fe(III) and 1 Fe(II) 20.102 (a) Electroly- 
sis is an electrochemical process driven by an outside energy source. 
(b) By definition, electrolysis reactions are nonspontaneous. (c) 
2 Cl (1) —> Clo(g) + 2e (d) When an aqueous solution of NaCl 
undergoes electrolysis, sodium metal is not formed because H20 is 
preferentially reduced to form H,(g) 20.103 (a) 236 g Cr(s) (b) 2.51 A 
20.104 (a) 4.0 x 10° g Li (b) The minimum voltage required to drive 
the electrolysis is +4.41 V. 20.105 Gold is less active than copper and 
thus more difficult to oxidize. When a mixture of copper and gold is 
refined by electrolysis, Cu is oxidized from the anode, but any metal- 
lic gold present in the mixture is not oxidized, so it accumulates near 
the anode, available for collection. 

20.106 (a) 3 Fe?* (aq) — Fe(s) + 2 Fe** (aq) 

(b) 3 Bro() + 3 H,O() — 6 H (aq) + 5 Br (aq) + BrO3(aq) 


(c) 4 Cr?" (aq) + 7 H,O() > 14 H+ (aq) + C20? (aq) + 2 Cr(s) 

(d) 5 NOz (aq) + 2 H*(aqg) > H20() + No(s) + 3 NOS (aq) 

20.108 (a) E° = 0.226 V, spontaneous (b) E° = —0.44 V, nonspon- 
taneous (c) E° = —0.144V,nonspontaneous (d) E° = —0.434V, 
nonspontaneous 20.112 K = 1.22 x 10-4! 20.115 (a) By anal- 
ogy to O in hydroxide (OH) and in alcohol (R-OH), the oxidation 
state of S in a thiol (R-SH) is —2. (b) By analogy to O in peroxide 
(—O-O-), the oxidation state of S in a disulfide (—S—S—) is —1. (c) 
The oxidation number of S becomes more positive and the thiols 
are oxidized. (d) Converting a disulfide to two thiols is the reverse of 
the process described in part (c). In order to reduce the disulfide, a 
reducing agent must be added to the solution. (e) When two thiols 
(R—-SH) react to form a disulfide (R-S—S—R), the H atoms are prob- 
ably removed by base before the oxidizing agent does its work. 
20.118 1.5 x 104kWh required 20.123 (a) E° = 0.728 V, (b) cath- 
ode: Br,(/) + 2 e~ — 2 Br (aq); anode: Cu(s) > Cu?* (aq) + 2e7 

(c) AS° = —123.78J. Because AS? is negative, AG? will become more 
positive and E° will become more negative as temperature is increased. 
20.126 Kfor AgClis 1.8 x 1071”. 


Chapter 21 


21.24 (a) Nal is a good source of iodine because iodine is a large per- 
centage of its mass; it is completely dissociated into ions in aqueous 
solution, and iodine in the form of I (aq) is mobile and immedi- 
ately available for biouptake. (b) A Geiger counter placed near the 
thyroid immediately after ingestion will register background, then 
gradually increase in signal until the concentration of iodine in 
the thyroid reaches a maximum. Over time, iodine-131 decays, 
and the signal decreases. (c) The radioactive iodine will decay to 
0.01% of the original amount in approximately 107 days. 21.29 
(a) 1.71 X 10°kg/d (b) 2.1 x 10° g?5U 21.30 *°Mn is likely 
to have the largest mass defect per nucleon. 21.36 Hydrogen 
abstraction: RCOOH + *OH —~ RCOOs + H,O;deprotonation: 
RCOOH + OH” — > RCOO™ + H,0. Hydroxyl radical is more 
toxic to living systems because it produces other radicals when it reacts 
with molecules in the organism. Hydroxide ion, OH’, on the other 
hand, will be readily neutralized in the buffered cell environment. 
The acid-base reactions of OH are usually much less disruptive to the 
organism than the chain of redox reactions initiated by OH radical. 
21.38 (a) 74Ne; outside; reduce neutron-to-proton ratio via B decay 
(b) “Cl; outside; increase neutron-to-proton ratio via positron emis- 
sion or orbital electron capture (c) 108Sn; outside; increase neutron-to- 
proton ratio via positron emission or orbital electron capture 
(d) *!°Po; outside; nuclei with Z = 84 usually decay via a emis- 
sion. 21.43 (a) 7 min (b) 0.1 mia (c) 30% ite of the sam- 
ple remains after 1% min. (d) §$Nb 21. = B, 1B; 2c, BC; 
UN, IN; 160, } ZO, 180; 19F (b) 1 4C (c) ¥ 150 oE (d) 1G 
21.46 (a) 733Pu, 94p, 145n (b) 1828 56p, ee i hase -41: 19p, 
22n 21.47 (a) Proton (b) electron or beta particle (c) positron 

21.48 (a) '28Rn —> 3He + 134Po 

(b) Th = Ae + 73#Pa (c) $5Cu > „Le + SdNi 

(d) 19$Ag + Qe — 196Pd 21.49 (a) 737Pu— $He + 733U 

(b) 188i — sTe + 78Al (c) $Li > 3He + fHe 

(d) 39Sr— 9e + 38Y 21.50 7 alpha emissions, 4 beta emissions 
21.51 (a) Positron emission (for low atomic numbers, positron 
emission is more common than orbital electron capture) (b) posi- 
tron emission (c) beta emission (d) beta emission 21.52 (a) '9?Ru, 
stable, even proton, even neutron; ?7Ru, radioactive, low neutron/ 
proton ratio (b) '38Ba, stable, even proton, even neutron, 82 neutrons 
is a magic number; !22Ba; radioactive, even proton, odd neutron 
(c) '%sSn, radioactive, low neutron/proton ratio; '2§Sn; stable, 
even proton, even neutron. 21.53 (d) 38Ni 21.54 Statement (a) is 
the best explanation, 21.55 Statement (b) is the best explanation. 
21.56 (a) 37Pu + jn— e + 782Am (b) 788U + $He > 3 dn + 787U 


Answers to Selected Exercises 1243 


(c) 7a8At > Ye + 748Rn 

(d) '28Sm — 144Nd + 3He (e) 181 + -ie — 18Te 

21.57 (a) Z$U + 4He —> YiPu+ in 

(b) ÝN + ‘He — ĶO + }H(c)3¢Fe + He —> $$Cu+ Se 
21.58 (a) True (b) false (c) true 21.59 When the watch is 50 years 
old, only 6% of the tritium remains. The dial will be dimmed by 94%. 
21.60 The source must be replaced after 2.18 yr or 26.2 months; this 
corresponds to August 2018. 21.61 (a) 1.1 x 101! alpha particles 
emitted in 5.0 min (b) 9.9 mCi 

21.62 k = 1.213 x 10-tyr!; t = 8.99 x 10° yr 21.63 0.817 mg 
21.659 x 10°kjJ 

21.67 Am = 0.2414960u, AE = 3.604129 x 107! J /?7Al 

nucleus required, 8.044234 x 10'°J/100g7’Al 21.68 (a) Nuclear 
mass: 7H, 2.013553 u; *He, 4.001505 u; °Li, 6.0134771 u 

(b) nuclear binding energy: 7H, 3.564 x 10°]; 

tHe, 4.5336 x 107!7J; SLi, 5.12602 x 107!?J. (c) binding energy/ 
nucleon: ?H, 1.782 x 107" J/nucleon; ‘He, 1.1334 x 107!” 
J/nucleon; SLi, 8.54337 x 107" J/nucleon. (d) Of the three isotopes, 
tHe has the largest binding energy per nucleon; this anomaly is 
apparent in Figure 12.12. The trend in binding energy/nucleon agrees 
with the curve in the figure. 21.71 (a) Characteristics (ii) and (iv) are 
required for a fuel in a nuclear power plant. (b) 5U 21.72 The control 
rods in a nuclear reactor regulate the flux of neutrons to keep the reac- 
tion chain self-sustaining and also to prevent the reactor core from 
overheating. They are composed of materials such as boron or cad- 
mium that absorbneutrons. 21.73 (a)733U + bn > 32Kr + '22Zn + 34n 
(b) fH + $H — {He + dn 21.74 Am = 0.006627 g/mol; 

AE = 5.956 x 10!'J = 5.956 x 108 kJ/mol }H 21.76 (a) Boiling 
water reactor (b) fast breeder reactor (c) gas-cooled reactor 

21.78 (a) 5.3 x 10° dis/s, 5.3 x 10° Bq 

(b) 6.1 x 10? mrad, 6.1 x 10° Sy 

(c) 5.8 x 10° mrem, 5.8 X 107? Sv 21.80 78}TI 21.82 

(a) ł$C1 —> }ł}$Ar + %e (b)?5Cl and ?’Cl both have an odd number 
of protons but an even number of neutrons. *°C] has an odd number 
of protons and neutrons, so it is less stable than the other two iso- 
topes. 21. a (a) 2C + 2C— i8Ne + 4He 

(b) SLi + $8Ni— $?Ga 

(c) ECF + '9B > 165Lr 

(d) 3U + 13C > 768CE + 4 bn 

21.90 “Be, 8.612 xX 107 J/nucleon; °Be, 1.035 x 107!*J/nucleon; 
Be: 1.042 x 10°! J/nucleon. The binding energies/ nucleon 
for °Be and Be are very similar; that for Be is slightly higher. 
21.96 1.688 x 10* kg CH3 


Chapter 22 


22.7 (a) HH, protium; 7H, deuterium; 7H, tritium (b) in order of 
decreasing natural abundance: protium > deuterium > tritium 
(c) Tritium, 3H, is radioactive. (d) $H —> #He + fe 

22.46 Statement (c) is correct. 22.48 Molecules (b) and (d) will have 
the seesaw structure shown in the figure. 22.51 The graph shows 
the trend in (c) density for the group 16 elements. Going down the 
family, atomic mass increases faster than atomic volume (radius), 
and density increases. 22.54 The compound on the left, with the 
strained three-membered ring, will be the most generally reactive. 
The larger the deviation from ideal bond angles, the more strain in 
the molecule and the more generally reactive it is. 22.56 Metals: (b) 
Ba (d) Cs, (e) Y; nonmetals: (c) Ar, (£) At; metalloids: (a) B 22.57 (a) 
F (b) Te (c) Rb (d) N (e) Ir (£) Si 22.58 Statements (b) and (d) are true. 
22.59 (a) NaOCHa(s) + HzO(/) —> NaOH(aq) + CH30H(aq) 

(b) CuO(s) + 2 HNO3(aq) —> Cu(NO3)2(aq) + H2O(/) 

(© WO3(s) + 3 Hp(g) >W(s) + 3H20(8) 

(d) 4NH,OH(1) + O,(g) — 6 H,O(/) + 2 No(s) 

(e) AlyC3(s) + 12 H,O(1) —> 4 Al(OH) 3(s) + 3 CH4(8) 
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22.61 Like other elements in group 1, hydrogen has only one valence 
electron and its most common oxidation number is +1. 

22.62 (a) NaH(s) + H2O0(/) —> NaOH(aq) + H2(g) 

(b) Fe(s) + H,SO4(aq) — Fe*(aq) + H2(g) + SOP (aq) 

(c) H2(8) + Bro(g) —> 2 HBr(g) 

(d) 2 Na(/) + Ho(g) —> 2 NaH(s) 

(e) PbO(s) + Hy(g) â >Pb(s) + H,O(g) 22.63 (a) Molecular 
(nonmetal hydride) (b) ionic (metal hydride) (c) metallic (non- 
stoichiometric transition metal hydride) 22.64 Vehicle fuels 
produce energy via combustion reactions. The combustion 
of hydrogen is very exothermic and its only product, H2O, is 
a non-pollutant. 22.65 Xenon has a lower ionization energy 
than argon; because the valence electrons are not as strongly 
attracted to the nucleus, they are more readily promoted to a 
state in which the atom can form bonds with fluorine. Also, 
Xe is larger and can more easily accommodate an expanded 
octet of electrons. 22.66 (a) XeO3k), Xe, +8 (b) ClO, Cl, +4 (c) 
Mofk,, F, -1 (d) HlO}, 1,+5 (e) NaOBr, Br, +1 (£) Mg(lOz)2, 1, +3 
22.67 (a) Cobalt(III) Iodate, I, +5 (b) calcium periodate, I, +7 
(c) phosphorus hexafluoride F, —1 (d) iodine trichloride I, +5 
Cl, —1 (e) hypobromous acid, Br: +1 (f) hydrogen astatide, At, —1 
22.68 (a) van der Waals intermolecular attractive forces increase 
with increasing number of electrons in the atoms. (b) F, reacts 
with water: F,(g) + H,O(/) —> 2 HF(g) + O2(g). That is, fluo- 
rine is too strong an oxidizing agent to exist in water. (c) HF has 
extensive hydrogen bonding. (d) Oxidizing power is related to 
electronegativity. Electronegativity and oxidizing power decrease 
in the order given. 

22.69 (a) 2 HgO(s) —*> 2 He(J) + O,(g) 

(b) 2 Cu(NOs)2(s) —™ 2 CuO(s) + 4NO,(g) + O2(g) 

(c) PbS(s) + 403(g) —> PbSO,(s) + 4 Oo(g) 

(d) 2 ZnS(s) + 3 O(g) —> 2 ZnO(s) + 2 SOd(g) 

(e) 2 K202(s) + 2 CO2(g) —> 2 K,CO3(s) + O2(8) 

(£) 3 Oo(g) —,2 O3(g) 22.70 (a) Acidic (b) basic (c) amphoteric 
(d) amphoteric 22.71 (a) K20,, O,-1 (b) K,S,03, O, —2; S, +2 
(c) SeOCl;, O, —2; Se, +4 (d) NagTe, Te, —2 (e) MgSO3, O, —2;S, +4 
(£) SeFe, Se, +6 

22.72 (a) 2 Fe**(aq) + HoS(aq) —> 2 Fe**(aq) + S(s) + 2 H*(aq) 
(b) Br2(1) + H2S(aq) —> 2 Br (aq) + S(s) + 2 H*(aq) 

(c) 2 MnOj(aq) + 6 H*(aq) + 5 H2S(aq) —> 

2 Mn?*(aq) + 5S(s) + 8 H,O(I) 

(d) 2 NO3(aq) + H2S(aq) + 2 H*(aq) —> 

2NO,(aq) + S(s) + 2 H,O0(/) 


22.73 
@) ci ti: 

O: trigonal pyramidal 
(b) SC linear 


(c) ‘OH 


Q: tetrahedral 


22.74 

(a) SO,(s) + H,O(1) == H,SO3(aq) == H*(aq) + HSO3(aq) 
(b) ZnS(s) + 2 HCl(aq) —> ZnCl,(aq) + H2S(g) 

(©) 8 SOs (aq) + Sg(s) — 8 S203 (aq) 


(d) SO3(aq) + H,SO,(1) — > H,S,07(1) 22.75 (a) NaN3, -1/3 
(b) NH4,—3 (c) HNO, +3 (d) Mg3No, —3 (e) N2H3, —1 (£) NaNO3, +5 
(g) NF3, +3 (h) HNOs, +5 

22.76 (a) :;O—=N—O—H <— :O—N=O—H 

The molecule is bent around the central oxygen and nitrogen atoms; 
the four atoms need not be coplanar. The right-most form does not 
minimize formal charges and is less important in the actual bonding 


model. The oxidation state of Nis + 3. 
(b) 


ee ee 


The molecule is linear. The oxidation state of N is —1/3. 


(CO ar 
| | 
a We 
H H 


The geometry is tetrahedral around the left nitrogen, trigonal pyrami- 
dal around the right. The oxidation state of N is —2. 
(d) a = 

:0: 
The ion is trigonal planar; it has three equivalent resonance forms. 
The oxidation state of N is +5. 


22.77 (a) Mg;N2(s) + 6 H,O(1) —> 3 Mg(OH)2(s) + 2 NH3(aq) 
(b) 2 NO(g) + Oo(g) —> 2 NO,}(3), redox reaction 

(©) NzOs(g) + H20(1) — 2 H*(aq) + 2 NOS (aq) 

(d) NH3(aq) + H*(aq) — NH4 (aq) 

(e) N2H4(1) + O2(8) > No(g) + 2 H2O(8), redox reaction 

22.78 (a) HNO2(aq) + H,O(1) —> NO; (aq) + 2e7 

(b) No(g) + HyO() — N,O(aq) + 2H*(aq) + 2e 

22.79 (a) SbF¢, +5 (b) Ca3(PO4)2, +5 (c) KH2PO4, +5 (d) As,O3, +3 
(e) P4O6, +3 (£) AsF3, +3 22.80 (a) Phosphorus is a larger atom than 
nitrogen, and P has energetically available 3d orbitals, which partici- 
pate in the bonding, but nitrogen does not. (b) Only one of the three 
hydrogens in H3PO, is bonded to oxygen. The other two are bonded 
directly to phosphorus and are not easily ionized. (c) PH; is a weaker 
base than H,O so any attempt to add H* to PH; in the presence of H,O 
causes protonation of H20. (d) The P4 molecules in white phosphorus 
have more severely strained bond angles than the chains in red phos- 
phorus, causing white phosphorus to be more reactive. 

22.81 

(a) 2 Ca3PO,4(s) + 6 SiO2(s) + 10 C(s) —> Py(g) + 6 CaSiO3(1) 

+ 10 CO(g) (b) PBr3(/) + 3 H,O(1) —> H3PO3(aq) + 3 HBr(aq) 
(c) 4 PBr3(g) + 6 Ha(g) —> Py(g) + 12 HBr(g) 

22.82 (a) CuCO; (b) CO (c) Mg(HCO3)2 (d) LizC2 (e) CF4 

22.83 (a) ZnCO3(s) —— ZnO(s) + CO2(8) 

(b) BaC,(s) + 2H,O(1) —> Ba?*(aq) + 2 OH- (aq) + CoH(g) 
(c) 2 C2H2(8) + 5 O2(g) —> 4 CO3 + (g) + 2 H20(8) 

(d) CS;(g) + 3 Ox(g) — CO,(g) + 2 S0,(g) 


(e) Ca(CN)o(s) + 2 HBr(aq) —> CaBry(aq) + 2 HCN(aq) 

22.84 (a) 2 CH4(g) + 2 NH3(g) + 3 O2(g) u) HCN(g) + 6 H20(8) 
(b) NaHCO;(s) + H*(aq) —> CO,(g) + HO(I) + Na*(aq) 

(c) 2 BaCO3(s) + O2(8) + 2 SO2(g8) —> 2 BaSO,(s) + 2 CO2(g) 
22.85 (a) Carbon (b) silicon (c) lead 22.86 (a) Tetrahedral (b) Meta- 
silicic acid will probably adopt the single-strand silicate chain struc- 
ture shown in Figure 22.32 (b). The Si to O ratiois correct and there are 


two terminal O atoms per Si that can accommodate the two H atoms 
associated with each Si atom of the acid. 22.87 (a) Two Ca?* (b) two 
OH 22.88 (a) SiH4, —4 (b) GeCly, +2 (c) SnS, +2 (d) NaBHg, B: +3 
(e) Pb(NO3)4, Pb: +4 (f) SnO,, +4 22.89 (a) Diborane has bridg- 
ing H atoms linking the two B atoms. The structure of eth- 
ane has the C atoms bound directly, with no bridging atoms. 
(b) B2Hę is an electron-deficient molecule. The 6 valence elec- 
tron pairs are all involved in B—H sigma bonding, so the only 
way to satisfy the octet rule at B is to have the bridging H atoms 
shown in Figure 22.35. (c) The term hydridic indicates that the 
H atoms in B,H, have more than the usual amount of electron 
density for a covalently bound H atom. 22.90 (a) False (b) true 
(c) false (d) true (e) true (f) true (g) false 22.93 (a) SO; (b) C1205 
(c) N20; (d) CO; (e) P20; 22.96 (a) POs, *5; NF3, +3 (b) Accord- 
ing to the Octet rule, because N is a period 2 element which has 5 
valance electrons, it can only form 4 covalent bonds at the most. 
Therefore, it cannot form an NF, anion. In contrast, P is a period 
3 element which can use the d orbitals in hybridization to form 
covalent bonds with 6 fluorine atoms. Therefore, a stable PF; anion 
can be formed. 22.102 (a) 1.94 x 10° g Hz (b) 2.16 x 10*L H; (ce) 
2.76 X 10%KJ 22.104 (a) —285.83 kJ/mol Hz; —890.4 kJ/mol CH4 
(b) -141.79 kJ/g Hz; -55.50 kJ/g CH4 (c) 1.276 x 10*kJ/m? Hz; 
3.975 x 10t kJ/m? CH, 22.105 (a) [HC10] = 0.036 M (b) pH = 1.4 
22.109 (a) CaCO3(s) + SO2(g) —> CaSO3(s) + CO2(g) 

(b) 249.7 kg (c) 55.9 m? 22.111 The average bond enthalpies are 
H—O, 463 kJ; H—S, 367 kJ; H—Se, 317 kJ; H—Te, 267 kJ. The H—X 
bond enthalpy decreases steadily in the series. The origin of this 
effect is probably the increasing size of the orbital from X with 
which the hydrogen 1s orbital must overlap. 22.114 Dimethyl- 
hydrazine produces 0.0369 mol gas per gram of reactants, while 
methylhydrazine produces 0.0388 mol gas per gram of reac- 
tants. Methylhydrazine has marginally greater thrust. 22.115 (a) 
3 B2H6(g) + 6 NH3(g) —> 2 (BH)3(NH)3(/) + 12 H2(8); 

3 LiBH4(s) + 3 NH4Cl(s) —> 2 (BH)3(NH)3(/) + 9 Ho(g) + 


3 LiCI(s) 
(b) 

T i i 
Se bog AN í spe" 
——> —_ > 
H< Dá SH HOSE SH H^ on 
H H H 


(c) 2.40 g (BH)3(NH)3 


Chapter 23 


23.3 (a) Cu?*, [Ar]3d? (b) Cut, [Ar]3d!° (c) v>*, [Ar] (d) 
Mn?*, [Ar]3d° 


23.35 
O 
l 
No E 


NH; 


(a) Coordination number is 4 (b) coordination geometry is square 
planar (c) oxidation state is +2 (d) no unpaired electrons 23.39 Mol- 
ecules (1), (3), and (4) are chiral because their mirror images are not 
superimposible on the original molecules. 23.41 (a) Diagram (4) (b) 
diagram (1) (c) diagram (3) (d) diagram (2) 23.44 The lanthanide 
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contraction explains trend (c). The lanthanide contraction is the 
name given to the decrease in atomic size due to the build-up in 
effective nuclear charge as we move through the lanthanides and 
beyond them. This effect offsets the expected increase in atomic size 
going from period 5 to period 6 transition elements. 23.46 (a) Sc?*, 
[Ar]3d! (b) Mo?*, [Kr]4d? (c) Rh®*, [Kr]4d° (d) Fe?*, [Ar]3d> 23.47 
(a) The unpaired electrons in a paramagnetic material cause it to be 
weakly attracted into a magnetic field. 23.48 The diagram shows a 
material with misaligned spins that become aligned in the direc- 
tion of an applied magnetic field. This is a paramagnetic material. 
23.50 (a) Primary valence is roughly the same as oxidation number. 
Oxidation number is a broader term than ionic charge, but Wer- 
ner’s complexes contain metal ions where cation charge and oxi- 
dation number are equal. (b) Coordination number is the modern 
term for secondary valence. (c) NH3 can serve as a ligand because it 
has an unshared electron pair, while BH; does not. Ligands are the 
Lewis base in metal-ligand interactions. As such, they must pos- 
sess at least one unshared electron pair. 23.51 (a) +2 (b) 6 (c) 2 mol 
AgBr(s) will precipitate per mole of complex. 23.52 (a) Coordination 
number = 6, oxidation number +2 (b) 4, +7 (c) 4, +2 (d) 6, + 
(e) 4, +1 (f) 4, +2 23.53 (a) Monodentate ligand 


H H H 
T ee 
T: 
(b) monodentate ligand 
H H 
ME as 
w| 
H—C—H 
i 


(c) either monodentate or bidentate ligand 


2- E 2- 2- 


Tl 
H H 


23.54 (a) Ethylenediaminetetraacetate, EDTA is hexadentate (b) oxa- 
late, C207, is bidentate (c) ethylenediamine, en, is bidentate (d) 
ortho-Phenanthroline, o-phen, is bidentate. 23.55 (a) CO * (b) H,O 
(c) PH; 23.56 True. The ligand shown in the figure can act as a biden- 
tate ligand for a single metal center. The CH, groups between the two 
oxygen atoms are sp? hybridized and allow some bending in the mol- 
ecule so that the two oxygen atoms can approach one single metal cen- 
ter simultaneously for chelation. 23.57 (a) [Cr(NH3)3(H20)3](NO3)3 
(b) [Pt(en)Cl] (©) [Fe(CO)s] (da) (NH,4)2{[CO(C204)2(H20)2] 
(e) [Co(bipy)3]2(SO,)3; 23.58 (a) diamminesilver(I) nitrate 
(b) mercury(I) tetrathiocyanatocobaltate(II) (c) trichlorotris (triphe- 
nylphosphine)ruthenium(III) (d) pentaamminecarbonatocobalt(III) 
sulphate 23.59 (a) Complexes 1, 2, and 3 can have geometric isomers; 
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they each have cis-trans isomers. (b) Complex 2 can have linkage 
isomers, owing to the presence of the nitrite ligand. (c) The cis geo- 
metric isomer of complex 3 can have optical isomers (d) Complex 1 
can have coordination sphere isomers. It is the only complex with a 
counter ion that can also be a ligand. 23.60 Yes. No structural or ste- 
reoisomers are possible for a tetrahedral complex of the form MA>B>. 
The complex must be square planar with cis and trans geometric 
isomers. 23.61 (a) Unique structure, no other isomers (b) two geo- 
metric isomers, trans and cis isomers with 180° and 90° Cl—Ir—Cl 
angles, respectively (c) three geometric isomers; trans and cis iso- 
mers with 180° and 90° Cl—Fe—Cl angles, respectively; the cis iso- 
mer has enantiomers 23.62 (a) Not chiral (b) not chiral (c) chiral, 
has optical isomers 23.63 (a) Blue (b) E = 3.26 x 107!° J/photon 
(c)E = 196 kJ/mol 23.64 (a) Cot", [Ar]3d°. No unpaired electrons. 
(b) W?+, [Xe]4f'4d°. Paramagnetic. (c) V**, [Ar]3d?. Paramagnetic. 
(d) Rh**, [Kr]4d° Diamagnetic. 23.65 An electron in a d orbital with 
lobes that point directly at the ligands will have higher energy than an 
electron in a d orbital with lobes that do not point directly at the ligands. 


23.66 (a) ee de j d,2 


A 
E2 T dry, dyz dyz 


(b) The magnitude of A and the energy of the d-d transition for a 
d! complex are equal. (c) A = 220 kJ/mol 23.67 (a) Both min- 
erals contain Cu?*, [Ar]3d°. (b) Azurite will probably have the 
larger A. It absorbs orange visible light, which has shorter wave- 
lengths than the red light absorbed by malachite. 23.68 (a) Pt**, d8 
(b) Cu2*, d? (€) Os?*, d’ (d) Cr2*, d*(e) Cd?*, d!° 23.69 Yes. A weak- 
field ligand leads to a small A value and a small d-orbital splitting 
energy. If the splitting energy of a complex is smaller than the energy 
required to pair electrons in an orbital, the complex is high spin. 
23.70 (a) Mn, [ Ar]4s23d°; Mn?*, [Ar]3d5; 1 unpaired electron 


(b) Ru, [Kr]5s!4d’; Ru?*, [Kr]4d°; 0 unpaired electrons 


Ay (Ar | Ab 


(c) Rh, [Kr]5s!4d°; Rh?*, [Kr]4d’; 1 unpaired electron 
| 
Ay | Ay | Ar 


23.71 All complexes in this exercise are six-coordinate octahedral. 


(a) ol (b) 1 

11411 7 | TM 
dr; high spin 

(c) | (d) 

lal] 

df, low spin d°, low spin 


(e) ® [i 


d°, high spin 


Ai | 4 4 lh al} 


a d° 


1|1 4 
high spin 
[Pt(NH3)2Cly]; K[Pt(NH3)Cls ] 


23.79 
Talal 
es he 
H 


Both dmpe and en are bidentate ligands, binding through P and 
N, respectively. Because phosphorus is less electronegative than N, 
dmpe is a stronger electron pair donor and Lewis base than en. Dmpe 
creates a stronger ligand field and is higher on the spectrochemical 
series. Structurally, dmpe occupies a larger volume than en. M-P 
bonds are longer than M—N bonds and the two — CH; groups on 
each P atom in dmpe create more steric hindrance than the H atoms 
on N in en. (b) The oxidation state of Mo is zero. (c) The symbol f? 
represents the bidentate dmpe ligand. 


CN 
| co P. || EN 
Mo Mo 
a Pa 
p~ | “co p^ | “CN 
CN co 
| 
CN | CN 
C> LAN | NG fe 
Mo | Mo 
a we 
eB | cor | oe |, 
co i cCoO 
| 


optical isomers 


23.82 (a) Iron (b) magnesium (c) iron (d) copper 23.84 (a) Penta- 
carbonyliron(0) (b) The oxidation state of iron must be zero. (c) Two. 
One isomer has CN in an axial position and the other has it in an 
equatorial position. 


23.86 


(a) 


A. 


SKE 


(b) These complexes are colored because the crystal-field splitting 
energy, A, is in the visible portion of the electromagnetic spec- 
trum. Visible light with à = hc/A is absorbed, promoting one of the 
d-electrons into a higher energy d-orbital. The remaining wavelengths 
of visible light are reflected or transmitted; the combination of these 
wavelengths is the color we see. (c) [Cr(NH3)6]?* will absorb light with 
higher energy. NH; is in the middle of the spectrochemical series, and 
causes a larger A than Br’, a weak-field ligand. Because A and A are 
inversely related, larger A corresponds to higher energy and shorter A. 


23.88 [Co(NHs3)6]°*, yellow; [Co(H20)6]?", pink; [CoCl,]*~, blue 


23.89 (a) re) 2- 


(b) sodium dicarbonyltetracyanoferrate(II) (c) +2, 6 d-electrons (d) 
We expect the complex to be low spin. Cyanide (and carbonyl) are 
high on the spectrochemical series, which means the complex will 
have a large A splitting, characteristic of low-spin complexes. 23.99 
(a) Yes, the oxidation state of Co is +3 in both complexes. (b) Com- 
pound A has SO," outside the coordination sphere and coordinated 
Br’, soit formsa precipitate with BaCl,(aq) but not AgNO3(aq). Com- 
pound B has Br’ outside the coordination sphere and coordinated 
SO so it forms a precipitate with AgNO3(aq) but not BaCl,(aq). 
(c) Compounds A and B are coordination sphere isomers. (d) Both 
compounds are strong electrolytes. 23.102 The chemical formula 
is [Pt(NH3)2Cl,]. This should be a neutral square-planar complex 
of Pt(II), a nonelectrolyte. Because it has a net dipole moment, we 
can infer that it must be the cis isomer. 23.104 47.3 mg Mg?" /L, 
53.4 mg Ca?" /L 23.106 AE = 3.30 x 10°! J/photon, A = 602 nm. 
The complex will absorb in the visible around 600 nm and appear 
blue. 


Chapter 24 
24.9 (a) True (b) true (c) false (d) false (e) true (f) false (g) true 
24.17 (a) No (b) no 


(©) CH; CH; 


/ 


H H C— CH3 Cl H C— CH) 
Cl Cl H Cl 
(d) no 
24.34 (a) R 


ve — COOH 
H 


(b) In protein formation, amino acids undergo a condensation reac- 
tion between the amino group of one molecule and the carboxylic 
acid group of another to form the amide linkage. (c) The bond that 
links amino acids in proteins is called the peptide bond. It is shown in 
bold in the figure below. 


24.37 (a) True (b) false (c) false 24.47 The complimentary strand 
for 5' — GCATTGGC — 3’ is 3’ — CGTAACCG — 5’. 

24.48 Structures (c) and (d) are the same molecule. 24.56 (a) 109.5° 
(b) sp? hybrid orbitals 24.57 (a) False (b) true (c) true (d) false 24.58 
Numbering from the left on the condensed structural formula, C1, C2 
and C3 have trigonal planar electron domain geometries, 120° bond 
angles, and sp? hybridization. C4 has tetrahedral electron domain 
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geometry, 109° bond angles, and sp? hybridization. 24.59 (a) One 
(b) ten (c) seven (d) five (e) two 24. 61 (a) 2-methylhexane (b) 4-ethyl- 
2,4-dimethyldecane (c) CH;CH,CH,;CH,CH,CH(CHs3)2 

(d) CH3CH,;CH,CH,CH(CH2CH3)CH(CH3)CH(CHs3) 


© H H 
Sa CH, CH 
H C CH; Jo’ 3 
Se. Ce. HC cf 
HI La ~ J ] 
— — 
a a HyC CH 
H c H x< 
H `H CH, CH3 


24.62 (a) 2,3-dimethylheptane (b) CH3CH2zCH ,C(CH3)3 


(© HC, CH; 


Pi 
C in 
HC CH, 


| | 
H,C_ CH, 
SCH 


CHCH; 
(d) 2,2,5-trimethylhexane (e) methylcyclobutane 24.63 65 


24.64 (a) Yes. (b) Yes, any molecule that contains a benzene ring is 
an unsaturated hydrocarbon. 24.65 (a) CH;CH,CH2CH2CH3, C5H2 


(b) th »CsHio 
HC ‘CH, 
\ ee A 
HC a. CH; 


(c) CH: == CHCH, CH; CH3, CsH10 

(d) HC=CCHCH2CH;3, CsHg 24.67 One possible structure is 
CH=C— CH=CH — C=CH 24.69 There are at least 46 structural 
isomers with the formula C6H1ọ. A few of them are 


CH,CH,CH,CH,C=CH CH,CH,CH,C=CCH, 
H H H 


CH;C=C—CH,CH=CH, CH;C=C—CH,CH=CH, 


CH; 
CH / 
ee a CH=C CH=CH 
2 
5 i da ae Yn, TA a 
“Nous CHS ca H 
24.71 
(@) H3C HC — CH; 
c=C 
H H 
b) H,C cl 
i cl oc 
cH 
HC Pa 
Te me 
d CH, 


(c) dibromoethyne 
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(d) OH 


OH 
(e) 3-methyl-1,4-pentadiene 24.73 (a) True (b) false (c) false 
24.75 (a) True 
(b) CH;CH,CH=CH—CH; + Bry —> 


2-pentene CH;,CH,CH(Br)CH(Br)CH; 


2, 3-dibromopentane 


This is an addition reaction. 


© H cl 
H H H H 
+c FeCl; 
H H H H 
H cI 
cr +o, 2s exci, 


This is an substitution reaction. 


24.76 The 60° C—C—C angles in the cyclopropane ring cause 
strain that provides a driving force for reactions that result in ring 
opening. There is no comparable strain in the five-membered or 
six-membered rings. (b) C2H4(g) + HBr(g) —~ CH3CH,Br(/); 


AICI. 
C6H6(1) + CH3CH,Br(/) —> C,H;CH2CH;(/) + HBr(g) 


24.77 Yes, this information suggests (but does not prove) that the 
reactions proceed in the same manner. That the two rate laws are first 
order in both reactants and second order overall indicates that the 
activated complex in the rate-determining step in each mechanism is 
bimolecular and contains one molecule of each reactant. This is usu- 
ally an indication that the mechanisms are the same, but it does not 
rule out the possibility of different fast steps or a different order of ele- 
mentary steps. 24.78 AH.omp/mol CH; for cyclopropane = 696.3 KJ, 
for cyclopentane = 663.4kJ. AH.omp/CH2 group for cyclopropane 
is greater because C3H, contains a strained ring. When combus- 
tion occurs, the strain is relieved and the stored energy is released. 
24.79 (a) (iii) (b) (i) (©) Gi) (d) (iv) (e) (v) 


24.80 (a) Propionaldehyde (or propanal): 
H H 


m C— a 
hh Œ 

(b) ethylmethyl ether: 
H H H 


H H H 
24.81 
(a) O 
eel —OH 


(b) O 
CH3CH,CH,CH,C—OH 


(©) CH; Cl 


CH.CH,CH.CH,CH,CH,CH;CH—C—C—OH 


or 


OH 
Cl 


24.82 


(a) 9 
CH,CH,O—C XO) 


Ethylbenzoate 


b) HO 


| ll 
CH3N— CCH; 
N-methylethanamide or 
N-methylacetamide 


(c) 5 


(O)-0—cens 


Phenylacetate 
24.83 


(a) O - 
| O 
CH3CH,C O CH3 + NaOH > CH3CH,C = 

O 


+ Na‘ + CHOH 


| ZO 
crc—o{O) + NaOH —>|CH;C@_| + Nat 
O 


OH 


24.84 High melting and boiling points are indicators of strong inter- 
molecular forces in the bulk substance. The presence of both — OH 
and —C=O groups in pure acetic acid leads us to conclude that 
it will be a strongly hydrogen-bonded substance. That the melting 
and boiling points of pure acetic acid are both higher than those 


of water, a substance we know to be strongly hydrogen-bonded, 
supports this conclusion. 24.85 (a) CH3CH,CH2,CH(OH)CH3 
(b) CH3;CH(OH)CH,0H 


(c) O 


| 
CH;COCH,CH; 


OO 


(e) CH30CH2CH3 


24.86 (b) 1 
24.88 (a) 


(d) 


+ l H l H | 
PNE a 


CH, CH, CH, 
ZA SH SH 
HN 


(b) Three tripeptides are possible: Trp-Cys-Cys, WCC; Cys-Trp-Cys, 
CWC; Cys-Cys-Irp, CCW 24.90 (a) False (b) true (c) true 24.91 (a) 
The empirical formula of cellulose is C6H1005. (b) The six-membered 
ring form of glucose is the monomer unit that is the basis of the poly- 
mer cellulose. (c) Ether linkages connect the glucose monomer units 
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in cellulose. 24.92 (a) Yes. (b) Four. In the linear form of mannose, 
the aldehydic carbon is C1. Carbon atoms 2, 3, 4, and 5 are chiral 
because they each carry four different groups. (c) Both the a (left) and 
B (tight) forms are possible. 


CHOH °CH,OH 
H C——O. OH H *C O OH 
[Ae NI VA NI 
č H C aœ H C1 
A ori A 
OH C——cC OH OH Ce Co H 

| | | | 

H H H H 


24.93 (a) False (b) false (c) true 24.94 Purines, with the larger elec- 
tron cloud and molar mass, will have larger dispersion forces than 
pyrimidines in aqueous solution. 24.95 5' — TACG — 3' 


24.97 
ji 
H O C 
| || AN 
H,C=C—C—H H—C—C—OH 
H 


24.106 (a) One ketone and two alcohol functional groups; no chi- 
ral centers (b) One ketone and three alcohol functional groups; 
one chiral center (c) One carboxylic acid and one amine functional 
group; two chiral centers 24.111 (a) Butane (b) diethyl ether (c) 
1-chlorobutane (d) ethylene glycol 24.115 AG° = 250 kJ/mol 
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Chapter 1 


Figure 1.1 Aspirin. It contains 9 carbon atoms. Figure 1.4 Vapor 
(gas) Figure 1.5 Molecules of a compound are composed of 

more than one type of atom, and molecules of an element are com- 
posed of only one type of atom. Figure 1.6 It would get larger 
because hydrogen atoms are lighter than the atoms of any other 
element. Figure 1.7 (c) Each water molecule contains one oxygen 
atom and two hydrogen atoms. Figure 1.14 The separations are 
due to physical processes of adsorption of the materials onto the 
column Figure1.18 True Figure1.19 1000 Figure 1.23 The 
darts would be scattered widely (poor precision) but their average 
position would be at the center (good accuracy). 


Chapter 2 


Figure 2.2 Cathode rays would still be generated but without 

the fluorescent screen you would not be able to see them. 

Figure 2.3 The electron beam would be deflected downward 
because of repulsion by the upper negative plate and attraction 
toward the positive plate. Figure 2.4 No, the electrons are of 
negligible mass compared with an oil drop. Figure 2.6 Beta rays 
are equivalent to electrons. (a) They are lighter. Figure 2.8 The 
beam consists of alpha particles, which carry a +2 charge. They are 
repelled from the positively charged gold nuclei. Figure 2.9 10? 
pm Figure 2.12 Based on the periodic trend, we expect that ele- 
ments that precede a nonreactive gas, as F does, will also be reactive 
nonmetals. The elements fitting this pattern are H and Cl. 

Figure 2.14 All of the metals shown here are solids, that exhibit 
varying degrees of luster to their appearance. In contrast, bromine is 
a liquid and none of the nonmetals shown here are lustrous. 
Figure 2.16 The ball-and-stick model. Figure 2.17 The elements 
are in the following groups: Ag* is 11, Zn?* is 12, and Sc** is 3. Only 
Sc?* has the same number of electrons as a noble gas, Ar (element 
18). Figure 2.18 No it is not, ionic solids like NaCl do not contain 
discrete molecules. Figure 2.21 Removing one O atom from the 
perbromate ion gives the bromate ion, BrO3; . 


Chapter 3 


Figure 3.3 There are two CH, and four O, molecules on the reac- 
tant side, which contain 2 C atoms, 8 H atoms and 8 O atoms. The 
number of each type of atom remains the same on the product side 
asitmust. Figure 3.7 The flame gives off heat and therefore the 
reaction must release heat. Figure 3.8 Avogadro’s number 
Figure 3.10 g/moland mol! Figure 3.16 If the amount of 

H3 is doubled then O, becomes the limiting reactant. In that case 
(7 mol O2) x (2 mol H,O/1 mol O,) = 14 mol H2O would be pro- 
duced. 


Chapter 4 


Figure 4.2 NaCl(aq) Figure 4.3 K*andNO; Figure 4.7 Mg 
(NO,), and water Figure 4.10 Two. Each O atom becomes an O% 
ion. Figure 4.11 One, based on the reaction stoichiometry. 
Figure 4.12 Because the Cu(II) ion produces a blue color in aqueous 
solution. Figure 4.16 The volume needed to reach the end point 
if Ba(OH)2(aq) were used would be one-half the volume needed for 
titration with NaOH(aq), because there are two hydroxide ions for 
every barium ion. 
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Chapter 5 


Figure 5.2 The electrostatic potential energy of two oppositely 
charged particles is negative (Equation 5.2). As the particles become 
closer, the electrostatic potential energy becomes even more 
negative—that is, it decreases. Figure 5.3 Attractions between 
oppositely charged ions would cause the ions to move closer 
together reducing the potential energy of the system. The lost 
potential energy is converted to kinetic energy needed to move the 
ions. Figure 5.4 The number of molecules will change because 
three reactant molecules (2 Hz and 1 O2) are needed to make two 
product (H20) molecules. However, in a closed system like this one 
the total mass will not change. Figure 5.5 If Egna = Ejnitiay then 
AE=0. Figure 5.6 


Mg(s) + Ch(g) 

Final. = 
state 

a) 

Pa AE>0 

5) 

S 

o 

a 

E | Initial 

# | state MgCl,(s) 

Figure 5.7 AE = 50J + (-85J) 35] Figure 5.10 The battery 


is doing work on the surroundings, sow < 0. Figure 5.11 The 
system does work on the surroundings to move the piston upward, 
sow <0. Figure 5.17 Endothermic—heat is being added to the 
system to raise the temperature of the water. Figure 5.18 Two 
cups provide more thermal insulation so less heat will escape the 
system. Figure 5.19 In a calorimeter the system is defined as the 
reactants and products, so the water inside the calorimeter is part of 
the surroundings. Figure 5.21 The condensation of 2 H,O(g) to 
2H20(1) Figure 5.22 Yes, AH; would remain the same as it is the 
enthalpy change for the process CO(g) + 5O2(g) —> CO,(g). 
Figure 5.24 Exothermic, because the enthalpy of the products is 
lower than that of the reactants. Figure 5.25 Grams of fat 


Chapter 6 


Figure 6.3 Wavelength = 1.0m, frequency = 3.0 x 10° cycles/s. 
Figure 6.4 Longer by 3 to 5 orders of magnitude (depending on 
what part of the microwave spectrum is considered). Figure 6.5 
The part of the nail glowing yellow is hotter than the part glow- 
ingred. Figure 6.7 As the frequency of the incoming light is 
increased the photon energy will increase and the kinetic energy 

of the ejected electrons will increase. Figure 6.11 Then = 2 to 

n = 1 transition involves a larger energy change than then = 3 to 

n = 2 transition. (Compare the lengths of the arrows connecting the 
states in the figure.) Ifthe n = 3 ton = 2 transition produces visible 
light, then = 2 ton = 1 transition must produce radiation of greater 
energy. Of the two choices only ultraviolet radiation has higher 
frequency and greater energy than visible light. Figure 6.12 

Then = 4ton = 3 transition involves a smaller energy difference 
and will therefore emit light of longer wavelength. Figure 6.16 
The region of highest electron density is where the density of dots 


is highest, which is near the nucleus. Figure 6.17 Fora single 
electron atom like hydrogen the energies of the orbitals are the same 
as the energies of the orbits in the Bohr model. Figure 6.18 There 
would be four maxima and three nodes. Figure 6.22 Thep, 
orbital. Figure 6.23 There are two nodal planes for each of the 
d-orbitals. For the d, orbital the nodal planes are the xz and yz 
planes. Figure 6.24 The 4d and 4fsubshells are not shown. 
Figure 6.30 Osmium 


Chapter 7 


Figure 7.1 These three metals do not readily react with other ele- 
ments, especially oxygen, so they are often found in nature in the ele- 
mental form as metals (such as gold nuggets) Figure 7.4 Because 
of the peak near the nucleus in the 2s curve there is a higher prob- 
ability of finding a 2s within 50 pm of the nucleus. In a multielectron 
atom an electron in a 2s orbital will have a lower energy than one 

in a 2p orbital. Figure 7.7 Bottomandleft Figure 7.8 They get 
larger, just like the atoms do. Figure 7.10 900 kJ/mol 

Figure 7.11 There is more electron-electron repulsion in the case of 
oxygen because two electrons have to occupy the same orbital. 
Figure 7.12 The added electron for the Group 14 elements leads to 
a half-filled np? configuration. For the Group 15 elements, the added 
electron leads to an np* configuration, so the electron must be added 
to an orbital that already has one electron in it, and thus experiences 
more electron-electron repulsion. Figure 7.13 They are opposite: 
As ionization energy increases, metallic character decreases, and 

vice versa. Figure 7.15 Anions are above and to the right of the 
line; cations are below and to the left of the line. Figure 7.16 No. 
The Na‘ and NO; ions will simply be spectator ions. The H* ions 

of an acid are needed in order to dissolve NiO. Figure 7.17 No. 

As seen in the photo, sulfur crumbles as it is hit with a hammer, 
typical of a solid nonmetal. Figure 7.21 Because Rb is below Kin 
the periodic table, and has a lower first ionization energy we expect 
Rb to be more reactive with water than K. Figure 7.23 Lilac (see 
Figure 7.22). Figure 7.25 The bubbles are due to H2(g). This 
could be confirmed by carefully testing the bubbles with a flame— 
there should be popping as the hydrogen gas ignites. 

Figure 7.26 A regular octagon. Figure 7.27 1, isa solid whereas 
Cl, is a gas. Molecules are more closely packed together in a solid 
than they are in a gas, as will be discussed in detail in Chapter 11. 


Chapter 8 


Figure 8.1 We would draw the chemical structure of sugar mol- 
ecules (which have no charges and have covalent bonding between 
atoms in each molecule) and indicate weak intermolecular forces 
(especially hydrogen bonding) between sugar molecules. 

Figure 8.3 Yes. Figure 8.4 Cations have a smaller radius than 
their neutral atoms and anions have a larger radius. Because Na and 
Clare in the same row of the periodic table, we would expect Na* 

to have a smaller radius than Cl, so we would infer that the larger 
green spheres represent the chloride ions and the smaller purple 
spheres represent the sodium ions. Figure 8.5 The distance 
between ions in KF should be larger than that in NaF and smaller 
than that in KCl. We would thus expect the lattice energy of KF 

to be between 701 and 910 kJ/mol. Figure 8.7 The repulsions 
between the nuclei would decrease, the attractions between the 
nuclei and the electrons would decrease, and the repulsions between 
the electrons would be unaffected. Figure 8.8 The electronegativ- 
ity decreases with increasing atomic number. Figure 8.10 pn will 
decrease. Figure 8.11 The bonds are not polar enough to cause 
enough excess electron density on the halogen atom to lead toa 

red shading. Figure 8.13 The lengths of the bonds of the outer 
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O atoms to the inner O atom are the same. Figure 8.14 Yes. The 
electron densities on the left and right parts of the molecule are the 
same, indicating that resonance has made the two O — O bonds 
equivalent to oneanother. Figure 8.15 It should be halfway 
between the values for single and double bonds, which we can esti- 
mate to be about 280 kJ/mol from the graph. 


Chapter 9 


Figure 9.1 The radii of the atoms involved (see Section 7.3). 
Figure 9.2 NF; Figure 9.3 Octahedral. Figure 9.4 No. We 
will get the same bent-shaped geometry regardless of which two 
atoms we remove. Figure9.8 90°. Figure9.9 The C—O—H 
bond involving the right O because of the greater repulsions due 

to the nonbonding electron domains. The angle should be less 
than the ideal value of 109.5°. Figure 9.10 Zero. Because they 
are equal in magnitude but opposite in sign, the vectors cancel 
upon addition. Figure 9.13 74 pm is the bond length, 436 kJ/ 
molis the bond strength. Figure9.16 120° Figure 9.17 The 
p, orbital. Figure 9.18 No. All four hybrids are equivalent and 
the angles between them are all the same, so we can use any of the 
two to hold the nonbonding pairs. Figure 9.19 Because the P 3p 
orbitals are larger than the N 2p orbitals, we would expect somewhat 
larger lobes on the hybrid orbitals in the right-most drawing. Other 
than that, the molecules are entirely analogous. Figure 9.22 
They have to lie in the same plane in order to allow the overlap of 
the m orbitals to be effective in forming the 7 bond. Figure 9.23 
Acetylene should have the higher carbon-carbon bond energy 
because it has a triple bond as compared to the double bond 

in ethylene. Figure 9.25 It has six C—C ø and six C—Ho 
bonds. Figure 9.31 0,,2,0%;'. Figure 9.32 of,and ož, 

Figure 9.33 The end-on overlap in the ozp MO is greater than the 
sideways overlap in the m. Figure 9.39 The op and 7, MOs 
have switched order. Figure 9.40 O,andF, Figure 9.42 No is 
diamagnetic so it would not be attracted to the magnetic field. The 
liquid nitrogen would simply pour through the poles of the magnet 
without “sticking.” Figure 9.43 11. All the electrons in then = 2 
level are valenceshell electrons. 


Chapter 10 


Figure 10.2 It willincrease. Figure 10.5 Decreases Figure 10.6 
1520 torr or 203 kPa Figure 10.9 One Figure 10.10 Chlorine, 
Cl,. Figure 10.12 About one-sixth Figure 10.13 O, has the 
largest molar mass, 32 g/mol, and H, has the smallest, 2.0 g/mol. 
Figure 10.16 n, moles of gas Figure 10.20 True Figure 10.22 
It would increase. 


Chapter 11 


Figure 11.1 The density in a liquid is much closer to a solid than 
itistoagas. Figure 11.3 The distance within the molecule (the 
covalent bond distance) represented by the solid black line is smaller 
than the intermolecular distance represented by the red dotted 
line. Figure 11.5 The halogens are diatomic molecules and have 
much greater size and mass, and therefore greater polarizability, 
than the noble gases, which aremonatomic. Figure 11.8 They 
stay roughly the same because the molecules have roughly the 
same molecular weights. Thus, the change in boiling point moving 
left to right is due mainly to the increasing dipole-dipole attrac- 
tions. Figure 11.9 Both compounds are nonpolar and incapable 
of forming hydrogen bonds. Therefore, the boiling point is deter- 
mined by the dispersion forces, which are stronger for the larger, 
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heavier AsH3. Figure 11.10 The non-hydrogen atom must possess 
anonbonding electron pair. Figure 11.11 There are four electron 
pairs surrounding oxygen in a water molecule. Two of the electron 
pairs are used to make covalent bonds to hydrogen within the H,0 
molecule, while the other two are available to make hydrogen bonds 
to neighboring molecules. Because the electron-pair geometry is 
tetrahedral (four electron domains around the central atom), the 
H—O--- H bond angle is approximately 109°. Figure 11.13 The 
O atom is the negative end of the polar H2O molecule; the negative 
end of the dipole is attracted to the positive ion. Figure 11.14 

Yes, although not likely. Figure 11.19 Wax is a hydrocarbon that 
cannot form hydrogen bonds. Therefore, coating the inside of tube 
with wax will dramatically decrease the adhesive forces between 
water and the tube and change the shape of the water meniscus to 

an inverted U-shape. Neither wax nor glass can form metallic bonds 
with mercury so the shape of the mercury meniscus will be qualita- 
tively the same, an inverted U-shape. Figure 11.20 Because energy 
is a state function, the energy to convert a gas to a solid is the same 
regardless of whether the process occurs in one or two steps. Thus, 
the energy of deposition equals the energy of condensation plus 

the energy of freezing. Figure 11.21 Because water has stronger 
intermolecular interactions. Figure 11.22 The temperature of the 
liquid water is increasing. Figure 11.24 Increases, because the 
molecules have more kinetic energy as the temperature increases and 
can escape more easily Figure 11.25 All liquids including ethylene 
glycol reach their normal boiling point when their vapor pressure is 
equal to atmospheric pressure, 101.3 kPa. Figure 11.27 It must be 
lower than the temperature at the triple point. 


Chapter 12 


Figure 12.5 There is not a centered square lattice, because if you 
tile squares and put lattice points on the corners and the center of 
each square it would be possible to draw a smaller square (rotated by 
45°) that only has lattice points on the corners. Hence a “centered 
square lattice” would be indistinguishable from a primitive square 
lattice with a smaller unit cell. Figure 12.12 Face-centered cubic, 
assuming similar size spheres and cell edge lengths, since there are 
more atoms per volume for this unit cell compared to the other two. 
Figure 12.13 A hexagonal lattice Figure 12.15 The solvent is 
the majority component and the solute the minority component. 
Therefore, there will be more solvent atoms than solute atoms. 
Figure 12.17 The samarium atoms sit on the corners of the unit 
cell so there is only 8 x (1/8) = 1 Sm atom per unit cell. Eight of 
the nine cobalt atoms sit on faces of the unit cell, and the other sits 
in the middle of the unit cell so there are 8 X (1/2) + 1 = 5Co 
atoms per unit cell. Figure 12.19 P,, Ss, and Cl, are all molecules, 
because they have strong chemical bonds between atoms and have 
well-defined numbers of atoms per molecule. Figure 12.21 Inthe 
fourth period, vanadium and chromium have very similar melting 
points. Molybdenum and tungsten have the highest melting points 
in the fifth and sixth periods, respectively. All of these elements are 
located near the middle of the period where the bonding orbitals 

are mostly filled and the antibonding orbitals mostly empty. 

Figure 12.22 The molecular orbitals become more closely spaced 
inenergy. Figure 12.23 Potassium has only one valence electron 
per atom (451). Therefore we expect the 4s band to be approximately 
half full. If we fill the 4s band halfway a small amount of electron 
density might leak over and start to fill the 3d orbitals as well. The 4p 
orbitals should be empty. Figure 12.24 Ionic substances cleave 
because the nearest neighbor interactions switch from attractive to 


repulsive if the atoms slide so that ions of like charge (cation-cation 
and anion-anion) touch each other. Metals don’t cleave because the 
atoms are attracted to all other atoms in the crystal through metal- 
licbonding. Figure 12.25 No, ions of like charge do not touch 
in an ionic compound because they are repelled from one another. 
In an ionic compound the cations touch the anions. Figure 
12.27 In NaF there are four Na* ions (12 x 1/4) and four F ions 
(8 X 1/8 + 6 X 1/2) per unit cell. In MgF, there are two Mg”* ions 
(8 X 1/8 + 1) and four F ions (4 x 1/2 + 2) per unit cell. In ScF3 
there is one Sc?* ion (8 X 1/8) and three F~ ions (12 x 1/4) per 
unit cell. Figure 12.28 The intermolecular forces are stronger in 
toluene, as shown by its higher boiling point. The molecules pack 
more efficiently in benzene, which explains its higher melting 
point, even though the intermolecular forces are weaker. 

Figure 12.30 The band gap for an insulator would be larger than 
the one forasemiconductor. Figure 12.31 If you doubled the 
amount of doping in panel (b), the amount of blue shading the 
conduction band would also double. Figure 12.44 Decrease. As 
the quantum dots get smaller, the band gap increases and the emit- 
ted light shifts to shorter wavelength. Figure 12.48 Each carbon 
atom in Ceo is bonded to three neighboring carbon atoms through 
covalent bonds. Thus, the bonding is more like graphite, where 
carbon atoms also bond to three neighbors, than diamond, where 
carbon atoms bond to four neighbors. 


Chapter 13 


Figure 13.1 Gas molecules move in constant random 

motion. Figure 13.2 Opposite charges attract. The electron- 

rich O atom of the H2O molecule, which is the negative end of 

the dipole, is attracted to the positive Na* ion. Figure 13.4 For 
exothermic solution processes the magnitude of AH,,;, will be larger 
than the magnitude of AH gone + AHsonenr Figure 13.6 46 g. 
Figure 13.11 If the partial pressure of a gas over a solution is 
doubled, the concentration of gas in the solution would double. 
Figure 13.12 Thehighest. Figure 13.14 Looking at where the 
solubility curves for KCl and NaCl intersect the 80 °C line, we see 
that the solubility of KCl is about 51 g/100 g H20, whereas NaCl 
has a solubility of about 39 g/100 g H2O. Thus, KCl is more soluble 
than NaCl at this temperature. Figure 13.15 N, has the same 
molecular weight as CO but is nonpolar, so we can predict that its 
curve will be just below that of CO. Figure 13.21 The water will 
move through the semipermeable membrane toward the more 
concentrated solution. Thus, the liquid level in the left arm will 
increase. Figure 13.22 Water will move toward the more concen- 
trated solute solution, which is inside the red blood cells, causing 
them to undergo hemolysis. Figure 13.25 The negatively charged 
groups both have the composition —CO,. Figure 13.27 Recall 
the rule that likes dissolve likes. The oil drop is composed of nonpo- 
lar molecules, which interact with the nonpolar part of the stearate 
ion via dispersion forces. 


Chapter 14 


Figure 14.1 No. The surface area of a steel nail is much smaller 
than that for the same mass of steel wool, so the reaction with O, 
would not be as vigorous. Depending on how hot it is, it might not 
burn atall. Figure 14.2 Our first guess might be half way between 
the values at 20s and 40s, namely 0.42 mol A. However, we also see 
that the change in the number of moles of A between 0 s and 20s is 
greater than that between 20s and 40s—in other words, the rate of 


conversion gets smaller as the amount of A decreases. So we would 
guess that the change from 20 s to 30 s is greater than the change 
from 30s to 40 s, and we would estimate that the number of moles 
of Ais between 0.42 and 0.30 mol. Figure 14.3 The instantaneous 
rate decreases as the reaction proceeds. Figure 14.7 The reaction 
is first order. Figure 14.9 At the beginning of the reaction when 
both plots are linear or nearly so. Figure 14.13 No, it will not turn 
down. The rate constant increases monotonically with increasing 
temperature because the kinetic energy of the colliding molecules 
continues to increase. Figure 14.15 The difference in height 
between the ball and the top of the barrier. Figure 14.16 As 
shown, the magnitude of energy needed to overcome the energy bar- 
rier is greater than the magnitude of the energy change in the reac- 
tion. Figure 14.17 It would be more spread out, the maximum of 
the curve would be lower and to the right of the maximum of the red 
curve, and a greater fraction of molecules would have kinetic energy 
greater than FE, than forthe red curve. Figure 14.19 The rate of 
converting intermediates to products will be faster, because this 
reaction has a lower barrier than the reaction that converts interme- 
diates back to reactants. Figure 14.20 No, because the bottleneck, 
or rate determining step, is passing through toll plazaA. Figure 
14.21 The color is characteristic of molecular bromine, Br, which is 
an intermediate in this reaction. Figure 14.22 There is one valley 
corresponding to the formation of intermediates, so the reaction has 
atotal of two steps. Figure 14.25 Grinding increases the surface 
area, exposing more of the catalase to react with the hydrogen per- 
oxide. Figure 14.26 Substrates must be held more tightly so that 
they can undergo the desired reaction. Products are released from 
the active site. 


Chapter 15 


Figure 15.1 The same because once the system reaches 
equilibrium the concentrations of NO, and N20; stop changing. 
Figure 15.2 Because the concentration of reactants is decreasing, 
which reduces the frequency of collisions and hence the rate of the 
forward reaction. Figure 15.3 Yes. The reaction stoichiometry 
dictates that H, disappears at three times the rate that N, disap- 
pears. Figure 15.5 Experiment4 Figure 15.6 The boxes would 
be approximately the same size. Figure 15.7 It would decrease. 
To reestablish equilibrium the concentration of CO2(g) would need 
to return to its previous value. The only way to do that would be for 
more CaCO; to decompose to produce enough CO,(g) to replace 
what was lost. Figure 15.9 High pressure and low temperature, 
500 atm and 400 °C in this figure. Figure 15.10 Nitrogen must 
react with some of the added hydrogen to create ammonia and 
restore equilibrium. Figure 15.15 (a) the energy difference 
between the initial state and the transition state. 

Figure 15.16 About 5 x 104 


Chapter 16 


Figure 16.1 Hydrogen bonds. Figure 16.3 

O?” (aq) + H,O(l) —> 2 OH (aq). Figure 16.4 Basic. The 
mixture of the two solutions will still have [H*] < [OH]. 

Figure 16.5 Lemon juice. It has a pH of about 2 whereas black cof- 
fee has a pH of about 5. The lower the pH, the more acidic the solu- 
tion. Figure 16.7 Phenolphthalein changes from colorless, for pH 
values less than 8, to pink for pH values greater than 10. A pink color 
indicates pH > 10. Figure 16.8 Bromthymol blue would be most 
suitable because it changes pH over a range that brackets pH = 7. 
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Methyl red is not sensitive to pH changes when pH > 6, while phe- 
nolphthalein is not sensitive to pH changes when pH < 8, so nei- 
ther changes color at pH = 7. Figure 16.12 Yes. The equilibrium 
of interest is HXCCOOH == H* + H3CCOO -. If the percent disso- 
ciation remained constant as the acid concentration increased, the 
concentration of all three species would increase at the same rate. 
However, because there are two products and only one reactant, 

the product of the concentrations of products would increase faster 
than the concentration of the reactant. Because the equilibrium 
constant is constant, the percent dissociation decreases as the acid 
concentration increases. Figure 16.13 3. Figure 16.15 The 
nitrogen atom in hydroxylamine accepts a proton to form NH;OH*. 
As a general rule, nonbonding electron pairs on nitrogen atoms 

are more basic than nonbonding electron pairs on oxygen atoms. 
Figure 16.17 The range of pH values is so large that we can’t 

show the effects using a single indicator (see Figure 16.8). Figure 
16.20 The HOY molecule on the left because it is a weak acid. Most 
of the HOY molecules remain undissociated. 


Chapter 17 


Figure 17.6 The pH will increase upon addition of the base. 
Figure 17.7 25.00 mL. The number of moles of added base needed 
to reach the equivalence point remains the same. Therefore, by dou- 
bling the concentration of added base the volume needed to reach 
the equivalence point is halved. Figure 17.9 The volume of base 
needed to reach the equivalence point would not change because 
this quantity does not depend on the strength of the acid. However, 
the pH at the equivalence point, which is greater than 7 for a weak 
acid-strong base titration, would decrease to 7 because hydrochlo- 
ric acid isa strong acid. Figure 17.11 The pH at the equivalence 
point increases (becomes more basic) as the acid becomes weaker. 
The volume of added base needed to reach the equivalence point 
remains unchanged. Figure 17.12 No; it would change color by 
pH 6and miss pH 7. Figure 17.15 HPO; at first equivalence 
point, HPO,” at the second. Figure 17.22 Because the solution is 
basic. Figure 17.23 Yes. CuS would precipitate in step 2 on addi- 
tion of H,S to an acidic solution, while the Zn?* ions remained in 
solution. 


Chapter 18 


Figure 18.1 About 85 km, at the mesopause. Figure 18.3 

The atmosphere absorbs a significant fraction of solar radiation. 
Figure 18.4 (c) UV Figure 18.5 The peak value is about 

5 x 10!? molecules per cm’. If we use Avogradro’s number 

to convert molecules to moles, and the conversion factor of 

1000 cm? = 1000 mL = 1 L, we find that the concentration of 
ozone at the peak is 8 X 10°? mol/L. Figure 18.8 CaSO3(s) 
Figure 18.10 The Earth’s surface absorbs 492 W/m?. Of that 
amount 390 W/m? or 79% is radiated back toward the atmos- 

phere. Figure 18.12 The increasing slope corresponds to an 
increasing rate of addition of CO, to the atmosphere, probably as a 
result of ever-increasing burning of fossil fuels worldwide. Figure 
18.14 Evaporation from sea water, evaporation from freshwater; 
evaporation and transpiration from land. Figure 18.15 As the 
temperature of water goes down its density increases. Therefore, 
density increases as depth increases (note the pressure also increases 
which also results in an increase in density). Figure 18.19 To 
reduce concentrations of dissolved iron and manganese, remove H2S 
and NH3, and reduce bacterial levels. 
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Chapter 19 


Figure 19.1 Yes, the potential energy of the eggs decreases as they 
fall. Figure 19.3 To be truly reversible, the temperature change 
ôT must be infinitesimally small. Figure 19.5 Because the final 
volume would be less than twice the volume of Flask A, the final 
pressure would be greater than 50.7 kPa. Figure 19.8 There are 
two other independent rotational motions of the H2O molecule: 


í 


> 


Figure 19.9 Ice, because it is the phase in which the molecules are 
held most rigidly Figure 19.11 The decrease in the number of 
molecules due to the formation of new bonds. Figure 19.12 Dur- 
ing a phase change, the temperature remains constant but the 
entropy change can be large as molecules increase their degrees of 
freedom and motion. Figure 19.13 Based on the three mol- 
ecules shown, the addition of each C increases S° by 40-45 J/mol K. 
Based on this observation, we would predict that S°(C4H;9) would 


310-315 J/mol K. Appendix C confirms that this is a good prediction: 


S°(C4Hjo) = 310.0J/molK. Figure 19.14 Spontaneous Figure 
19.15 If we plot progress of the reaction versus free energy, equilib- 
rium is ata minimum point in free energy, as shown in the figure. 
In that sense, the reaction runs “downhill” until it reaches that 
minimum point. 


Chapter 20 


Figure 20.1 Exothermic. Figure 20.2 The permanganate ion, 
MnO; , is reduced, as the half-reactions in the text show. The 
oxalate ion, C,O,4” , acts as the reducing agent. Figure 20.3 The 
blue color is due to Cu?*(aq). As this ion is reduced, forming Cu(s), 
its concentration decreases and the blue color fades. Figure 

20.4 The Zn is oxidized and, therefore, serves as the anode of the 
cell. Figure 20.5 The electrical balance is maintained in two ways: 
Anions migrate into the half-cell, and cations migrate out via the salt 
bridge. Figure 20.9 As the cell operates, H* is reduced to H3 in the 
cathode half-cell. As H* is depleted, the positive Na* ions are drawn 
into the half-cell to maintain electrical balance in the solution. 
Figure 20.11 Yes. Figure 20.13 The variable n is the number 

of moles of electrons transferred in the process. Figure 20.14 

The cathode. Figure 20.19 The cathode consists of PbO2(s). 
Because each oxygen has an oxidation state of —2, lead must have 
an oxidation state of +4 in this compound. Figure 20.20 Zn 
Figure 20.21 Co**. The oxidation number increases as the battery 
charges. Figure 20.24 O,(g) + 4H* + 4e —> 2H,O(g) 
Figure 20.25 The oxidizing agent of O2(g) from the air. 

Figure 20.29 OV 


Chapter 21 


Figure 21.1 From Figure 21.1 we see that the belt of stability for 

a nucleus containing 70 protons lies at approximately 102 neu- 
trons. Figure 21.2 Th —> 73{Pa + 9e Figure 21.3 Only 
three of the elements with an even number of protons have fewer 
than three isotopes: He, Be, and C. Note that these three elements 
are the lightest elements that have an even atomic number. Because 
they are so light, any change in the number of neutrons will change 
the neutron/proton ratio significantly. This helps to explain why 
they do not have more stable isotopes. None of the elements in 
Figure 21.3 that have an odd number of protons have more than 


two stable isotopes. Figure 21.6 6.25 g. After one half-life, the 
amount of the radioactive material will have dropped to 25.0 g. After 
two half-lives, it will have dropped to 12.5 g. After three half-lives, 

it will have dropped to 6.25 g. Figure 21.7 Plants convert '*CO, 
to 4C-containing sugars via photosynthesis. When mammals eat 
the plants, they metabolize the sugars, thereby incorporating C in 
their bodies. Figure 21.8 Gamma rays. Both X rays and gamma 
rays consist of high-energy electromagnetic radiation, whereas alpha 
and beta rays are streams of particles. Figure 21.9 Ionization 
energy. Detection depends on the ability of the radiation to cause 
ionization of the gas atoms. Figure 21.14 The mass numbers are 
equal on both sides. Remember that this does not mean that mass is 
conserved—mass is lost during the reaction, which appears as energy 
released. Figure 21.15 16. Each of the eight neutrons would split 
another uranium-235 nucleus, releasing two more neutrons. 

Figure 21.16 Critical without being supercritical so that the release 
of energy is controlled. Figure 21.23 Alpha rays are less danger- 
ous when outside the body because they cannot penetrate the skin. 
However, once inside the body they can do great harm to any cells 
that are nearby. 


Chapter 22 


Figure 22.5 Beaker on the right is warmer. Figure 22.6 HF isthe 
most stable, SbH3 the least stable. Figure 22.8 More soluble in 
CCl, — the colors are deeper. Figure 22.9 CF, Figure 22.12 

No Figure 22.14 Based on this structure—yes, it would have a 
dipole moment. In fact, if you look it up, hydrogen peroxide’s dipole 
moment is larger than water’s! Figure 22.19 Formally they could 
both be +2. If we consider that the central sulfur is like SO,2-, how- 
ever, then the central sulfur would be +6, like SO, and the termi- 
nal sulfur would be —2. Figure 22.21 Nitrite Figure 22.22 
Longer. (There is a triple bondin N3.) Figure 22.24 The NO 
double bond Figure 22.26 In both compounds the electron 
domains around the P atoms are tetrahedral. In P404ọ all the electron 
domains around the P atoms are bonding. In P40 one of the elec- 
tron domains about each P atom is nonbonding. Figure 22.30 
The minimum temperature should be the melting point of silicon; 
the temperature of the heating coil should not be so high that the 
silicon rod starts to melt outside the zone of the heating coil. 


Chapter 23 


Figure 23.3 No. The radius decreases first and then flattens out 
before increasing on moving past group 8B, while the effective 
nuclear charge increases steadily on moving left to right across the 
transition metal series. Figure 23.4 Zn?*. Figure 23.5 The 4s 
orbitals are always empty in transition metal ions, so all of the ions 
shown in this table have empty 4s orbitals. The 3d orbitals are only 
empty for those ions that have lost all of their valence electrons: 
Sc3*, Ti#*, VO", Cr, and Mn’*. Figure 23.6 The electron spins 
would tend to align with the direction of the magnetic field. 
Figure 23.8 No. If you start with a chloride ion on one vertex of 
the octahedron and then generate structures by placing the second 
chloride ion on any of the other five vertices you will get one com- 
plex that is the trans isomer and four complexes that are equivalent 
to the cis isomer shown in this figure. Figure 23.9 Neither the 
coordination number nor the oxidation state of iron change in 
this reaction. Figure 23.10 The solid wedge represents a 

bond coming out of the plane of the page. The dashed wedge 
represents a bond that is going into the plane of the page. 

Figure 23.13 There are 20 carbon atoms in porphine, all 


of which have sp? hybridization. Figure 23.15 The coordination 
number is 6. The blue atoms in the heme are nitrogen atoms. 
Figure 23.16 The peakat660nm. Figure 23.20 
[Fe(NH3);(NO,)]** and pentaammi-nenitroiron(III) ion 

for the complex on the left. [Fe(NH3)5(ONO) ]** and 
pentaamminenitritoiron(III) ion for the complex on the right. Fig- 
ure 23.21 Thecisisomer. Figure 23.24 Larger, since ammonia 
can displace water. Figure 23.26 The peak would stay in the 
same position in terms of wavelength, but its absorbance would 
decrease. Figure 23.28 dz_yandd, Figure 23.29 Convert 
the wavelength of light, 495 nm, into energy in joules using the 
relationship E = hc/à. Figure 23.30 The absorption peak would 
shift to shorter wavelengths absorbing green light and the color 

of the complex ion would become red. An even larger shift would 
move the absorption peak into the blue region of the spectrum and 
the color would become orange. Figure 23.34 Only the d,2_,2 
orbital points directly at the ligands. 
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Chapter 24 


Figure 24.1 Tetrahedral Figure 24.2 The OH group is polar 
whereas the CH; group is nonpolar. Hence, adding CH; will (a) 
reduce the substance’s solubility in polar solvents and (b) increase 
its solubility in nonpolar solvents. Figure 24.5 C,H», 

because there are no CH; groups, each carbon has two hydro- 

gens. Figure 24.7 Justone Figure 24.9 Yes, spontane- 

ous. Figure 24.13 Both lactic acid and citricacid Figure 24.14 
No, because there are not four different groups around any car- 

bon Figure 24.16 Those labeled “basic amino acids,” which have 
basic side groups that are protonated at pH7 Figure 24.17 

Two. Figure 24.23 The long hydrocarbon chains, which are non- 
polar Figure 24.24 The polar parts of the phospholipids seek to 
interact with water whereas the nonpolar parts seek to interact with 
other nonpolar substances and to avoid water. Figure 24.26 
1-2-3-4 Figure 24.27 GC because each base has three hydrogen 
bonding sites, whereas there are only two in AT. 


ANSWERS TO SELECTED PRACTICE EXERCISES 


Chapter 1 


Sample Exercise 1.1 
Practice Exercise: It is a compound because it has constant composi- 
tion and can be separated into several elements. 


Sample Exercise 1.2 
Practice Exercise: (a) 10'2pm, (b) 6.0km, (c) 4.22 x 10%g, 
(d) 0.00422 g. 


Sample Exercise 1.3 
Practice Exercise: (c) selenium, Se 


Sample Exercise 1.4 
Practice Exercise: (a) 8.96 g/cm’, (b) 19.0mL, (c) 340g. 


Sample Exercise 1.5 
Practice Exercise: (a) a 500-kg motorcycle moving at 100 km/h 


Sample Exercise 1.6 

Practice Exercise: No. The number of cm? in a liter is a defined quan- 
tity and is therefore exact, but the volume represented by one cm? is 
not exact, although it is known to high accuracy. 


Sample Exercise 1.7 
Practice Exercise: (c) 4 


Sample Exercise 1.8 
Practice Exercise: 9.52 m/s (three significant figures). 


Sample Exercise 1.9 
Practice Exercise: (e) 2.9 x 10? g 


Sample Exercise 1.10 
Practice Exercise: 1.496 x 10° km 


Sample Exercise 1.11 
Practice Exercise: 12 km/L. 


Sample Exercise 1.12 
Practice Exercise: $2.24/gal 


Chapter 2 


Sample Exercise 2.1 


Practice Exercise: (a) 154pm, (b) 1.3 x 10°C atoms 


Sample Exercise 2.2 
Practice Exercise: (d) Ho, (e) *°Gd 


Sample Exercise 2.3 
Practice Exercise: 78§Pb 


Sample Exercise 2.4 
Practice Exercise: 28.09 u 


Sample Exercise 2.5 
Practice Exercise: Na, atomic number 11, is a metal; Br, atomic num- 
ber 35, is a nonmetal. 


Sample Exercise 2.6 
Practice Exercise: (d) C,O,, C,O 
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Sample Exercise 2.7 
Practice Exercise: (b) P*, (d) Se? 


Sample Exercise 2.8 
Practice Exercise: (a) Ti**, (d) Te? 


Sample Exercise 2.9 

Practice Exercise: (a) Rbis from Group 1, and readily loses one electron 
to attain the electron configuration of the nearest noble gas element, Kr. 
(b) Nitrogen and the halogens are all nonmetallic elements, which 
form molecular compounds with one another. (c) Krypton, Kr, is 
a noble gas element and is chemically inactive except under special 
conditions. (d) Na and K are both from Group 1 and adjacent to 
one another in the periodic table. They would be expected to behave 
very similarly. (e) Calcium is an active metal and readily loses two 
electrons to attain the noble gas configuration of Ar. 


Sample Exercise 2.10 
Practice Exercise: (d) N 


Sample Exercise 2.11 
Practice Exercise: (a) ClO”, chlorate 


Sample Exercise 2.12 
Practice Exercise: (c) Fe,O,, diiron oxide 


Sample Exercise 2.13 
Practice Exercise: (b) nitrous acid, (d) iodic acid 


Sample Exercise 2.14 
Practice Exercise: (a) carbon disulfide (b) carbon monoxide (c) tricar- 
bon dioxide (d) carbon tetrabromide (e) carbon monofluoride. 


Sample Exercise 2.15 
Practice Exercise: (a) C,H,,, (b) hexanol, C-6H,,O 


Chapter 3 


Sample Exercise 3.1 
Practice Exercise: (d) 6 


Sample Exercise 3.2 


Practice Exercise: (a) 4,3,2; (b) 2,6,2,3; (c) 1,2,1,1,1 


Sample Exercise 3.3 
Practice Exercise: (d) 2Ag,O(s) —> 4Ag(s) + O2(g) 


Sample Exercise 3.4 
Practice Exercise: (b) 2 C,H,(OH),(/) + 5 O2(g) — > 4COd(g) + 
6 H20(g) 


Sample Exercise 3.5 


Practice Exercise: (a) 78.0u, (b) 32.0u, (c) 211.0u 


Sample Exercise 3.6 
Practice Exercise: (b) 17.1% 


Sample Exercise 3.7 
Practice Exercise: (c) 50 g sodium chloride 


Sample Exercise 3.8 


Practice Exercise: (a) 9.0 x 10%, (b) 2.71 x 1074 


Sample Exercise 3.9 
Practice Exercise: (b) 2+ 


Sample Exercise 3.10 
Practice Exercise: 6.05 mol 


Sample Exercise 3.11 
Practice Exercise: 532 g 


Sample Exercise 3.12 
Practice Exercise: (c) 1.91 x 10% 


Sample Exercise 3.13 
Practice Exercise: (b) COCI, 


Sample Exercise 3.14 
Practice Exercise: (d) C,H,, 


Sample Exercise 3.15 
Practice Exercise: (d) C,H,O, 


Sample Exercise 3.16 
Practice Exercise: (a) 3.18 g 


Sample Exercise 3.17 
Practice Exercise: (d) 3.63 g 


Sample Exercise 3.18 
Practice Exercise: (a) Al, (b) 1.50 mol, (c) 0.75 mol Cl 


Sample Exercise 3.19 
Practice Exercise: (a) 1.20 g As 


Sample Exercise 3.20 
Practice Exercise: (b) 96% 


Chapter 4 


Sample Exercise 4.1 
Practice Exercise: (a) 6, (b) 12, (c) 2, (d) 9 


Sample Exercise 4.2 
Practice Exercise: (b) CaCO, 


Sample Exercise 4.3 
Practice Exercise: (a) Fe(OH)3, 


(b) Fe,(SO,)3(aq) + 6 LiOH(aq) —> 2 Fe(OH)3(s) + 3 LiySO,(aq) 


Sample Exercise 4.4 
Practice Exercise: 3 Ag*(aq) + PO (aq) —> Ag3PO,(s) 


Sample Exercise 4.5 
Practice Exercise: (d) both chloric acid and hydrobromic acid 


Sample Exercise 4.6 
Practice Exercise: (d) sodium nitrate 


Sample Exercise 4.7 
Practice Exercise: (d) NH3(aq) + H*(aq) —> NH; (aq) 


Sample Exercise 4.8 
Practice Exercise: (d) H203 


Sample Exercise 4.9 


Practice Exercise: (b) Zinc is reduced, and copper ion is oxidized. 


Sample Exercise 4.10 
Practice Exercise: (d) sodium 


Sample Exercise 4.11 
Practice Exercise: (c) 3.91 x 10°7M 


Answers to Selected Practice Exercises 


Sample Exercise 4.12 
Practice Exercise: (e) 2:1 


Sample Exercise 4.13 
Practice Exercise: (a) 1.1g, (b) 76mL 


Sample Exercise 4.14 
Practice Exercise: (b) 8.75 mL 


Sample Exercise 4.15 
Practice Exercise: (b) 19.5 mg 


Sample Exercise 4.16 
Practice Exercise: (c) 0.163 M 


Sample Exercise 4.17 
Practice Exercise: (e) 81.0% 


Chapter 5 


Sample Exercise 5.1 


Practice Exercise: (c) q<0,w>0, the sign of AE cannot be 


determined from the information given 


Sample Exercise 5.2 
Practice Exercise: 70J 


Sample Exercise 5.3 
Practice Exercise: (d) exothermic, negative 


Sample Exercise 5.4 
Practice Exercise: —14.4 kJ 


Sample Exercise 5.5 
Practice Exercise: (a) 4.9 X 10°J, 
(b) 11 Kdecrease = 11°C decrease 


Sample Exercise 5.6 
Practice Exercise: —68,000 J/mol = —68 kJ/mol 


Sample Exercise 5.7 
Practice Exercise: (a) —15.2kJ/g, (b) —1370 kJ/mol 


Sample Exercise 5.8 
Practice Exercise: (d) —171.0 kJ 


Sample Exercise 5.9 
Practice Exercise: —304.1 kJ 


Sample Exercise 5.10 
Practice Exercise: C(graphite) + 2 Clo(g) — > CCli(l); 
AH? = —106.7 kJ/mol. 


Sample Exercise 5.11 
Practice Exercise: (b) —196.0 kJ 


Sample Exercise 5.12 
Practice Exercise: (c) 2AHf[SO3] = AHixn + 2AHP[SOz] 


Sample Exercise 5.13 
Practice Exercise: —1255 kJ 


Sample Exercise 5.14 
Practice Exercise: (a) 15 kJ/g, (b) 100 min 


Chapter 6 


Sample Exercise 6.1 
Practice Exercise: 34.5 wm 


Sample Exercise 6.2 
Practice Exercise: (a) 1.43 x 10s", (b) 2.899m 


1258 Answers to Selected Practice Exercises 


Sample Exercise 6.3 


h 
Practice Exercise: (e) E = Na 
Sample Exercise 6.4 


Practice Exercise: (a) 3 


Sample Exercise 6.5 
Practice Exercise: (a) i < iii < ii 


Sample Exercise 6.6 
Practice Exercise: (a) 5p; (b) 3; (c) 1,0,-1 


Sample Exercise 6.7 
Practice Exercise: (a) 1s72s?2p°3s73p, (b) two 


Sample Exercise 6.8 
Practice Exercise: Group 14 


Sample Exercise 6.9 
Practice Exercise: (b) Te 


Chapter 7 


Sample Exercise 7.1 
Practice Exercise: P—Br 


Sample Exercise 7.2 
Practice Exercise: C < Be < Ca < K 


Sample Exercise 7.3 
Practice Exercise: (b) F < Cl < $? < Se?~ 


Sample Exercise 7.4 


Practice Exercise: (a) Sr?” < Rbt < Bro < Se?~ < Te? 


Sample Exercise 7.5 
Practice Exercise: (e) Br?*(g) —> Br**(g) + e 


Sample Exercise 7.6 
Practice Exercise: (d) Statements (ii) and (iii) are true. 


Sample Exercise 7.7 
Practice Exercise: (a) [Kr]4d* 


Sample Exercise 7.8 
Practice Exercise: (e) M(OH)3(aq) 


Sample Exercise 7.9 
Practice Exercise: (c) 3 


Sample Exercise 7.10 
Practice Exercise: (e) All three statements are true. 


Chapter 8 


Sample Exercise 8.1 
Practice Exercise: (b) SCN > MgO > NaCl > CsI 


Sample Exercise 8.2 
Practice Exercise: Mg?” and N?~ 


Sample Exercise 8.3 
Practice Exercise: (b) H2S 


Sample Exercise 8.4 
Practice Exercise: (a) H— F 


Sample Exercise 8.5 
Practice Exercise: (a) F (b) 0.11- 


Sample Exercise 8.6 
Practice Exercise: (a) 20, (b) H 


oo 
H 


Sample Exercise 8.7 


Practice Exercise: (a) zero 


Sample Exercise 8.8 


Practice Exercise: (b) 6 


Sample Exercise 8.10 


Practice Exercise: (d) The cyanide ion has only one dominant 


resonance structure. 


Sample Exercise 8.11 ees ak 
Practice Exercise: (a) C, (b) :F—Xé—F: 


Chapter 9 


Sample Exercise 9.1 


Practice Exercise: (a) tetrahedral, bent; (b) trigonal planar, trigonal 


planar 


Sample Exercise 9.2 
Practice Exercise: (d) Statements (ii) and (iii) are true. 


Sample Exercise 9.3 
Practice Exercise: (a) 109.5° and 109.5° 


Sample Exercise 9.4 
Practice Exercise: (b) Trigonal planar 


Sample Exercise 9.5 
Practice Exercise: (c) O3 


Sample Exercise 9.6 
Practice Exercise: (e) All three statements are true. 


Sample Exercise 9.7 
Practice Exercise: (b) 4 


Sample Exercise 9.8 
Practice Exercise: (c) 2 


Sample Exercise 9.9 
Practice Exercise: (e) Fy < C+ < Oy < N7 


Chapter 10 


Sample Exercise 10.1 
Practice Exercise: (d) 10.3 m 


Sample Exercise 10.2 
Practice Exercise: 107.6 kPa 


Sample Exercise 10.3 
Practice Exercise: 5.30 X 10°L 


Sample Exercise 10.4 
Practice Exercise: 202.65 kPa 


Sample Exercise 10.5 
Practice Exercise: 3.83 X 10° m° 


Sample Exercise 10.6 
Practice Exercise: 27 °C 


Sample Exercise 10.7 
Practice Exercise: 5.9 g/L 


Sample Exercise 10.8 
Practice Exercise: (c) 44.1 g/mol 


Sample Exercise 10.9 
Practice Exercise: 14.8 L 


Sample Exercise 10.10 
Practice Exercise: 289.8 kPa 


Sample Exercise 10.11 
Practice Exercise: (b) 0.33 


Sample Exercise 10.12 
Practice Exercise: (b) The C3Hg and CH, molecules have the same 
average kinetic energy 


Sample Exercise 10.13 
Practice Exercise: (a) four, will not change 


Sample Exercise 10.14 
Practice Exercise: ry,/fo, = 1.07 


Sample Exercise 10.15 
Practice Exercise: (a) 756.6 kPa, (b) 727.1 kPa 


Chapter 11 


Sample Exercise 11.1 
Practice Exercise: (d) hydrogen peroxide, H202 


Sample Exercise 11.2 
Practice Exercise: (d) CHCOOH < Cl, < Ar < CH4 


Sample Exercise 11.3 
Practice Exercise: (d) heat of vaporization and specific heat of H,O(/) 


Sample Exercise 11.4 
Practice Exercise: about 45 kPa 


Sample Exercise 11.5 

Practice Exercise: (a) —162°C; (b) It sublimes whenever the pres- 
sure is less than 10 kPa; (c) The highest temperature at which a liq- 
uid can exist is defined by the critical temperature. So we do not expect 
to find liquid methane when the temperature is higher than —80°C. 


Sample Exercise 11.6 
Practice Exercise: (e) rod-shaped molecules 


Chapter 12 


Sample Exercise 12.1 
Practice Exercise: (e) 78.5% 


Sample Exercise 12.2 
Practice Exercise: a = 402 pm and density = 4.31 g/cm? 


Sample Exercise 12.3 
Practice Exercise: smaller. 


Sample Exercise 12.4 
Practice Exercise: A Group 15 element could be used to replace Se. 
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Chapter 13 


Sample Exercise 13.2 
Practice Exercise: (d) There are twice as many gas molecules in the liquid. 


Sample Exercise 13.3 
Practice Exercise: (d) 2.91% 


Sample Exercise 13.4 
Practice Exercise: (c) It is unchanged. 


Sample Exercise 13.5 
Practice Exercise: (b) 1.80 x 10° 


Sample Exercise 13.6 


Practice Exercise: (a) 10.9m, (b) Xc,H,0, = 0.163, (c) 5.97 M 


Sample Exercise 13.7 
Practice Exercise: 0.290 


Sample Exercise 13.8 
Practice Exercise: (b) 0.15 m NaCl 


Sample Exercise 13.9 
Practice Exercise: (d) increasing the temperature 


Sample Exercise 13.10 
Practice Exercise: (d) norfenefrine 


Sample Exercise 13.11 
Practice Exercise: 4.20 x 10*g/mol 


Chapter 14 


Sample Exercise 14.1 
Practice Exercise: (e) All three statements are true. 


Sample Exercise 14.2 
Practice Exercise: (d) 2.7 x 1075 M/s 


Sample Exercise 14.3 
Practice Exercise: (c)2 A —> B+ 3C 


Sample Exercise 14.4 
Practice Exercise: (e) 3 < 1 < 2 


Sample Exercise 14.5 
Practice Exercise: (a) M ‘2s 


Sample Exercise 14.8 
Practice Exercise: (b) Statements (i) and (ii) are true. 


Sample Exercise 14.9 
Practice Exercise: (a) 0.478 yr = 1.51 x 10’s, (b) it takes two 
half-lives, 2(0.478 yr) = 0.956 yr 


Sample Exercise 14.10 
Practice Exercise: (a) Only one—(i), or (ii), or (iii)—increases the 
reaction rate. 


Sample Exercise 14.12 
Practice Exercise: (c) Statements (i) and (iii) are true. 


Sample Exercise 14.13 
Practice Exercise: (e) A + B —> X+Z 


Sample Exercise 14.15 
Practice Exercise: (c) Rate = k[P]7[Q] 
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Chapter 15 
Sample Exercise 15.1 
; . [S03]? 
Practice Exercise: (c) K, = ~zn 
[SO2}"[O2] 


Sample Exercise 15.2 
Practice Exercise: (c) Ni(CO)4(g) == Ni(s) + 4CO(g) 


Sample Exercise 15.3 
Practice Exercise: 


(b) 


Sample Exercise 15.4 
Practice Exercise: (d) 1.8 x 10? 


Sample Exercise 15.5 
Practice Exercise: (e) neither [Ag*] nor [CI] will change 


Sample Exercise 15.6 
Practice Exercise: (d) Increasing the volume of the vessel 


Sample Exercise 15.7 
Practice Exercise: 1.79 x 1075 


Sample Exercise 15.8 
Practice Exercise: (d) 1.4 


Sample Exercise 15.9 
Practice Exercise: (c) The direction of this reaction does not depend 
on the volume of the container. 


Sample Exercise 15.10 
Practice Exercise: 127.5 kPa 


Sample Exercise 15.11 
Practice Exercise: Pog), = 97.94 kPa, Poa, = Pa, = 70.26 kPa 


Sample Exercise 15.12 


Practice Exercise: (a) right, (b) left, (c) right, (d) left 


Chapter 16 


Sample Exercise 16.1 
Practice Exercise: (b) HSO; and HO 


Sample Exercise 16.2 
Practice Exercise: (c) i and iii 


Sample Exercise 16.3 
Practice Exercise: (e) iii < ii <i 


Sample Exercise 16.4 
Practice Exercise: (a) 1.0 x 1078 M 


Sample Exercise 16.5 
Practice Exercise: (c) 2.5 X 1077M 


Sample Exercise 16.6 
Practice Exercise: (d) 11.83 


Sample Exercise 16.7 
Practice Exercise: (e) All three statements are true. 


Sample Exercise 16.8 
Practice Exercise: (c) iii < i < ii 


Sample Exercise 16.9 
Practice Exercise: (e) iii < ii <i 


Sample Exercise 16.10 
Practice Exercise: (c) 6.6 X 10° 


Sample Exercise 16.11 
Practice Exercise: (e) 9.0% 


Sample Exercise 16.12 
Practice Exercise: (a) 2.30 


Sample Exercise 16.13 
Practice Exercise: (e) 2.64 


Sample Exercise 16.14 
Practice Exercise: (b) 2.32 


Sample Exercise 16.15 
Practice Exercise: (c) 9.52 


Sample Exercise 16.16 
Practice Exercise: (a) 0.38 


Sample Exercise 16.17 
Practice Exercise: (d) ii < iii < i 


Sample Exercise 16.18 
Practice Exercise: (e) iii < ii < i 


Sample Exercise 16.19 
Practice Exercise: (c) 2 


Sample Exercise 16.20 
Practice Exercise: (b) HOI < HIO, < HBrO, < HCIO, < HCIO; 


Chapter 17 


Sample Exercise 17.1 
Practice Exercise: (d) If you add the soluble salt KA to a solution of 
HA that is at equilibrium, the pH would increase. 


Sample Exercise 17.2 
Practice Exercise: (e) 1.73 x 10° *M 


Sample Exercise 17.3 
Practice Exercise: (c) The acid and base concentrations must be equal. 


Sample Exercise 17.4 
Practice Exercise: (b) 0.174 


Sample Exercise 17.5 
Practice Exercise: (a) 60.7 g 


Sample Exercise 17.6 

Practice Exercise: (e) In order to do calculations in which a strong 
acid or base is added to a buffer, you need to calculate the amounts 
of substances from the neutralization reaction and then equilibrate. 


Sample Exercise 17.7 
Practice Exercise: (e) At the equivalence point, the OH” concentra- 
tion in the solution is 3.67 xX 10° M. 


Sample Exercise 17.8 
Practice Exercise: (b) Halfway to the equivalence point, pH = pK,. 


Sample Exercise 17.9 
Practice Exercise: (d) The conjugate base that is formed at the equiva- 
lence point reacts with water. 


Sample Exercise 17.10 
Practice Exercise: (c) [Ag* }[PO,37 ] 


Sample Exercise 17.11 
Practice Exercise: (e) 1.40 x 107°” 


Sample Exercise 17.12 
Practice Exercise: (b) cobalt(II) hydroxide, K,, = 1.3 x 1071 


Sample Exercise 17.13 
Practice Exercise: (d) Raising the temperature of the solution. 


Sample Exercise 17.14 
Practice Exercise: (e) none of these 


Sample Exercise 17.15 

Practice Exercise: (c) The precipitate was chromium hydroxide, 
which then reacted with more hydroxide to produce a soluble 
complex ion, Cr(OH) 4 (aq). 


Sample Exercise 17.16 
Practice Exercise: (a) Yes 


Sample Exercise 17.17 
Practice Exercise: (c) when Q exceeds K,, 


Chapter 18 


Sample Exercise 18.1 
Practice Exercise: 4.0 xX 1074 kPa 


Sample Exercise 18.2 
Practice Exercise: (a) 620 nm 


Sample Exercise 18.3 
1.5 x 104g CO, or 15 kg CO, 


Chapter 19 


Sample Exercise 19.1 
Practice Exercise: (d) Equilibrium is achieved in a closed system when 
the rate of iron oxidation is equal to the rate of iron(II) oxide reduction. 


Sample Exercise 19.2 
Practice Exercise: (a) Yes, because the heat transferred from the sys- 
tem has a negative sign. 


Sample Exercise 19.3 
Practice Exercise: (a) CO2(s) ——> CO,(g) 


Sample Exercise 19.4 
Practice Exercise: (a) 1 mol of SO2(g) at STP, 
at STP 


(b) 2 mol of NO2(g) 


Sample Exercise 19.5 
Practice Exercise: (a) 326.3 J/K 


Sample Exercise 19.6 
Practice Exercise: (d) All spontaneous reactions have a negative free- 
energy change 


Sample Exercise 19.7 
Practice Exercise: (b) AG? = 2 AG3 


Sample Exercise 19.8 
Practice Exercise: (b) The reaction is nonspontaneous at all temperatures 


Sample Exercise 19.9 
Practice Exercise: (d) 193 °C 


Sample Exercise 19.10 
Practice Exercise: (c) +34,000J 


Sample Exercise 19.11 
Practice Exercise: (e) If Q > 1, AG > AG’. 
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Sample Exercise 19.12 
Practice Exercise: (e) +265 kJ/mol 


Chapter 20 


Sample Exercise 20.1 
Practice Exercise: (a) Br (aq) 


Sample Exercise 20.2 
Practice Exercise: (d) Seven on the product side 


Sample Exercise 20.3 
Practice Exercise: (a) One on the reactant side 


Sample Exercise 20.4 
Practice Exercise: (b) The electrode is gaining mass and cations from 
the salt bridge are flowing into the half-cell. 


Sample Exercise 20.5 
Practice Exercise: (a) —0.35 V 


Sample Exercise 20.6 
Practice Exercise: (e) +0.80 V 


Sample Exercise 20.7 
Practice Exercise: (d) Cells 1 and 2 


Sample Exercise 20.8 
Practice Exercise: (b) Cl)(g) 


Sample Exercise 20.9 
Practice Exercise: d) Cl, and Bry 


Sample Exercise 20.10 
Practice Exercise: (d) —0.13 V 


Sample Exercise 20.11 
Practice Exercise:(b) 0.56 V 


Sample Exercise 20.12 
Practice Exercise: (e) 7.6 X 10° M 


Sample Exercise 20.13 
Practice Exercise: (a) The anode is the half-cell in which [Zn?*] = 
3.75 x 10°*M. (b) The emf is 0.105 V. 


Sample Exercise 20.14 
Practice Exercise: (c) 62 min 


Chapter 21 


Sample Exercise 21.1 
Practice Exercise: (b) Uranium-234 


Sample Exercise 21.2 
Practice Exercise: (a) Alpha decay followed by beta emission 


Sample Exercise 21.3 
Practice Exercise: (d) iodine-131 


Sample Exercise 21.4 


Practice Exercise: (e) 33Np 
Sample Exercise 21.5 
Practice Exercise: (b) 6.0 h 


Sample Exercise 21.6 
Practice Exercise: (d) 45.5 yr 


Sample Exercise 21.7 
Practice Exercise: (e) 178 yr 


1262 Answers to Selected Practice Exercises 


Sample Exercise 21.8 Sample Exercise 23.5 
Practice Exercise: —3.19 x 10° g Practice Exercise: (d) Tetrahedral [Co(NH3)BrCll]~ 


Sample Exercise 23.6 
Ch apt er 22 Practice Exercise: (d) orange 


Sample Exercise 23.7 


le E: ise 22.1 
Sampe Exercise Practice Exercise: (d) [RhCl,]> 


Practice Exercise: (d) Oxygen is better able to form m bonds than 
sulfur. Sample Exercise 23.8 


i Practice Exercise: (e) 5 
Sample Exercise 22.2 


Practice Exercise: (d) C2H3 
Chapter 24 
Sample Exercise 22.3 


Practice Exercise: (c) trigonal bipyramidal, T shaped Sample Exercise 24.1 


Practice Exercise: (c) 3,3-dimethylpentane 
Sample Exercise 22.4 


Practice Exercise: (a) Fz Sample Exercise 24.2 


Practice Exercise: (d) 18 
Sample Exercise 22.5 


Practice Exercise: NyH4(aq) + O27 —> Na(g)2 + H20(1) Sample Exercise 24.3 
Practice Exercise: (b) cis-2-butane 
Sample Exercise 22.6 


Practice Exercise: (d) BeAl,Sig015? Sample Exercise 24.4 
Practice Exercise: (d) an enediyne 


Sample Exercise 24.5 


Chapter 23 Practice Exercise: (d) 2-methylpropane 
Sample Exercise 23.1 Sample Exercise 24.6 
Practice Exercise: (b) [Rh(NH3)4Cl,]C1 Practice Exercise: (c) the C—O bond 


Sample Exercise 23.2 


Sample Exercise 24.7 
Practice Exercise: (c) Rb3[ MoOs3F | 


Practice Exercise: (d) 6 
Sample Exercise 23.3 


Sample Exercise 24.8 
Practice Exercise: (c) Tetraamminedichloridorhodium(III) chloride P 


Practice Exercise: (d) 3 
Sample Exercise 23.4 
Practice Exercise: 


GLOSSARY 


absolute zero The temperature at which all thermal motion 
ceases: 0 K on the Kelvin scale and —273.15 °c on the Celsius 
scale. (Section 1.5) 


absorption spectrum A pattern of variation in the amount of light 
absorbed by a sample as a function of wavelength. (Section 23.5) 


accuracy A measure of how closely individual measurements 
agree with the correct, or “true,” value. (Section 1.6) 


acid A substance that is able to donate a H* ion (a proton) and, 
hence, increases the concentration of H*(aq) when it dissolves in 
water. (Section 4.3) 


acid-dissociation constant (k,) An equilibrium constant that 
expresses the extent to which an acid transfers a proton to 
solvent water. (Section 16.5) 


acidic anhydride (acidic oxide) An oxide that forms an acid 
when added to water; soluble nonmetal oxides are acidic 
anhydrides. (Section 22.5) 


acidic oxide (acidic anhydride) An oxide that reacts either with 
a base to form a salt or with water to form an acid. (Section 22.5) 


acid rain Rainwater that has become excessively acidic because 
of absorption of pollutant oxides, notably so;, produced by 
human activities. (Section 18.2) 


actinide element Element in which the 5f orbitals are only 
partially occupied. (Section 6.8) 


activated complex (transition state) The particular arrangement 
of atoms found at the top of the potential-energy barrier as a 
reaction proceeds from reactants to products. (Section 14.5) 


activation energy (£,) The minimum energy needed for 
reaction; the height of the energy barrier to formation of 
products. (Section 14.5) 


active site Specific site on a heterogeneous catalyst or an 
enzyme where catalysis occurs. (Section 14.7) 


activity The decay rate of a radioactive material, generally 
expressed as the number of disintegrations per unit time. 
(Section 21.3) 


activity series A list of metals in order of decreasing ease of 
oxidation. (Section 4.4) 


addition polymerization Polymerization in which monomers 
are coupled through their multiple bonds. (Section 12.5) 


addition reaction A reaction in which a reagent adds to the two 
carbon atoms of a carbon-carbon multiple bond. (Section 24.3) 


adsorption The binding of molecules to a surface. (Section 14.7) 


alcohol An organic compound obtained by substituting a 
hydroxyl group (— OH) for a hydrogen on a hydrocarbon. 
(Sections 2.9 and 24.4) 


aldehyde An organic compound that contains a carbonyl 
group (C=O) to which at least one hydrogen atom is attached. 
(Section 24.4) 


alkali metals Members of group 1 in the periodic table. 
(Section 7.7) 


alkaline earth metals Members of group 2 in the periodic table. 
(Section 7.7) 


alkanes Compounds of carbon and hydrogen containing only 
carbon-carbon single bonds. (Sections 2.9 and 24.2) 


alkenes Hydrocarbons containing one or more carbon-carbon 
double bonds. (Section 24.2) 


alkyl group A group that is formed by removing a hydrogen 
atom from an alkane. (Section 24.2) 


alkynes Hydrocarbons containing one or more carbon-carbon 
triple bonds. (Section 24.2) 


alloy A substance that has the characteristic properties of 

a metal and contains more than one element. Often there 
is one principal metallic component, with other elements 
present in smaller amounts. Alloys may be homogeneous or 
heterogeneous. (Section 12.2) 


alpha emission A type of radioactive decay in which an atomic 
nucleus emits an alpha particle and thereby transforms (or 
“decays”) into an atom with a mass number 4 less and atomic 
number 2 less. (Section 21.1) 


alpha (a) helix A protein structure in which the protein is 
coiled in the form of a helix with hydrogen bonds between 
C=O and N—H groups on adjacent turns. (Section 24.7) 


alpha particles Particles that are identical to helium-4 nuclei, 
consisting of two protons and two neutrons, symbol 3He or 3a. 
(Section 21.1) 


amide An organic compound that has an NR, group attached 
to a carbonyl, where R may be H or a hydrocarbon group. 
(Section 24.4) 


amine A compound that has the general formula R;N, where R 
may be H ora hydrocarbon group. (Section 16.6) 


amino acid A carboxylic acid that contains an amino (—NH;) 
group attached to the carbon atom adjacent to the carboxylic 
acid (—COOH) functional group. (Section 24.7) 


amorphous solid A solid whose molecular arrangement lacks 
the order (regularly repeating long-range pattern) of a crystal. 
(Section 12.1) 


amphiprotic Refers to the capacity of a substance to either add 
or lose a proton (H*). (Section 16.1) 


amphoteric oxides and hydroxides Oxides and hydroxides that 
are only slightly soluble in water but that dissolve in either 
acidic or basic solutions. (Section 17.5) 


angstrom A common non-SI unit of length, denoted A, that is 
used to measure atomic dimensions: 1A = 107! m. (Section 2.3) 


anion A negatively charged ion. (Section 2.7) 


anode An electrode at which oxidation occurs. (Section 20.3) 
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antibonding molecular orbital A molecular orbital in which electron 
density is concentrated outside the region between the two nuclei 
of bonded atoms. Such orbitals, designated as o* or 7*, are less stable 
(of higher energy) than bonding molecular orbitals. (Section 9.7) 


antiferromagnetism A form of magnetism in which unpaired 
electron spins on adjacent sites point in opposite directions and 
cancel each other’s effects. (Section 23.1) 


aqueous solution A solution in which water is the solvent. 
(Section 4.1) 


aromatic hydrocarbons Hydrocarbon compounds that contain 
a planar, cyclic arrangement of carbon atoms linked by both « 
and delocalized m bonds. (Section 24.2) 


Arrhenius equation An equation that relates the rate constant 
for a reaction to the frequency factor, A, the activation energy, 
E, and the temperature, T:k = Ae*/®" In its logarithmic form it is 
written Ink = —E,/RT + InA. (Section 14.5) 


atmosphere (atm) A unit of pressure equal to 760 torr; 
latm = 101.325 kPa. (Section 10.2) 


atom The smallest representative particle of an element. The 
almost infinitesimally small building blocks of matter. (Sections 
1.1 and 2.1) 


atomic mass unit (amu) A unit based on the value of exactly 12 
amu for the mass of the isotope of carbon that has six protons 
and six neutrons in the nucleus; 1 amu = 1.66054 x 10 g. 
(Sections 2.3 and 2.4) 


atomic number The number of protons in the nucleus of an 
atom of an element. (Section 2.3) 


atomic radius An estimate of the size of an atom. See bonding 
atomic radius. (Section 7.3) 


atomic weight The average mass of the atoms of an element in 
atomic mass units (amu); it is numerically equal to the mass in 
grams of one mole of the element. (Section 2.4) 


autoionization The process whereby water spontaneously forms 
low concentrations of H*(aq) and OH (aq) ions by proton transfer 
from one water molecule to another. (Section 16.2) 


Avogadro’s hypothesis A statement that equal volumes of gases 
at the same temperature and pressure contain equal numbers of 
molecules. (Section 10.3) 


Avogadro’s law A statement that the volume of a gas maintained 
at constant temperature and pressure is directly proportional to 
the number of moles of the gas. (Section 10.3) 


Avogadro’s number (N,) The number of !2c atoms in exactly 12 g 
of G; it equals 6.022 x 1073 mol. (Section 3.4) 


ball-and-stick model Model that depicts atoms as spheres and 
bonds as sticks. (Section 2.6) 


band An array of closely spaced molecular orbitals occupying a 
continuous range of energy. (Section 12.2) 


band gap The energy gap between a fully occupied valence band 
and an empty conduction band. (Section 12.4) 


band structure The electronic structure of a bulk solid. 
(Section 12.2) 


bar A unit of pressure equal to 10° Pa. (Section 10.2) 


base A substance that is an H+ acceptor; a base produces an 
excess Of OH (aq) ions when it dissolves in water. (Section 4.3) 


base-dissociation constant (K,) An equilibrium constant that 
expresses the extent to which a base reacts with solvent water, 
accepting a proton and forming OH~(aq). (Section 16.6) 


basic anhydride (basic oxide) An oxide that forms a base when 
added to water; soluble metal oxides are basic anhydrides. 
(Section 22.5) 


basic oxide (basic anhydride) An oxide that either reacts with 
water to form a base or reacts with an acid to form a salt and 
water. (Section 22.5) 


battery A portable, self-contained electrochemical power source 
that contains one or more voltaic cells. (Section 20.7) 


becquerel The SI unit of radioactivity. It corresponds to one 
nuclear disintegration per second. (Section 21.3) 


Beer’s law The light absorbed by a substance (A) equals the 
product of its extinction coefficient (e), the path length through 
which the light passes (b), and the molar concentration of the 
substance (c): A = ebc. (Section 14.3) 


beta emission A nuclear decay process where a beta particle is 
emitted from the nucleus; also called beta decay. (Section 21.1) 


beta particles Energetic electrons emitted from the nucleus, 
symbol {eorg~. (Section 21.1) 


beta sheet A structural form of protein in which sheets are 
made of two or more strands of peptides that hydrogen-bond 
from an amide H in one strand to a carbonyl O in the other 
strand. (Section 24.7) 


bidentate ligand A ligand in which two linked coordinating 
atoms are bound to a metal. (Section 23.3) 


bimolecular reaction An elementary reaction that involves two 
molecules. (Section 14.6) 


biochemistry The study of the chemistry of living systems. 
(Section 24.1) 


biodegradable Organic material that bacteria are able to oxidize. 
(Section 18.4) 


biopolymers Three broad categories of polymers: proteins, 
polysaccharides (carbohydrates), and nucleic acids. 
(Section 24.6) 


body-centered lattice A crystal lattice in which the lattice 
points are located at the center and corners of each unit cell. 
(Section 12.1) 


bomb calorimeter A device for measuring the heat evolved 
in the combustion of a substance under constant-volume 
conditions. (Section 5.5) 


bond angles The angles made by the lines joining the nuclei of 
the atoms in a molecule. (Section 9.1) 


bond dipole The dipole moment that is due only to unequal 
electron sharing between two atoms in a covalent bond. 
(Section 9.3) 


bond enthalpy The enthalpy change, AH, required to break 
a particular bond when the substance is in the gas phase. 
(Section 5.8) 


bonding atomic radius The radius of an atom as defined by 
the distances separating it from other atoms to which it is 
chemically bonded. (Section 7.3) 


bonding molecular orbital A molecular orbital in which the 
electron density is concentrated in the internuclear region. The 
energy of a bonding molecular orbital is lower than the energy 
of the separate atomic orbitals from which it forms. (Section 9.7) 


bonding pair In a Lewis structure, a pair of electrons that is 
shared by two atoms. (Section 8.3) 


bond length The distance between the centers of two bonded 
atoms. (Section 8.3) 


bond order The number of bonding electron pairs shared 
between two atoms, minus the number of antibonding electron 
pairs: bond order = (number of bonding electrons — number of 
antibonding electrons)/2. (Section 9.7) 


bond polarity A measure of the degree to which the electrons 
are shared unequally between two atoms in a chemical bond. 
(Section 8.4) 


boranes Molecules containing only boron and hydrogen; 
covalent hydrides of boron. (Section 22.11) 


Born-Haber cycle A thermodynamic cycle based on Hess’s law 
that relates the lattice energy of an ionic substance to its enthalpy 
of formation and to other measurable quantities. (Section 8.2) 


Boyle’s law A law stating that at constant temperature, the 
product of the volume and pressure of a given amount of gas is a 
constant. (Section 10.3) 


Brgnsted-Lowry acid A substance (molecule or ion) that acts as a 
proton donor. (Section 16.1) 


Brgnsted-Lowry base A substance (molecule or ion) that acts as 
a proton acceptor. (Section 16.1) 


Brownian motion The random motion of colloidal particles in 
solution due to collisions with solvent molecules. (Section 13.6) 


buffer capacity The amount of acid or base a buffer can 
neutralize before the pH begins to change appreciably. 
(Section 17.2) 


buffered solution (buffer) A solution that undergoes a limited 
change in pH upon addition of a small amount of acid or base. 
(Section 17.2) 


calorie A unit of energy; it is the amount of energy needed to 
raise the temperature of 1 g of water by 1°C from 14.5°C to 15.5°C. 
A related unit is the joule: 1 cal = 4.184). (Section 1.5) 


calorimeter An apparatus that measures the heat released or 
absorbed in a chemical or physical process. (Section 5.5) 


calorimetry The experimental measurement of heat produced in 
chemical and physical processes. (Section 5.5) 


capillary action The process by which a liquid rises in a tube 
because of a combination of adhesion to the walls of the tube 
and cohesion between liquid particles. (Section 11.3) 


carbide A binary compound of carbon with a metal or 
metalloid. (Section 22.9) 


carbohydrates A class of substances formed from polyhydroxy 
aldehydes or ketones. (Section 24.8) 
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carbon black An amorphous form of carbon. (Section 22.9) 


carbonyl group The c=o double bond, a characteristic feature 
of several organic functional groups, such as ketones and 
aldehydes. (Section 24.4) 


carboxylic acid An acid that contains the —COOH functional 
group. (Sections 16.8 and 24.4) 


catalyst A substance that changes the speed of a chemical 
reaction without itself undergoing a permanent chemical 
change in the process. (Section 14.7) 


cathode An electrode at which reduction occurs. (Section 20.3) 


cathode rays Streams of electrons that are produced when 
a high voltage is applied to electrodes in an evacuated tube. 
(Section 2.2) 


cathodic protection A means of protecting a metal against 
corrosion by making it the cathode in a voltaic cell. This can 
be achieved by attaching a more easily oxidized metal, which 
serves as an anode, to the metal to be protected. (Section 20.8) 


cation A positively charged ion. (Section 2.7) 


cell potential The potential difference between the cathode 
and anode in an electrochemical cell; it is measured in volts: 
1V = 1J/c. Also called electromotive force. (Section 20.4) 


cellulose A polysaccharide of glucose; it is the major structural 
element in plant matter. (Section 24.8) 


Celsius scale A temperature scale on which water freezes at 0° 
and boils at 100° at sea level. (Section 1.5) 


chain reaction A series of reactions in which one reaction 
initiates the next. (Section 21.5) 


changes of state Physical changes of matter from one state to a 
different one, for example, from a gas to a liquid. (Section 1.3) 


charcoal An amorphous form of carbon produced when wood is 
heated strongly in a deficiency of air. (Section 22.9) 


Charles’s law A law stating that at constant pressure, the 
volume of a given quantity of gas is proportional to absolute 
temperature. (Section 10.3) 


chelate effect The generally larger formation constants for 
bidentate and polydentate ligands as compared with the 
corresponding monodentate ligands. (Section 23.3) 


chelating agent Bidentate and polydentate ligands capable 
of occupying two or more sites in the coordination sphere. 
(Section 23.3) 


chemical bond A strong attractive force that exists between 
atoms in a molecule. (Section 8.1) 


chemical changes Processes in which a substance is transformed 
into a chemically different substance; also called chemical 
reactions. (Section 1.3) 


chemical equation A representation of a chemical reaction 
using the chemical formulas of the reactants and products; a 
balanced chemical equation contains equal numbers of atoms 
of each element on both sides of the equation. (Section 3.1) 


chemical equilibrium A state of dynamic balance in which the 
rate of formation of the products of a reaction from the reactants 
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equals the rate of formation of the reactants from the products; 
at equilibrium the concentrations of the reactants and products 
remain constant. (Section 4.1; Section 15.1) 


chemical formula A notation that uses chemical symbols with 
numerical subscripts to convey the relative proportions of 
atoms of the different elements in a substance. (Section 2.6) 


chemical kinetics The area of chemistry concerned with 
the speeds, or rates, at which chemical reactions occur. 
(Section 14.1) 


chemical nomenclature The rules used in naming substances. 
(Section 2.8) 


chemical properties Properties that describe the way a substance 
may change, or react, to form other substances. (Section 1.3) 


chemical reactions Processes in which a substance is 
transformed into a chemically different substance; also called 
chemical changes. (Section 1.3) 


chemistry The scientific discipline that studies matter, its 
properties, and the changes that matter undergoes. 
(Section 1.1) 


chiral A term describing a molecule or an ion that cannot be 
superimposed on its mirror image. (Sections 23.4 and 24.5) 


chlorofluorocarbons Ozone-damaging substances, principally 
CFCl, and CF,Cl,, that were once widely used as propellants in 
spray cans. They do not occur in nature. (Section 18.2) 


chlorophyll A plant pigment that plays a major role 
in conversion of solar energy to chemical energy in 
photosynthesis. (Section 23.3) 


cholesteric liquid crystal A liquid crystal having molecules 
arranged in layers, with their long axes parallel to the other 
molecules within the same layer. Moving from one layer to the 
next, the orientation of the molecules rotates by a fixed angle, 
resulting in a spiral pattern. (Section 11.7) 


coal A naturally occurring solid containing hydrocarbons of 
high molecular weight, as well as compounds containing sulfur, 
oxygen, and nitrogen. (Section 5.9) 


colligative property A property of a solvent (vapor-pressure 
lowering, freezing-point lowering, boiling-point elevation, 
osmotic pressure) that depends on the total concentration of 
solute particles present. (Section 13.5) 


collision model A model of reaction rates based on the idea 
that molecules must collide to react; it explains the factors 
influencing reaction rates in terms of the frequency of 
collisions, the number of collisions with energies exceeding the 
activation energy, and the probability that the collisions occur 
with suitable orientations. (Section 14.5) 


colloids (colloidal dispersions) Mixtures containing particles 
larger than normal solutes but small enough to remain 
suspended in the dispersing medium. (Section 13.6) 


combination reaction A chemical reaction in which two or more 
substances combine to form a single product. (Section 3.2) 


combustion reaction A chemical reaction that proceeds with 
evolution of heat and usually also a flame; most combustion 


involves reaction with oxygen, as in the burning of a match. 
(Section 3.2) 


common-ion effect A shift of an equilibrium induced by an ion 
common to the equilibrium. Whenever a weak electrolyte and 

a strong electrolyte containing a common ion are together in 
solution, the weak electrolyte ionizes less than it would if it were 
alone in solution. (Section 17.1) 


complementary colors Colors that, when mixed in proper 
proportions, appear white or colorless. For example, orange 
and blue are complementary colors that form white light 
when mixed; when blue is removed, the light looks orange. 
(Section 23.5) 


complete ionic equation A chemical equation in which 
dissolved strong electrolytes (such as dissolved ionic 
compounds) are written as separate ions. (Section 4.2) 


complex ion (complex) An assembly of a metal ion and the 
Lewis bases bonded to it. (Section 17.5) 


compound A substance composed of two or more elements 
united chemically in definite proportions. (Section 1.2) 


concentration The quantity of solute present in a given quantity 
of solvent or solution. (Section 4.5) 


concentration cell A voltaic cell containing the same electrolyte 
and the same electrode materials in both the anode and cathode 
compartments. The emf of the cell is derived from a difference 
in the concentrations of the same electrolyte solutions in the 
compartments. (Section 20.6) 


condensation polymerization Polymerization in which two 
molecules are joined to form a larger molecule by elimination of 
a small molecule, such as H,O. (Section 12.5) 


condensation reaction A reaction in which two molecules 
are joined to form a larger molecule by elimination of a small 
molecule, such as H,O. (Section 12.8) 


conduction band A band of unoccupied antibonding molecular 
orbitals lying higher in energy than the occupied valence band 
and distinctly separated from it. (Section 12.4) 


conjugate acid A substance formed by addition of a proton toa 
Bronsted-Lowry base. (Section 16.1) 


conjugate acid-base pair An acid and a base, such as H,O and 
OH’, that differ only in the presence or absence of a proton. 
(Section 16.1) 


conjugate base A substance formed by the loss of a proton from 
a Bronsted-Lowry acid. (Section 16.1) 


continuous spectrum A spectrum that contains radiation 
distributed over all wavelengths. (Section 6.3) 


conversion factor A fraction whose numerator and denominator 
are the same quantity expressed in different units. (Section 1.7) 


coordination compound A compound containing a complex. 
(Section 23.2) 


coordination number The number of adjacent atoms in a crystal 
structure to which an atom is directly bonded. In a complex, the 
coordination number of the metal ion is the number of atoms 
bonded to the metal ion. (Sections 12.2 and 23.2) 


coordination sphere The central metal ion and its surrounding 
ligands. (Section 23.2) 


coordination-sphere isomers Structural isomers that differ in 
which species in the complex are ligands and which are outside 
the coordination sphere in the solid. (Section 23.4) 


copolymer A complex polymer resulting from the 
polymerization of two or more chemically different monomers. 
(Section 12.5) 


core electrons The electrons that are not in the outermost shell 
of an atom. (Section 6.8) 


corrosion Spontaneous redox reactions in which a metal is 
attacked by some substance in its environment and converted to 
an unwanted compound. (Section 20.8) 


covalent bond A bond formed between two or more atoms by a 
sharing of electrons. (Section 8.1) 


covalent-network solids Solids that are held together by an 
extended network of covalent bonds. (Sections 12.1 and 12.4) 


critical mass The amount of fissionable material necessary to 
maintain a nuclear chain reaction. (Section 21.5) 


critical point The temperature and pressure beyond which the 
liquid and gas phases are indistinguishable from each other. 
(Section 11.6) 


critical pressure The pressure at which a gas at its critical 
temperature is converted to a liquid state. (Section 11.4) 


critical temperature The highest temperature at which a distinct 
liquid phase can form. The critical temperature increases with an 
increase in the magnitude of intermolecular forces. (Section 11.4) 


cross-linking A method of stiffening polymers by introducing 
chemical bonds between chains. (Section 12.5) 


crystal-field theory A theory that accounts for the colors and the 
magnetic and other properties of transition-metal complexes in 
terms of the splitting of the energies of metal ion d orbitals by 
the electrostatic interaction with the ligands. (Section 23.6) 


crystal lattice The geometrical pattern of points on which the 
unit cells are arranged; in effect, an abstract (that is, not real) 
scaffolding for the crystal structure. (Section 12.1) 


crystalline solid (crystal) A solid whose internal arrangement of 
atoms, molecules, or ions possesses a regularly repeating pattern 
in any direction through the solid. (Section 12.1) 


crystallinity A measure of the extent of short-range ordering in a 
polymer where chains line up in regular arrays. (Section 12.5) 


crystallization The process in which molecules, ions, or atoms 
come together to form a crystalline solid. The opposite of the 
solution process. (Section 13.2) 


cubic close packing A crystal structure where the atoms are 
packed together as close as possible, and the close-packed layers 
of atoms adopt a three-layer repeating pattern that leads toa 
face-centered cubic unit cell. (Section 12.2) 


curie A measure of radioactivity: 1 curie = 3.7 x 10° nuclear 
disintegrations per second. (Section 21.3) 


cycloalkanes Saturated hydrocarbons of general formula C,H), in 
which the carbon atoms form a closed ring. (Section 24.2) 
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Dalton’s law of partial pressures A law stating that the total 
pressure of a mixture of gases is the sum of the pressures that 
each gas would exert if it were present alone. (Section 10.5) 


d-d transition The transition of an electron in a transition-metal 
compound from a lower-energy d orbital to a higher-energy d 
orbital. (Section 23.6) 


decomposition reaction A chemical reaction in which a single 
compound reacts to give two or more products. (Section 3.2) 


degenerate A situation in which two or more orbitals have the 
same energy. (Section 6.7) 


delocalized electrons Electrons that are spread over a number of 
atoms in a molecule or a crystal rather than localized on a single 
atom or a pair of atoms. (Section 9.6) 


density The amount of mass in a unit volume of a substance. 
(Section 1.5) 


deoxyribonucleic acid (DNA) A polynucleotide in which the 
sugar component is deoxyribose. (Section 24.10) 


derived unit An SI unit obtained by multiplication or division of 
one or more of the SI base units. (Section 1.5) 


desalination The removal of salts from seawater, brine, 
or brackish water to make it fit for human consumption. 
(Section 18.4) 


deuterium The isotope of hydrogen whose nucleus contains a 
proton and a neutron: 7H. (Section 22.2) 


dextrorotatory, or merely dextro or d A term used to label a 
chiral molecule that rotates the plane of polarization of plane- 
polarized light to the right (clockwise). (Section 23.4) 


diamagnetism A type of magnetism that causes a substance with 
no unpaired electrons to be weakly repelled from a magnetic 
field. (Section 9.8) 


diatomic molecule A molecule composed of only two atoms. 
(Section 2.6) 


diffusion The spreading of one substance throughout a space or 
throughout a second substance. (Section 10.7) 


dilution The process of preparing a less concentrated solution 
from a more concentrated one by adding solvent. (Section 4.5) 


dimensional analysis A method of problem solving in which 
units are multiplied together or divided into each other along 
with the numerical values. Dimensional analysis ensures that the 
final answer of a calculation has the desired units. (Section 1.7) 


dipole A molecule with one end having a partial negative 
charge and the other end having a partial positive charge; a 
polar molecule. (Section 8.4) 


dipole-dipole interactions A force that becomes significant 
when polar molecules come in close contact with one another. 
The force is attractive when the positive end of one polar 
molecule approaches the negative end of another. (Section 11.2) 


dipole moment A measure of the separation and magnitude 
of the positive and negative charges in polar molecules. 
(Section 8.4) 


disaccharide Two monosaccharide units linked together by a 
condensation reaction. (Section 24.8) 
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dispersion forces Intermolecular forces resulting from 
attractions between induced dipoles. Also called London 
dispersion forces. (Section 11.2) 


displacement reaction A reaction in which an ion in solution is 
displaced (replaced) through oxidation of an element. (Section 4.4) 


disproportionation reaction A reaction in which an element is 
simultaneously oxidized and reduced. (Section 22.5) 


distillation A separation process that depends on the different 
abilities of substances to form gases. (Section 1.3) 


donor atom The atom of a ligand that bonds to the central metal 
ion in a coordination complex. (Section 23.3) 


doping The process of adding controlled amounts of impurity 
atoms to a material. For example, incorporation of P into Si. 
(Section 12.4) 


double bond A covalent bond involving two electron pairs. 
(Section 8.3) 


double helix The structure for DNA that involves the 

winding of two DNA polynucleotide chains together in a 
helical arrangement. The two strands of the double helix are 
complementary in that the organic bases on the two strands are 
paired for optimal hydrogen bond interaction. (Section 24.10) 


dynamic equilibrium A state of balance in which opposing 
processes occur at the same rate. (Section 11.5) 


effective nuclear charge The net positive charge experienced by 
an electron in a many-electron atom; this charge is not the full 
nuclear charge because there is some shielding of the nucleus by 
the other electrons in the atom. (Section 7.2) 


effusion The escape of a gas through an orifice or hole. 
(Section 10.7) 


elastomer A material that can undergo a substantial change in 
shape via stretching, bending, or compression and return to its 
original shape upon release of the distorting force. (Section 12.5) 


electrochemistry The branch of chemistry that deals with 
the relationships between electricity and chemical reactions. 
(Section 20.1) 


electrolysis reaction A reaction in which a nonspontaneous 
redox reaction is brought about by the passage of current 
under a sufficient external electrical potential. The devices in 
which electrolysis reactions occur are called electrolytic cells. 
(Section 20.9) 


electrolyte A solute that produces ions in solution; an 
electrolytic solution conducts an electric current. (Section 4.1) 


electrolytic cell A device in which a nonspontaneous oxidation- 
reduction reaction is caused to occur by passage of current 
under a sufficient external electrical potential. (Section 20.9) 


electromagnetic radiation (radiant energy) A form of energy that 
has wave characteristics and that propagates through a vacuum 
at the characteristic speed of 3.00 x 10% m/s. (Section 6.1) 


electrometallurgy The use of electrolysis to reduce or refine 
metals. (Section 20.9) 


electromotive force (emf) A measure of the driving force, or 
electrical pressure, for the completion of an electrochemical 


reaction. Electromotive force is measured in volts: 1 V = 1J/C. 
Also called the cell potential. (Section 20.4) 


electron A negatively charged subatomic particle found outside 
the atomic nucleus; it is a part of all atoms. (Section 2.2) 


electron affinity The energy change that occurs when an 
electron is added to a gaseous atom or ion. (Section 7.5) 


electron capture A mode of radioactive decay in which an inner- 
shell orbital electron is captured by the nucleus. (Section 21.1) 


electron configuration The arrangement of electrons in the 
orbitals of an atom or molecule (Section 6.8) 


electron density The probability of finding an electron at any 
particular point in an atom; this probability is equal to y?, the 
square of the wave function. Also called the probability density. 
(Section 6.5) 


electron domain In the VSEPR model, a region about a central 
atom in which an electron pair is concentrated. (Section 9.2) 


electron-domain geometry The three-dimensional arrangement 
of the electron domains around an atom according to the VSEPR 
model. (Section 9.2) 


electronegativity A measure of the ability of an atom that 
is bonded to another atom to attract electrons to itself. 
(Section 8.4) 


electronic charge The negative charge carried by an electron; it 
has a magnitude of 1.602 x 107'°C. (Section 2.3) 


electronic structure The arrangement of electrons in an atom or 
molecule. (Section 6.1) 


electron-sea model A model for the behavior of electrons in 
metals. (Section 12.2) 


electron shell A collection of orbitals that have the same value 
of n. For example, the orbitals with n = 3 (the 3s, 3p, and 3d 
orbitals) comprise the third shell. (Section 6.5) 


electron spin A property of the electron that makes it behave as 
though it were a tiny magnet. The electron behaves as if it were 
spinning on its axis; electron spin is quantized. (Section 6.7) 


element A substance that cannot be decomposed into simpler 
substances. (Sections 1.1 and 1.2) 


elemental composition The percentage composition of an 
element in a substance. (Section 3.3) 


elementary reaction A process in a chemical reaction that occurs 
in a single step. An overall chemical reaction consists of one or 
more elementary reactions or steps. (Section 14.6) 


empirical formula A chemical formula that shows the kinds of 
atoms and their relative numbers in a substance in the smallest 
possible whole-number ratios. (Section 2.6) 


enantiomers Two mirror-image molecules of a chiral substance. 
The enantiomers are nonsuperimposable. (Section 23.4) 


endothermic process A process in which a system absorbs heat 
from its surroundings. (Section 5.2) 


energy The capacity to do work or to transfer heat. (Section 1.4) 


energy-level diagram A diagram that shows the energies of 
molecular orbitals relative to the atomic orbitals from which 


they are derived. Also called a molecular-orbital diagram. 
(Section 9.7) 


enthalpy A quantity defined by the relationship H = E + PV; the 
enthalpy change, AH, for a reaction that occurs at constant pressure 
is the heat evolved or absorbed in the reaction: AH = q,. (Section 5.3) 


enthalpy of formation The enthalpy change that accompanies 
the formation of a substance from the most stable forms of its 
component elements. (Section 5.7) 


enthalpy of reaction The enthalpy change associated with a 
chemical reaction. (Section 5.4) 


entropy A measure of the tendency for energy to spread or 
disperse, thereby reducing its ability to accomplish work. In 

a general sense, it reflects the degree of randomness or disorder 
associated with the particles that carry the energy. (Section 19.2) 


enzyme A protein molecule that acts to catalyze specific 
biochemical reactions. (Section 14.7) 


equilibrium constant The numerical value of 

the equilibrium-constant expression for a system at equilibrium. 
The equilibrium constant is most usually denoted by K, for gas- 
phase systems or K, for solution-phase systems. (Section 15.2) 


equilibrium-constant expression The expression that describes 
the relationship among the concentrations (or partial pressures) 
of the substances present in a system at equilibrium. The 
numerator is obtained by multiplying the concentrations of 

the substances on the product side of the equation, each raised 
to a power equal to its coefficient in the chemical equation. 

The denominator similarly contains the concentrations of the 
substances on the reactant side of the equation. (Section 15.2) 


equivalence point The point in a titration at which the added 
solute reacts completely with the solute present in the solution. 
(Section 4.6) 


ester An organic compound that has an OR group attached to 
a carbonyl; it is the product of a reaction between a carboxylic 
acid and an alcohol. (Section 24.4) 


ether A compound in which two hydrocarbon groups are 
bonded to one oxygen. (Section 24.4) 


exchange (metathesis) reaction A reaction between compounds 
that when written as a molecular equation appears to involve 
the exchange of ions between the two reactants. (Section 4.2) 


excited state A higher energy state than the ground state. 
(Section 6.3) 


exothermic process A process in which a system releases heat to 
its surroundings. (Section 5.2) 


extensive property A property that depends on the amount of 
sample considered; for example, mass or volume. (Section 1.3) 


face-centered lattice A crystal lattice in which the lattice 
points are located at the faces and corners of each unit cell. 
(Section 12.1) 


Faraday constant (F) The magnitude of charge of one mole of 
electrons: 96,500 C/mol. (Section 20.5) 


fblock metals Lanthanide and actinide elements in which the 
4f or Sf orbitals are partially occupied. (Section 6.9) 
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ferrimagnetism A substance that has both ferromagnetic and 
antiferromagnetic characteristics. A form of magnetism in 
which unpaired electron spins on different-type ions point in 
opposite directions but do not fully cancel out. (Section 23.1) 


ferromagnetism A form of magnetism in which unpaired 
electron spins align parallel to one another. (Section 23.1) 


first law of thermodynamics A statement that energy is 
conserved in any process. One way to express the law is that the 
change in internal energy, AE, of a system in any process is equal 
to the heat, q, added to the system, plus the work, w, done on 
the system by its surroundings: AE = q + w. (Section 5.2) 


first-order reaction A reaction in which the reaction rate is 
proportional to the concentration of a single reactant, raised to 
the first power. (Section 14.4) 


fission The splitting of a large nucleus into two smaller ones. 
(Section 21.5) 


folding The process by which a protein adopts its biologically 
active shape. (Section 24.7) 


force A push ora pull. (Section 1.4) 


formal charge The charge an atom (in a molecule) would have if 
each bonding electron pair in the molecule were shared equally 
between its two atoms. (Section 8.5) 


formation constant For a metal ion complex, the equilibrium 
constant for formation of the complex from the metal ion and 
base species present in solution. It is a measure of the tendency 
of the complex to form. (Section 17.5) 


formula weight The sum of the atomic weights (AW) of the 
atoms in the chemical formula of the substance. For example, 
the formula weight of NO, (46.0 amu) is the sum of the masses of 
one nitrogen atom and two oxygen atoms. (Section 3.3) 


fossil fuels Coal, oil, and natural gas, which are presently our 
major sources of energy. (Section 5.9) 


fracking The practice in which water laden with sand and other 
materials is pumped at high pressure into rock formations to 
release natural gas and other petroleum materials. (Section 18.4) 


free energy (Gibbs free energy, G) A thermodynamic state 
function that gives a criterion for spontaneous change in terms 
of enthalpy and entropy: G = H - TS. (Section 19.5) 


free radical A substance with one or more unpaired electrons. 
(Section 21.6) 


frequency The number of times per second that one complete 
wavelength passes a given point. (Section 6.1) 


frequency factor (A) A term in the Arrhenius equation that is 
related to the frequency of collision and the probability that the 
collisions are favorably oriented for reaction. (Section 14.5) 


fuel cell A voltaic cell that utilizes the oxidation of a conventional 
fuel, such as H; or CH, in the cell reaction. (Section 20.7) 


fuel value The energy released when 1 g of a substance is 
combusted. (Section 5.9) 


functional group An atom or group of atoms that imparts 
characteristic chemical properties to an organic compound. 
(Section 24.1) 


fusion The joining of two light nuclei to form a more massive 
one. (Section 21.5) 


galvanic cell See voltaic (galvanic) cell. (Section 20.3) 


gamma radiation Energetic electromagnetic radiation 
emanating from the nucleus of a radioactive atom. 
(Section 21.1) 


gas Matter that has no fixed volume or shape; it uniformly fills 
its container. (Section 1.2) 


gas constant (R) The constant of proportionality in the ideal-gas 
equation. (Section 10.4) 


geometric isomerism A form of isomerism in which compounds 
with the same type and number of atoms and the same 
chemical bonds have different spatial arrangements of these 
atoms and bonds. (Sections 23.4 and 24.3) 


Gibbs free energy A thermodynamic state function that 
combines enthalpy and entropy, in the form G = H — Ts. Fora 
change occurring at constant temperature and pressure, the 
change in free energy is AG = AH ~ TAS. (Section 19.5) 


glass An amorphous solid formed by fusion of siO,, Cao, and 
Na,O. Other oxides may also be used to form glasses with 
differing characteristics. (Section 22.10) 


glucose A polyhydroxy aldehyde whose formula is 
CH,OH(CHOH),CHO; it is the most important of the 
monosaccharides. (Section 24.8) 


glycogen The general name given to a group of polysaccharides 
of glucose that are synthesized in mammals and used to store 
energy from carbohydrates. (Section 24.8) 


Graham’s law A law stating that the rate of effusion of a gas 
is inversely proportional to the square root of its molecular 
weight. (Section 10.7) 


gray (Gy) The SI unit for radiation dose corresponding to the 
absorption of 1 J of energy per kilogram of biological material; 
1Gy = 100rads. (Section 21.6) 


green chemistry Chemistry that promotes the design 
and application of chemical products and processes that 
are compatible with human health and that preserve the 
environment. (Section 18.5) 


greenhouse gases Gases in an atmosphere that absorb and 
emit infrared radiation (radiant heat), “trapping” heat in the 
atmosphere. (Section 18.2) 


ground state The lowest-energy, or most stable, state. 
(Section 6.3) 


group Elements that are in the same column of the periodic 
table; elements within the same group or family exhibit 
similarities in their chemical behavior. (Section 2.5) 


Haber process The catalyst system and conditions of 
temperature and pressure developed by Fritz Haber and 
coworkers for the formation of NH; from H, and N}. (Section 15.2) 


half-life The time required for the concentration of a reactant 
substance to decrease to half its initial value; the time required 
for half of a sample of a particular radioisotope to decay. 
(Sections 14.4 and 21.3) 


half-reaction An equation for either an oxidation or a reduction 
that explicitly shows the electrons involved, for example, 
Zn?*(aq) + 2€ —> Zn(s). (Section 20.2) 


halogens Members of group 17 in the periodic table. 
(Section 7.8) 


heat The energy that causes the temperature of an object to 
increase. The flow of energy from a body at higher temperature 
to one at lower temperature when they are placed in thermal 
contact. (Sections 1.4 and 1.5) 


heat capacity The quantity of heat required to raise the 
temperature of a sample of matter by 1°C (or 1 K). (Section 5.5) 


heat of fusion The enthalpy change, AH, for melting a solid. 
(Section 11.4) 


heat of sublimation The enthalpy change, AH, for vaporization 
of a solid. (Section 11.4) 


heat of vaporization The enthalpy change, AH, for vaporization 
of a liquid. (Section 11.4) 


Henderson-Hasselbalch equation The relationship among the 
pH, pKa and the concentrations of acid and conjugate base in an 


[base] : 
taid] (Section 17.2) 


aqueous solution: pH = pK, + log 


Henry’s law A law stating that the concentration of a gas in 
a solution, S,, is proportional to the pressure of gas over the 
solution: S; = kB. (Section 13.3) 


Hess’s law Ifa reaction is carried out in a series of steps, AH for 
the overall reaction equals the sum of the enthalpy changes for 
the individual steps. (Section 5.6) 


heterogeneous alloy An alloy in which the components are not 
distributed uniformly; instead, two or more distinct phases with 
characteristic compositions are present. (Section 12.2) 


heterogeneous catalyst A catalyst that is in a different phase 
from that of the reactant substances. (Section 14.7) 


heterogeneous equilibrium The equilibrium established between 
substances in two or more different phases, for example, 
between a gas and a solid or between a solid and a liquid. 
(Section 15.3) 


hexagonal close packing A crystal structure where the atoms are 
packed together as closely as possible. The close-packed layers 
adopt a two-layer repeating pattern, which leads to a primitive 
hexagonal unit cell. (Section 12.2) 


high-spin complex A complex whose electrons are arranged to 
give the maximum number of unpaired electrons. (Section 23.6) 


hole A vacancy in the valence band of a semiconductor, created 
by doping. (Section 12.4) 


homogeneous catalyst A catalyst that is in the same phase as the 
reactant substances. (Section 14.7) 


homogeneous equilibrium The equilibrium established between 
reactant and product substances that are all in the same phase. 
(Section 15.3) 


Hund’s rule A rule stating that electrons occupy degenerate 
orbitals in such a way as to maximize the number of electrons 
with the same spin. In other words, each orbital has one 


electron placed in it before pairing of electrons in orbitals 
occurs. (Section 6.8) 


hybridization The mathematical mixing of different types of 
atomic orbitals to produce a set of equivalent hybrid orbitals. 
(Section 9.5) 


hybrid orbital An orbital that results from the mixing of 
different kinds of atomic orbitals on the same atom. For 
example, an sp? hybrid results from the mixing, or hybridizing, 
of one s orbital and three p orbitals. (Section 9.5) 


hydration Solvation when the solvent is water. (Section 13.1) 


hydride ion An ion formed by the addition of an electron toa 
hydrogen atom: H-. (Section 7.7) 


hydrocarbons Compounds composed of only carbon and 
hydrogen. (Section 2.9) 


hydrogen bonding Bonding that results from intermolecular 
attractions between molecules containing hydrogen bonded 
to an electronegative element. The most important examples 
involve OH, NH, and HE (Section 11.2) 


hydrolysis A reaction with water. When a cation or anion reacts 
with water, it changes the pH. (Sections 16.7 and 24.4) 


hydronium ion (H,0*) The predominant form of the proton in 
aqueous solution. (Section 16.1) 


hydrophilic Water attracting. The term is often used to describe 
a type of colloid. (Section 13.6) 


hydrophobic Water repelling. The term is often used to describe 
a type of colloid. (Section 13.6) 


hypervalent A compound with more than an octet of electrons 
around the central atom. (Section 9.5) 


hypothesis A model or tentative explanation of a series of 
observations. (Section 1.5) 


ideal gas A hypothetical gas whose pressure, volume, and 
temperature behavior is completely described by the ideal-gas 
equation. (Section 10.4) 


ideal-gas equation An equation of state for gases that embodies 
Boyle’s law, Charles’s law, and Avogadro’s hypothesis in the 
form PV = nRT. (Section 10.4) 


ideal solution A solution that obeys Raoult’s law. (Section 13.5) 


immiscible liquids Liquids that do not dissolve in one another 
to a significant extent. (Section 13.3) 


indicator A substance added to a solution that changes color 
when the added solute has reacted with all the solute present in 
solution. The most common type of indicator is an acid-base 
indicator whose color changes as a function of pH. (Section 4.6) 


instantaneous rate The reaction rate at a particular time 
as opposed to the average rate over an interval of time. 
(Section 14.2) 


insulators Materials that do not conduct electricity. (Section 12.7) 


intensive property A property that does not depend on the amount 
of sample being examined, for example, density. (Section 1.3) 


interhalogens Compounds formed between two different 
halogen elements. Examples include IBr and BrF;. (Section 22.4) 
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intermediate A substance formed in one elementary step of a 
multistep mechanism and consumed in another; it is neither 


a reactant nor an ultimate product of the overall reaction. 
(Section 14.6) 


intermetallic compound A homogeneous alloy with definite 
properties and a fixed composition. (Section 12.2) 


intermolecular forces Forces that exist between molecules. 
(Section 11.1) 


internal energy The sum of all the kinetic and potential energies 
of the components of the system. When a system undergoes a 
change, the change in internal energy, AE, is defined as the heat, 
q, added to the system, plus the work, w, done on the system by 
its surroundings: AE = q + w. (Section 5.2) 


interstitial alloy An alloy formed when solute atoms occupy 
interstitial positions in the “holes” between solvent atoms. 
(Section 12.2) 


ion Electrically charged atom or group of atoms (polyatomic 
ion); ions can be positively or negatively charged, depending on 
whether electrons are lost (positive) or gained (negative) by the 
atoms. (Section 2.7) 


ion-dipole force The force that exists between an ion anda 
polar molecule that possesses a permanent dipole moment. 
(Section 11.2) 


ionic bond A bond formed by the electrostatic attractions 
between oppositely charged ions. The ions are formed from 
atoms by transfer of one or more electrons. (Section 8.1) 


ionic compound A compound composed of cations and anions. 
(Section 2.7) 


ionic hydrides Compounds formed when hydrogen reacts with 
alkali metals and also the heavier alkaline earths (Ca, Sr, and Ba); 
these compounds contain the hydride ion, H~. (Section 22.2) 


ionic solids Solids that are held together by the mutual 
electrostatic attraction between cations and anions. (Sections 
12.1 and 12.5) 


ionization energy The minimum energy required to remove an 
electron from the ground state of an isolated gaseous atom or 
ion. (Section 7.4) 


ionizing radiation Radiation that has sufficient energy to 
remove an electron from a molecule, thereby ionizing it. 
(Section 21.6) 


ion-product constant For water, K,, is the product of the 
aquated hydrogen ion and hydroxide ion concentrations: 
[H*][OH_] = K, = 1.0 x 107 at 25°C. (Section 16.2) 


irreversible process A process that leaves the surroundings 
somehow changed when the system is restored to its original 
state. (Section 19.1) 


isoelectronic series A series of atoms, ions, or molecules having 
the same number of electrons. (Section 7.3) 


isomers Compounds whose molecules have the same overall 
composition but different structures. (Sections 2.9 and 23.4) 


isothermal process A process that occurs at constant 
temperature. (Section 19.1) 
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isotopes Atoms of the same element containing different numbers 
of neutrons and therefore having different masses. (Section 2.3) 


joule (J) The SI unit of energy, 1 kg-m’/s”. A related unit is the 
calorie: 4.184] = 1 cal. (Section 1.5) 


Kelvin scale The SI temperature scale; the SI unit for temperature 
is the kelvin. Zero on the Kelvin scale corresponds to -273.15 °C. 
(Section 1.5) 


ketone A compound in which the carbonyl group (C=O) occurs 
at the interior of a carbon chain and is therefore flanked by 
carbon atoms. (Section 24.4) 


kinetic energy The energy that an object possesses by virtue of 
its motion. (Section 1.4) 


kinetic-molecular theory of gases A set of assumptions about 
the nature of gases. These assumptions, when translated into 
mathematical form, yield the ideal-gas equation. (Section 10.6) 


lanthanide contraction The gradual decrease in atomic and ionic 
radii with increasing atomic number among the lanthanide 
elements, atomic numbers 57 through 70. The decrease arises 
because of a gradual increase in effective nuclear charge through 
the lanthanide series. (Section 23.1) 


lanthanide (rare earth) element Element in which the 4f 
subshell is only partially occupied. (Sections 6.8 and 6.9) 


lattice energy The energy required to separate completely the 
ions in an ionic solid into its gaseous ions. (Section 8.2) 


lattice points Points in a crystal, all of which have identical 
environments. (Section 12.1) 


lattice vectors The vectors a, b, and c that define each lattice 
point in a crystal lattice. Beginning from any lattice point, it is 
possible to move to any other lattice point by adding together 
whole-number multiples of the two lattice vectors. (Section 12.1) 


law of conservation of mass The total mass of materials present 
after a chemical reaction is the same as the total mass present 
before the reaction. (Section 2.1) 


law of constant composition A law that states that the elemental 
composition of a compound is always the same; also called the 
law of definite proportions. (Section 1.2) 


law of definite proportions A law that states that the elemental 
composition of a substance is always the same; also called the 
law of constant composition. (Section 1.2) 


law of mass action The rules by which the equilibrium constant 
is expressed in terms of the concentrations of reactants and 
products, in accordance with the balanced chemical equation 
for the reaction. (Section 15.2) 


law of multiple proportions If two elements A and B combine to form 
more than one compound, the masses of B that can combine with a 
given mass of A are in the ratio of small whole numbers. (Section 2.1) 


Le Chatelier’s principle A principle stating that when we disturb 
a system at chemical equilibrium, the relative concentrations of 
reactants and products shift so as to partially undo the effects of 
the disturbance. (Section 15.5) 


levorotatory, or merely levo or / A term used to label a chiral 
molecule that rotates the plane of polarization of plane- 
polarized light to the left (counterclockwise). (Section 23.4) 


Lewis acid An electron-pair acceptor. (Section 16.8) 
Lewis base An electron-pair donor. (Section 16.8) 


Lewis structure A representation of covalent bonding in a 
molecule that is drawn using Lewis symbols. Shared electron pairs 
are shown as lines, and unshared electron pairs are shown as pairs 
of dots. Only the valence-shell electrons are shown. (Section 8.3) 


Lewis symbol (electron-dot symbol) The chemical symbol for an 
element, with a dot for each valence electron. (Section 8.1) 


ligand An ion or molecule that coordinates to a metal atom or 
to a metal ion to form a complex. (Section 23.2) 


limiting reactant (limiting reagent) The reactant that is 
completely consumed in a reaction; the amount of product 
that can form is limited by the complete consumption of the 
limiting reactant. (Section 3.7) 


line spectrum A spectrum that contains radiation at only 
certain specific wavelengths. (Section 6.3) 


linkage isomers Structural isomers of coordination compounds 
in which a ligand is capable of coordinating to a metal in two 
ways. (Section 23.4) 


lipid A nonpolar biological molecule used by organisms for long- 
term energy storage or as a structural component. (Section 24.9) 


liquid Matter that has a distinct volume independent of its 
container. (Section 1.2) 


liquid crystal A substance that exhibits a viscous, milky state 
between the liquid and solid states. (Section 11.7) 


lock-and-key model A model of enzyme action in which the 
substrate molecule is pictured as fitting rather specifically 

into the active site on the enzyme. It is assumed that in being 
bound to the active site, the substrate is somehow activated for 
reaction. (Section 14.7) 


low-spin complex A metal complex in which the electrons are 
paired in lower-energy orbitals. (Section 23.6) 


macroporous Solids having pores that are visible to the naked 
eye. (Section 12.6) 


magic numbers Numbers of protons and neutrons that result in 
very stable nuclei. (Section 21.2) 


main-group elements Elements in the s and p blocks of the 
periodic table. (Section 6.9) 


mass A measure of the amount of material in an object. In SI 
units, mass is measured in kilograms. (Section 1.5) 


mass defect The difference between the mass of a nucleus and 
the total masses of the individual nucleons that it contains. 
(Section 21.5) 


mass number The sum of the number of protons and neutrons 
in the nucleus of a particular atom. (Section 2.3) 


mass percentage The number of grams of solute in each 100 g of 
solution. (Section 13.4) 


mass spectrometer An instrument used to measure the precise 
masses and relative amounts of atomic and molecular ions. 
(Section 2.4) 


matter Anything that occupies space and has mass; the physical 
material of the universe. (Section 1.1) 


matter waves The term used to describe the wave characteristics 
of a moving particle. (Section 6.4) 


mean free path The average distance traveled by a gas molecule 
between collisions. (Section 10.7) 


mesoporous Solids having pore sizes in the range 2 to 50 nm. 
(Section 12.6) 


metal complex Species that are assemblies of a central transition- 
metal ion bonded to a group of surrounding molecules or ions, 
such as [Ag(NH3)2]* and [Fe(H20),]**. (Section 23.2) 


metallic bond Bonding, usually in solid metals, in which the 
bonding electrons are relatively free to move throughout the 
three-dimensional structure. (Section 8.1) 


metallic character The extent to which an element exhibits the 
physical and chemical properties characteristic of metals, for 
example, luster, malleability, ductility, and good thermal and 
electrical conductivity. (Section 7.6) 


metallic elements (metals) Elements that are usually solids at 
room temperature, exhibit high electrical and heat conductivity, 
and appear lustrous. Most of the elements in the periodic table 
are metals. (Sections 2.5 and 12.1) 


metallic hydrides Compounds formed when hydrogen reacts 
with transition metals; these compounds contain the hydride 
ion, H~. (Section 22.2) 


metallic solids Solids that are composed of metal atoms held 
together by a delocalized “sea” of collectively shared valence 
electrons. (Sections 12.1 and 12.2) 


metalloids Elements that lie along the diagonal line separating 
the metals from the nonmetals in the periodic table; the 
properties of metalloids are intermediate between those of 
metals and nonmetals. (Section 2.5) 


metallurgy The science of extracting metals from their natural 
sources by a combination of chemical and physical processes. 
It is also concerned with the properties and structures of metals 
and alloys. (Section 23.1) 


metathesis (exchange) reaction A reaction in which two 
substances react through an exchange of their component ions: 
AX + BY —> AY + BX. Precipitation and acid-base neutralization 
reactions are examples of metathesis reactions. (Section 4.2) 


metric system A system of measurement used in science and in 
most countries. The meter and the gram are examples of metric 
units. (Section 1.5) 


microporous Refers to solids that have pores up to 2 nm in size. 
(Section 12.6) 


microstate A single possible arrangement of the positions and 
kinetic energies of the molecules when the molecules are in a 
specific thermodynamic state. (Section 19.3) 


mineral A solid, inorganic substance occurring in nature, such 
as calcium carbonate, which occurs as calcite. (Section 23.1) 


miscible liquids Liquids that mix in all proportions. 
(Section 13.3) 


mixture A combination of two or more substances in which 
each substance retains its own chemical identity. (Section 1.2) 
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molal boiling-point-elevation constant (K,) A constant 
characteristic of a particular solvent that gives the increase 


in boiling point as a function of solution molality: AT, = ik,m. 
(Section 13.5) 


molal freezing-point-depression constant (K,) A constant 
characteristic of a particular solvent that gives the decrease in 
freezing point as a function of solution molality: AT; = —ik,m. 
(Section 13.5) 


molality The concentration of a solution expressed as moles of 
solute per kilogram of solvent; abbreviated m. (Section 13.4) 


molar heat capacity The heat required to raise the temperature 
of one mole of a substance by 1°C. (Section 5.5) 


molarity The concentration of a solution expressed as moles of 
solute per liter of solution; abbreviated M. (Section 4.5) 


molar mass The mass of one mole of a substance in grams; it is 
numerically equal to the formula weight in atomic mass units. 
(Section 3.4) 


mole A collection of Avogadro’s number (6.022 x 107%) of 
objects; for example, a mole of H,0 is 6.022 x 1077H,O molecules. 
(Section 3.4) 


molecular compound A compound that consists of molecules. 
(Section 2.6) 


molecular equation A chemical equation in which the formula 
for each substance is written without regard for whether it is an 
electrolyte or a nonelectrolyte. (Section 4.2) 


molecular formula A chemical formula that indicates the 
actual number of atoms of each element in one molecule of a 
substance. (Section 2.6) 


molecular geometry The arrangement in space of the atoms of a 
molecule. (Section 9.2) 


molecular hydrides Compounds formed when hydrogen reacts 
with nonmetals and metalloids. (Section 22.2) 


molecularity The number of molecules that participate as 
reactants in an elementary reaction. (Section 14.6) 


molecular orbital (MO) An allowed state for an electron ina 
molecule. According to molecular-orbital theory, a molecular 
orbital is entirely analogous to an atomic orbital, which is an 
allowed state for an electron in an atom. Most bonding molecular 
orbitals can be classified as o or 7, depending on the disposition of 
electron density with respect to the internuclear axis. (Section 9.7) 


molecular-orbital diagram A diagram that shows the energies 
of molecular orbitals relative to the atomic orbitals from which 
they are derived; also called an energy-level diagram. 
(Section 9.7) 


molecular-orbital theory A theory that accounts for the 
allowed states for electrons in molecules by using specific wave 
functions. (Section 9.7) 


molecular solids Solids that are composed of molecules held 
together by their intermolecular forces. (Sections 12.1 and 12.4) 


molecular weight The sum of the atomic weights (AW) of the 
atoms represented by their chemical formula for a molecule. 
(Section 3.3) 
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molecule A chemical combination of two or more atoms. 
(Sections 1.1 and 2.6) 


mole fraction The ratio of the number of moles of one 
component of a mixture to the total moles of all components; 
abbreviated X, with a subscript to identify the component. 
(Section 10.5) 


momentum The product of the mass, m, and velocity, v, of an 
object. (Section 6.4) 


monodentate ligand A ligand that binds to the metal ion via a 
single donor atom. It occupies one position in the coordination 
sphere. (Section 23.3) 


monomers Molecules with low molecular weights, which can be 
joined together (polymerized) to form a polymer. (Section 12.5) 


monosaccharide A simple sugar, most commonly containing six 
carbon atoms. The joining together of monosaccharide units by 
condensation reactions results in formation of polysaccharides. 
(Section 24.8) 


motif In a crystal, the group of atoms associated with each 
lattice point. (Section 12.1) 


nanomaterial A solid whose dimensions range from 1 to 100 nm 
and whose properties differ from those of a bulk material with 
the same composition. (Sections 12.1 and 12.6) 


natural gas A naturally occurring mixture of gaseous 
hydrocarbon compounds composed of hydrogen and carbon. 
(Section 5.9) 


nematic liquid crystalline phase A liquid crystal in which the 
molecules are aligned in the same general direction, along 
their long axes, but in which the ends of the molecules are not 
aligned. (Section 11.7) 


Nernst equation An equation that relates the cell emf, 
E, to the standard emf, £°, and the reaction quotient, 
Q: E = E — (RT/nF) Inq. (Section 20.6) 


net ionic equation A chemical equation for a solution reaction 
in which soluble strong electrolytes are written as ions and 
spectator ions are omitted. (Section 4.2) 


neutralization reaction A reaction in which an acid anda 

base react in stoichiometrically equivalent amounts; the 
neutralization reaction between an acid and a metal hydroxide 
produces water and a salt. (Section 4.3) 


neutron An electrically neutral particle found in the nucleus 
of an atom; it has approximately the same mass as a proton. 
(Section 2.2) 


noble gases Members of group 18 in the periodic table. 
(Section 7.8) 


nodal plane In an antibonding orbital, the plane in the 
region between the nuclei where the electron density is zero. 
(Section 9.7) 


node Points in an atom at which the electron density is zero. 
For example, the node in a 2s orbital is a spherical surface. 
(Section 6.6) 


nonbonding pair In a Lewis structure a pair of electrons assigned 
completely to one atom; also called a lone pair. (Section 8.3) 


nonelectrolyte A substance that does not ionize in water and 
consequently gives a nonconducting solution. (Section 4.1) 


nonionizing radiation Radiation that does not have sufficient 
energy to remove an electron from a molecule. (Section 21.6) 


nonmetallic elements (nonmetals) Elements in the upper right 
corner of the periodic table; nonmetals differ from metals in 
their physical and chemical properties. (Section 2.5) 


nonpolar covalent bond A covalent bond in which the electrons 
are shared equally. (Section 8.4) 


normal boiling point The boiling point at 1 atm pressure. 
(Section 11.5) 


normal melting point The melting point at 1 atm pressure. 
(Section 11.6) 


nuclear binding energy The energy required to decompose 
an atomic nucleus into its component protons and neutrons. 
(Section 21.5) 


nuclear disintegration series A series of nuclear reactions that 
begins with an unstable nucleus and terminates with a stable 
one; also called a radioactive series. (Section 21.2) 


nuclear model Model of the atom with a very small and 
extremely dense nucleus containing most of the mass (protons 
and neutrons) and with electrons in the space outside the 
nucleus. (Section 2.2) 


nuclear reaction Reaction in which transformations of atomic 
nuclei occur. (Section 21.1) 


nuclear transmutation A conversion of one kind of nucleus to 
another. (Section 21.2) 


nucleic acids Polymers of high molecular weight that 
carry genetic information and control protein synthesis. 
(Section 24.10) 


nucleon Particles found in the nucleus of an atom; protons and 
neutrons. (Section 21.1) 


nucleotide Monomers of nucleic acids formed from a five- 
carbon sugar, a nitrogen-containing organic base, and a 
phosphate group. Nucleotides form linear polymers called 
DNA and RNA, which are involved in protein synthesis and cell 
reproduction. (Section 24.10) 


nucleus The very small, very dense, positively charged 
portion of an atom; it is composed of protons and neutrons. 
(Section 2.2) 


octet rule A rule stating that atoms tend to gain, lose, or share 
electrons until they are surrounded by eight valence electrons. 
(Section 8.1) 


optical isomerism A form of isomerism in which the two forms 
of a compound (stereoisomers) are nonsuperimposable mirror 
images. Also called enantiomers. (Section 23.4) 


optically active Possessing the ability to rotate the plane of 
polarized light. (Section 23.4) 


orbital An allowed energy state of an electron in the quantum- 
mechanical model of the atom; the term orbital is also used to 
describe the spatial distribution of the electron. An orbital is 


defined by the values of three quantum numbers: n, l, and m, 
(Section 6.5) 


orbital diagram A representation of an atomic orbital drawn as 
a box with one or two half-arrows inside representing electrons. 
(Section 6.8) 


organic chemistry The study of carbon-containing compounds, 
typically containing carbon-carbon bonds. (Section 2.9; 
Section 24.1) 


osmosis The net movement of solvent through a semipermeable 
membrane toward the solution with greater solute 
concentration. (Section 13.5) 


osmotic pressure The pressure that must be applied to a 
solution to stop osmosis from pure solvent into the solution. 
(Section 13.5) 


Ostwald process An industrial process used to make nitric 

acid from ammonia. The NH; is catalytically oxidized by O, 
to form NO; NO in air is oxidized to NO,; HNO; is formed in 
a disproportionation reaction when NO, dissolves in water. 
(Section 22.7) 


overall reaction order The sum of the reaction orders of all the 
reactants appearing in the rate expression when the rate can be 
expressed as rate = k[A]"[B]’.... (Section 14.3) 


overlap The extent to which atomic orbitals on different atoms 
share the same region of space. When the overlap between two 
orbitals is large, a strong bond may be formed. (Section 9.4) 


oxidation A process in which a substance loses one or more 
electrons. (Section 4.4) 


oxidation number (oxidation state) A positive or negative whole 
number assigned to an element in a molecule or ion on the basis 
of a set of formal rules; to some degree it reflects the positive or 
negative character of that atom. (Section 4.4) 


oxidation—-reduction (redox) reaction A reaction in which 
electrons are transferred from one reactant to another and 
the oxidation states of these atoms change. (Section 4.4; 
Section 20.1) 


oxidizing agent, or oxidant The substance that is reduced and 
thereby causes the oxidation of some other substance in an 
oxidation-reduction reaction. (Section 20.1) 


oxyacid A compound in which one or more OH groups, and 
possibly additional oxygen atoms, are bonded to a central atom. 
(Section 16.8) 


oxyanion A polyatomic anion that contains one or more oxygen 
atoms. (Section 2.8) 


ozone The name given to 0;, an allotrope of oxygen. 
(Section 7.8) 


paramagnetism A property that a substance possesses if it 
contains one or more unpaired electrons. A paramagnetic 
substance is drawn into a magnetic field. (Section 9.8) 


partial pressure The pressure exerted by a particular gas ina 
mixture. (Section 10.5) 


particle accelerator A device that uses strong magnetic and 
electrostatic fields to accelerate charged particles. (Section 21.2) 
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parts per billion (ppb) The concentration of a solution in 

grams of solute per 10° (billion) grams of solution; equals 
micrograms of solute per liter of solution for aqueous solutions. 
(Section 13.4) 


parts per million (ppm) The concentration of a solution in 
grams of solute per 10° (million) grams of solution; equals 
milligrams of solute per liter of solution for aqueous solutions. 
(Section 13.4) 


pascal (Pa) The SI unit of pressure: 1 Pa = 1 N/m”. (Section 10.2) 


Pauli exclusion principle A rule stating that no two electrons in 
an atom may have the same four quantum numbers (n, l, m, and 
m,). As a reflection of this principle, there can be no more than 
two electrons in any one atomic orbital. (Section 6.7) 


peptide bond An amide group formed by amino acids. A bond 
formed between two amino acids. (Section 24.7) 


percent ionization The percent of a substance that undergoes 
ionization on dissolution in water. The term applies to solutions 
of weak acids and bases. (Section 16.5) 


percent yield The ratio of the actual (experimental) yield of a 
product to its theoretical (calculated) yield, multiplied by 100. 
(Section 3.7) 


period The row of elements that lie in a horizontal row in the 
periodic table. (Section 2.5) 


periodic table The arrangement of elements in order of 
increasing atomic number, with elements having similar 
properties placed in vertical columns. (Section 2.5) 


perspective drawing A model that uses wedges and dashed 
lines to depict bonds that are not in the plane of the paper. 
(Section 2.6) 


petroleum A naturally occurring combustible liquid composed 
of hundreds of hydrocarbons and other organic compounds. 
(Section 5.9) 


PH The negative log in base 10 of the aquated hydrogen ion 
concentration: pH = —log[H*]. (Section 16.3) 


PH titration curve A graph of pH as a function of added titrant. 
(Section 17.3) 


phase change The conversion of a substance from one state of 
matter to another. The phase changes we consider are melting 
and freezing (solid =— liquid), sublimation and deposition, and 
vaporization and condensation (liquid =— gas). (Section 11.4) 


phase diagram A graphic representation of the equilibria 
among the solid, liquid, and gaseous phases of a substance as a 
function of temperature and pressure. (Section 11.6) 


phospholipid A form of lipid molecule that contains charged 
phosphate groups. (Section 24.9) 


photochemical smog A complex mixture of undesirable 
substances produced by the action of sunlight on an urban 
atmosphere polluted with automobile emissions. The major 
starting ingredients are nitrogen oxides and organic substances. 
(Section 18.2) 


photodissociation The rupture of a chemical bond resulting 
from absorption of a photon by a molecule. (Section 18.1) 
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photoelectric effect The emission of electrons from a metal 
surface induced by light. (Section 6.2) 


photoionization The removal of an electron from an atom or 
molecule by absorption of light. (Section 18.1) 


photon The smallest increment (a quantum) of radiant energy; 
a photon of light with frequency v has an energy equal to hv. 
(Section 6.2) 


photosynthesis The process that occurs in plant leaves by which 
light energy is used to convert carbon dioxide and water to 
carbohydrates and oxygen. (Section 23.3) 


physical changes Changes in physical appearance (such 
as a phase change) that occur with no change in chemical 
composition. (Section 1.3) 


physical properties Properties that can be measured without 
changing the composition of a substance, for example, color 
and freezing point. (Section 1.3) 


pi (7m) bond A covalent bond in which electron density is 
concentrated above and below the internuclear axis; produced 
by the sideways overlap of p orbitals. (Section 9.6) 


pi (7m) molecular orbital A molecular orbital that concentrates 
the electron density on opposite sides of an imaginary line that 
passes through the nuclei. (Section 9.8) 


Planck constant (h) The constant that relates the energy 
and frequency of a photon, E = hv. Its value is 6.626 x 10~**J-s. 
(Section 6.2) 


plastic A polymeric solid that can be formed into particular 
shapes by application of heat and pressure. (Section 12.5) 


polar covalent bond A covalent bond in which the electrons are 
not shared equally. (Section 8.4) 


polarizability The ease with which the electron cloud of an 
atom or a molecule is distorted by an outside influence, thereby 
inducing a dipole moment. (Section 11.2) 


polar molecule A molecule in which the centers of positive and 
negative charge do not coincide; a molecule that possesses a 
nonzero dipole moment. (Section 8.4) 


polyatomic ion An electrically charged group of two or more 
atoms. (Section 2.7) 


polydentate ligand A ligand in which two, three, or more donor 
atoms can coordinate to the same metal ion. (Section 23.3) 


polymer Large molecules with long chains of atoms (usually 
carbon), where the atoms within a given chain are connected 
by covalent bonds and adjacent chains are held to one another 
largely by weaker intermolecular forces. (Sections 12.1 and 12.5) 


polypeptide A polymer of amino acids formed when a large 
number of amino acids (>30) are linked together by peptide 
bonds. (Section 24.7) 


polyprotic acid A substance capable of dissociating more than 
one proton in water; H,SO, is an example. (Section 16.5) 


polysaccharide A substance made up of many monosaccharide 
units joined together. (Section 24.8) 


porphyrin A complex derived from the porphine molecule. 
(Section 23.3) 


positron A particle with the same mass as an electron but with a 
positive charge, „fe, or g*. (Section 21.1) 


positron emission A nuclear decay process where a positron, 
a particle with the same mass as an electron but with a 
positive charge, symbol ,{e, or g*, is emitted from the nucleus. 
(Section 21.1) 


potential energy The energy that an object possesses as a result 
of its position with respect to another object. (Section 1.4) 


precipitate An insoluble substance that forms in, and separates 
from, a solution. (Section 4.2) 


precipitation reaction A reaction that occurs between 
substances in solution in which one of the products is insoluble. 
(Section 4.2) 


precision The closeness of agreement among several 
measurements of the same quantity. (Section 1.6) 


pressure A measure of the force exerted on a unit area. In 
chemistry, pressure is often expressed in units of atmospheres 
(atm) or torr: 760 torr = 1 atm; in SI units pressure is expressed in 
pascals (Pa). (Section 10.2) 


pressure-volume (PV) work Work performed by expansion of a 
gas against a resisting pressure. (Section 5.3) 


primary cell A voltaic cell that cannot be recharged. 
(Section 20.7) 


primary structure The sequence of amino acids along a protein 
chain. (Section 24.7) 


primitive lattice A crystal lattice in which the lattice points are 
located only at the corners of each unit cell. (Section 12.1) 


principal quantum number The integer, n, associated with orbits 
and energy levels in the Bohr atom. (Section 6.3) 


probability density (7) A value that represents the probability 
that an electron will be found at a given point in space. Also 
called electron density. (Section 6.5) 


product A substance produced in a chemical reaction; it appears 
to the right of the arrow in a chemical equation. (Section 3.1) 


property Any characteristic that allows us to recognize a 
particular type of matter and to distinguish it from other types. 
(Section 1.1) 


protein Macromolecules present in all living cells; a biopolymer 
formed from amino acids. (Section 24.7) 


protium The most common isotope of hydrogen. (Section 22.2) 


proton A positively charged subatomic particle found in the 
nucleus of an atom. (Section 2.2) 


pure substance Matter that has a fixed composition and distinct 
properties. (Section 1.2) 


qualitative analysis The determination of the presence or 
absence of a particular substance in a mixture. (Section 17.6) 


quantitative analysis The determination of the amount of a 
given substance that is present in a sample. (Section 17.6) 


quantum The smallest increment of radiant energy that may 
be absorbed or emitted; the magnitude of radiant energy is hv. 
(Section 6.2) 


quaternary structure The structure of a protein resulting from 
the clustering of several individual protein chains into a final 
specific shape. (Section 24.7) 


racemic mixture A mixture of equal amounts of the 
dextrorotatory and levorotatory forms of a chiral molecule. A 
racemic mixture will not rotate the plane of polarized light. 
(Section 23.4) 


rad A measure of the energy absorbed from radiation by tissue 
or other biological material; 1 rad = transfer of 1 x 10°J of energy 
per kilogram of material. (Section 21.6) 


radial probability function The probability that the electron will 
be found at a certain distance from the nucleus. (Section 6.6) 


radioactive Possessing radioactivity, the spontaneous 
disintegration of an unstable atomic nucleus with 
accompanying emission of radiation. (Section 2.2; 
Section 21.1) 


radioactive decay chain A series of nuclear reactions that begins 
with an unstable nucleus and terminates with a stable one. Also 
called nuclear disintegration series. (Section 21.2) 


radioisotope An isotope that is radioactive; that is, it is 
undergoing nuclear changes with emission of radiation. 
(Section 21.1) 


radionuclide A radioactive nuclide. (Section 21.1) 


radiotracer A radioisotope that can be used to trace the path of 
an element in a chemical system. (Section 21.4) 


Raoult’s law A law stating that the partial pressure exerted by 
solvent vapor above the solution, Portion, equals the product of 
the mole fraction of the solvent, Xoven and the vapor 
pressure of the pure solvent, Proivent- Rotution = XsoiventP solvent: 
(Section 13.5) 


rare earth element See lanthanide (rare earth) element. 
(Sections 6.8 and 6.9) 


rate constant A constant of proportionality between the 
reaction rate and the concentrations of reactants that appear in 
the rate law. (Section 14.3) 


rate-determining step The slowest elementary step in a reaction 
mechanism. (Section 14.6) 


rate law An equation that relates the reaction rate to the 
concentrations of reactants (and sometimes of products also). 
(Section 14.3) 


reactant A starting substance in a chemical reaction; it appears 
to the left of the arrow in a chemical equation. (Section 3.1) 


reaction mechanism A detailed picture, or model, of how the 
reaction occurs; that is, the order in which bonds are broken 
and formed and the changes in relative positions of the atoms as 
the reaction proceeds. (Section 14.6) 


reaction order The power to which the concentration of a 
reactant is raised in a rate law. (Section 14.3) 


reaction quotient (Q) The value that is obtained when 
concentrations of reactants and products are inserted into the 
equilibrium expression. If the concentrations are equilibrium 
concentrations, Q = K; otherwise, Q # K. (Section 15.4) 
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reaction rate The speed at which a chemical reaction occurs; a 
measure of the decrease in concentration of a reactant or the 
increase in concentration of a product with time. (Section 14.1 
and Section 14.2) 


redox (oxidation-reduction) reaction A reaction in which 
certain atoms undergo changes in oxidation states. The 
substance increasing in oxidation state is oxidized; the 
substance decreasing in oxidation state is reduced. (Section 4.4; 
Section 20.1) 


reducing agent, or reductant The substance that is oxidized 
and thereby causes the reduction of some other substance in an 
oxidation-reduction reaction. (Section 20.1) 


reduction A process in which a substance gains one or more 
electrons. (Section 4.4) 


rem A measure of the biological damage caused by radiation; 
rems = rads X RBE. (Section 21.6) 


renewable energy sources Energy such as solar energy, wind 
energy, and hydroelectric energy derived from essentially 
inexhaustible sources. (Section 5.9) 


representative (main-group) element An element from 
within the s and p blocks of the periodic table (Figure 6.30). 
(Section 6.9) 


resonance structures (resonance forms) Individual 

Lewis structures in cases where two or more Lewis structures a 
re equally good descriptions of a single molecule. The 
resonance structures in such an instance are “averaged” to 
give a more accurate description of the real molecule. 
(Section 8.6) 


reverse osmosis The process by which water molecules move 
under high pressure through a semipermeable membrane 
from the more concentrated to the less concentrated solution. 
(Section 18.4) 


reversible process A process in which the system can be restored 
to its original condition with no change to the surroundings. 
(Section 19.1) 


ribonucleic acid (RNA) A polynucleotide in which ribose is the 
sugar component. (Section 24.10) 


root-mean-square (rms) speed (4) The square root of the 
average of the squared speeds of the gas molecules in a gas 
sample. (Section 10.6) 


rotational motion Movement of a molecule as it spins about an 
axis. (Section 19.3) 


salinity A measure of the salt content of seawater, brine, or 
brackish water. It is equal to the mass in grams of dissolved salts 
present in 1 kg of seawater. (Section 18.3) 


salt Any ionic compound whose cation comes from a base (for 
example, Na* from NaOH) and whose anion comes from an acid 
(for example, CI- from HCl). (Section 4.3) 


saponification Hydrolysis of an ester in the presence of a base. 
(Section 24.4) 


saturated solution A solution in which undissolved solute and 
dissolved solute are in equilibrium. (Section 13.2) 
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scientific law A statement of what is always observed to happen, 
to the best of our knowledge. (Section 1.5) 


scientific method The general process of advancing scientific 
knowledge by making experimental observations and by 
formulating hypotheses, theories, and laws. (Figure 1.17) 


secondary cell A voltaic cell that can be recharged. 
(Section 20.7) 


secondary structure Refers to how segments of the protein chain 
are oriented in a regular pattern. (Section 24.7) 


second law of thermodynamics A statement of our experience 
that there is a direction to the way events occur in nature. 
When a process occurs spontaneously in one direction, it is 
nonspontaneous in the reverse direction. It is possible to state 
the second law in many different forms, but they all relate 
back to the same idea about spontaneity. One of the most 
common statements found in chemical contexts is that in any 
spontaneous process the entropy of the universe increases. 
(Section 19.2) 


second-order reaction A reaction in which the rate depends 
either on a reactant concentration raised to the second power 
or on the concentrations of two reactants each raised to the first 
power. (Section 14.4) 


semiconductor A material that has electrical conductivity 
between that of a metal and that of an insulator. (Section 12.4) 


sigma (øe) bond A covalent bond in which electron density is 
concentrated along the internuclear axis. (Section 9.6) 


sigma (ø) molecular orbital A molecular orbital that centers the 
electron density about an imaginary line passing through two 
nuclei. (Section 9.7) 


significant figures The digits that indicate the precision with 
which a measurement is made; all digits of a measured quantity 
are significant, including the last digit, which is uncertain. 
(Section 1.6) 


silica Common name for silicon dioxide. (Section 22.4) 


silicates Compounds containing silicon and oxygen, 
structurally based on SiO, tetrahedra. (Section 22.10) 


single bond A covalent bond involving one electron pair. 
(Section 8.3) 


SI units The preferred metric units for use in science. 
(Section 1.5) 


smectic A and smectic C liquid crystals Liquid crystals in 
which the molecules maintain the long-axis alignment seen in 
nematic crystals, but in addition pack into layers. (Section 11.7) 


solid Matter that has both a definite shape and a definite 
volume. (Section 1.2) 


solubility The amount of a substance that dissolves in a given 
quantity of solvent at a given temperature to form a saturated 
solution. (Sections 4.2 and 13.2) 


solubility-product constant (solubility product) (K) An 
equilibrium constant related to the equilibrium between a solid 
salt and its ions in solution. It provides a quantitative measure 
of the solubility of a slightly soluble salt. (Section 17.4) 


solute A substance dissolved in a solvent to form a solution; it 
is normally the component of a solution present in the smaller 
amount. (Section 4.1) 


solution A mixture of substances that has a uniform 
composition; a homogeneous mixture. (Section 1.2) 


solvation The clustering of solvent molecules around a solute 
particle. (Section 13.1) 


solvent The dissolving medium of a solution; it is normally 
the component of a solution present in the greater amount. 
(Section 4.1) 


space-filling model Model that shows relative sizes of the atoms. 
(Section 2.6) 


specific heat (C,) The heat capacity of 1 g of a substance; the 
heat required to raise the temperature of 1 g of a substance by 
1°C. (Section 5.5) 


spectator ions Ions that go through a reaction unchanged 
and that appear on both sides of the complete ionic equation. 
(Section 4.2) 


spectrochemical series A list of ligands arranged in order of 
their abilities to increase the crystal-field splitting energy. 
(Section 23.6) 


spectrum The distribution among various wavelengths of the 
radiant energy emitted or absorbed by an object. (Section 6.3) 


spin magnetic quantum number (m,) A quantum number 
associated with the electron spin; it may have values of +3 or —}. 
(Section 6.7) 


spin-pairing energy The difference between the energy 
required to pair an electron in an occupied orbital and the 
energy required to place that electron in an empty orbital. 
(Section 23.6) 


spontaneous process A process that is capable of proceeding 
in a given direction, as written or described, without needing 
to be driven by an outside source of energy. A process may be 
spontaneous even though it is very slow. (Section 19.1) 


standard atmospheric pressure Defined as 760 torr or, in SI 
units, 101.325 kPa. (Section 10.2) 


standard emf, also called the standard cell potential (£°) The 
emf of a cell when all reagents are at standard conditions. 
(Section 20.4) 


standard enthalpy change (AH°) The change in enthalpy ina 
process when all reactants and products are in their stable forms 
at 1 atm pressure and a specified temperature, commonly 25°C. 
(Section 5.7) 


standard enthalpy of formation (AH?) The change in enthalpy 
that accompanies the formation of one mole of a substance 
from its elements, with all substances in their standard states. 
(Section 5.7) 


standard free energy of formation (AG?) The change in free 
energy associated with the formation of a substance from its 
elements under standard conditions. (Section 19.5) 


standard hydrogen electrode (SHE) An electrode based on 
the half-reaction 2 H*(1M) + 2e —> H,(1 atm). The standard 


electrode potential of the standard hydrogen electrode is 
defined as 0 V. (Section 20.4) 


standard molar entropy (S°) The entropy value for a mole of a 
substance in its standard state. (Section 19.4) 


standard reduction potential (E%4) The potential of a reduction 
half-reaction under standard conditions, measured relative to 
the standard hydrogen electrode. A standard reduction potential 
is also called a standard electrode potential. (Section 20.4) 


standard solution A solution of known concentration. 
(Section 4.6) 


standard temperature and pressure (STP) Defined as 0°C and 
1 atm pressure; frequently used as reference conditions for a gas. 
(Section 10.4) 


starch The general name given to a group of polysaccharides 
that acts as energy-storage substances in plants. (Section 24.8) 


state function A property of a system that is determined by 

its state or condition and not by how it got to that state; its 
value is fixed when temperature, pressure, composition, and 
physical form are specified; P, V, T, E, and H are state functions. 
(Section 5.2) 


states of matter The three forms that matter can assume: solid, 
liquid, and gas. (Section 1.2) 


stereoisomers Compounds possessing the same formula and 
bonding arrangement but differing in the spatial arrangements 
of the atoms. (Section 23.4) 


stoichiometry The relationships among the quantities of reactants 
and products involved in chemical reactions. (Section 3.1) 


stratosphere The region of Earth’s atmosphere from 10 km to 
50 km above the surface. (Section 18.1) 


strong acid An acid that ionizes completely in water. (Section 4.3) 
strong base A base that ionizes completely in water. (Section 4.3) 


strong electrolyte A substance (strong acids, strong bases, and 
most salts) that is completely ionized in solution. (Section 4.1) 


structural formula A formula that shows not only the number 
and kinds of atoms in the molecule but also the arrangement 
(connections) of the atoms. (Section 2.6) 


structural isomers Compounds possessing the same formula but 
differing in the bonding arrangements of the atoms. (Sections 
23.4 and 24.2) 


subatomic particles Particles such as protons, neutrons, and 
electrons that are smaller than an atom. (Section 2.2) 


subshell One or more orbitals with the same set of quantum 
numbers n and l. For example, we speak of the 2p subshell 

(n = 2,1 = 1), which is composed of three orbitals (2px, 2p,, and 
2p,). (Section 6.5) 


substitutional alloy An alloy formed when atoms of the solute 
in a solid solution occupy positions normally occupied by a 
solvent atom. (Section 12.2) 


substitution reactions Reactions in which one atom (or group 
of atoms) replaces another atom (or group) within a molecule; 
substitution reactions are typical for alkanes and aromatic 
hydrocarbons. (Section 24.3) 
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substrate A substance that undergoes a reaction at the active 
site in an enzyme. (Section 14.7) 


supercritical fluid The state that exists when liquid and gas 
phases are indistinguishable from each other as the temperature 
exceeds the critical temperature and the pressure exceeds the 
critical pressure. (Section 11.4) 


supercritical mass An amount of fissionable material larger 
than the critical mass. (Section 21.5) 


supersaturated solution A solution containing more solute than 
an equivalent saturated solution. (Section 13.2) 


surface tension The energy required to increase the surface area 
of a liquid by a unit amount. (Section 11.3) 


surroundings In thermodynamics, everything that lies outside 
the system that we study. (Section 5.2) 


system In thermodynamics, the portion of the universe that we 
single out for study. We must be careful to state exactly what the 
system contains and what transfers of energy it may have with 
its surroundings. (Section 5.2) 


temperature A measure of the hotness or coldness of an object; 
a physical property that determines the direction of heat flow. 
(Section 1.5) 


termolecular reaction An elementary reaction that involves 
three molecules. Termolecular reactions are rare. (Section 14.6) 


tertiary structure The overall shape of a large protein, 
specifically, the manner in which sections of the protein fold 
back upon themselves or intertwine. (Section 24.7) 


theoretical yield The quantity of product that is calculated to 
form when all of the limiting reagent reacts. (Section 3.7) 


theory A tested model or explanation that has predictive powers 
and that accounts for all available observations. (Section 1.5) 


thermochemistry The relationship between chemical reactions 
and energy changes. (Section 5.1) 


thermodynamics The study of energy and its transformation. 
(Section 5.1) 


thermonuclear reaction Another name for fusion reactions; 
reactions in which two light nuclei are joined to form a more 
massive one. (Section 21.5) 


thermoplastic A polymeric material that can be readily reshaped 
by application of heat and pressure. (Section 12.5) 


thermosetting plastic A plastic that is formed by irreversible 
chemical processes and therefore is not readily reshaped by 
application of heat and pressure. (Section 12.5) 


third law of thermodynamics A law stating that the entropy of 
a pure, crystalline solid at absolute zero temperature is zero: 
S(OK) = 0. (Section 19.3) 


titration The process of reacting a solution of unknown 
concentration with one of known concentration (a standard 
solution). (Section 4.6) 


torr A unit of pressure (1 torr = 1mm Hg). (Section 10.2) 


transition elements (transition metals) Elements in which the d 
orbitals are partially occupied. (Section 6.8) 
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transition state (activated complex) The particular arrangement 
of reactant and product molecules at the point of maximum 
energy in the rate-determining step of a reaction. (Section 14.5) 


translational motion Movement in which an entire molecule 
moves in a definite direction. (Section 19.3) 


transuranium elements Elements that follow uranium in the 
periodic table. (Section 21.2) 


triple bond A covalent bond involving three electron pairs. 
(Section 8.3) 


triple point The temperature at which solid, liquid, and gas 
phases coexist in equilibrium. (Section 11.6) 


tritium The isotope of hydrogen whose nucleus contains a 
proton and two neutrons. (Section 22.2) 


troposphere The region of Earth’s atmosphere extending from 
the surface to about 10 km altitude. (Section 18.1) 


Tyndall effect The scattering of a beam of visible light by the 
particles in a colloidal dispersion. (Section 13.6) 


uncertainty principle A principle stating there is an inherent 
uncertainty in the precision with which we can simultaneously 
specify the position and momentum ofa particle. This 
uncertainty is significant only for particles of extremely small 
mass, such as electrons. (Section 6.4) 


unimolecular reaction An elementary reaction that involves a 
single molecule. (Section 14.6) 


unit cell The smallest portion of a crystal that reproduces 

the structure of the entire crystal when repeated in different 
directions in space. It is the repeating unit or building block of 
the crystal lattice. (Section 12.1) 


unsaturated solution A solution containing less solute than a 
saturated solution. (Section 13.2) 


valence band A band of closely spaced bonding molecular 
orbitals that is essentially fully occupied by electrons. 
(Section 12.4) 


valence-bond theory A model of chemical bonding in which an 
electron-pair bond is formed between two atoms by the overlap 
of orbitals on the two atoms. (Section 9.4) 


valence electrons The outermost electrons of an atom; those 
that occupy orbitals not occupied in the nearest noble-gas 
element of lower atomic number. The valence electrons are the 
ones the atom uses in bonding. (Section 6.8) 


valence orbitals Orbitals that contain the outer-shell electrons 
of an atom. (Section 7.1) 


valence-shell electron-pair repulsion (VSEPR) model A model 
that accounts for the geometric arrangements of shared and 


unshared electron pairs around a central atom in terms of the 
repulsions between electron pairs. (Sections 9.1 and 9.2) 


van der Waals equation An equation of state for nonideal gases 
that is based on adding corrections to the ideal-gas equation. 
The correction terms account for intermolecular forces of 
attraction and for the volumes occupied by the gas molecules 
themselves. (Section 10.8) 


van’t Hoff factor The number of fragments that a solute breaks 
into for a particular solvent. (Section 13.5) 


vapor Gaseous state of any substance that normally exists as a 
liquid or solid. (Section 10.1) 


vapor pressure The pressure exerted by a vapor in equilibrium 
with its liquid or solid phase. (Section 11.5) 


vibrational motion Movement of the atoms within a molecule 
in which they move periodically toward and away from one 
another. (Section 19.3) 


viscosity A measure of the resistance of fluids to flow. 
(Section 11.3) 


volatile Refers to liquids that evaporate readily. (Section 11.5) 


voltaic (galvanic) cell A device in which a spontaneous 
oxidation-reduction reaction occurs with the passage of 
electrons through an external circuit. (Section 20.3) 


vulcanization The process of cross-linking polymer chains in 
rubber. (Section 12.5) 


watt A unit of power; 1 W = 1J/s. (Section 20.5) 


wave function A mathematical description of an allowed energy 
state (an orbital) for an electron in the quantum-mechanical 
model of the atom; it is usually symbolized by the Greek letter y. 
(Section 6.5) 


wavelength The distance between identical points (such as two 
adjacent peaks or two adjacent troughs) on successive waves. 
(Section 6.1) 


weak acid An acid that only partly ionizes in water. (Section 4.3) 
weak base A base that only partly ionizes in water. (Section 4.3) 


weak electrolyte A substance that only partly ionizes in 
solution. (Section 4.1) 


work The energy transferred when a force exerted on an object 
causes a displacement of that object. (Section 1.4) 


zeolite A class of aluminosilicates that occur naturally and can 
also be synthesized. (Section 12.6) 


zero-order reaction A reaction in which the rate of 
disappearance of A is independent of [A]. (Section 14.4) 
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Absolute temperature, gas, 495 
Absolute zero, 65, 66f 
Absorbance, 667 
Absorption, defined, 646, 697 
Absorption spectrum, 1129, 1129f 
Accuracy, measurement, 71-72, 72f 
Acetaldehyde, 1169t 
Acetamide, 1169t, 1175f 
Acetate ion, 120t 
Acetic acid 
common-ion effect, 814-817 
formula for, 178n 
organic functional groups, 1169t, 
1172f, 1173 
structure of, 186, 186f, 776t 
titration, weak acid-strong base, 
829-833, 830f, 831f, 833f 
Acetone, 1169t 
Acetonitrile, 523-524, 524f 
Acetylene, 440, 4417, 1153, 1153t, 1162, 
1169t 
Acetylsalicylic acid, 1172f 
Acid-base equilibria. See also 
Acid-dissociation constant (K,) 
Arrhenius acids and bases, 758 
base-dissociation constant (K,), 
786-791, 787t, 790f, 790t, 791f 
binary acids, 798, 798f 
Bronsted-Lowry acids and bases, 
758, 758f, 759f, 762f 
buffers, 817-825, 818f, 819f, 823f, 
824f 
carbonic acid-bicarbonate buffer 
system, 825, 825f 
carboxylic acids, 801-802 
chemical structure and behavior, 
797-804 
common-ion effect, 813-816 
conjugate acid-base pairs, 760-761 


Lewis acids and bases, 802-804, 803f 


overview of, 750f, 757-758 

oxidation-reduction equations, 
balancing of, 954-958, 955f 

oxyacids, 798-800, 799f 

percent ionization, 777-778 

pH and K, calculations, 776-782, 
781f 

pH scale, 767-771, 768t, 770f, 771f 


polyprotic acids, 782-785, 783/t, 785f 


salt concentration, calculation of, 
788-789 
salt solutions, properties of, 
792-796, 794ft 
strength of acids and bases, 
761-763, 762f 
strong acids and bases, 772-774 
titration, 826-836 
with acid-base indicator, 
833-835, 834f, 835f 
polyprotic acids, 835-836, 836f 
strong acid-strong base, 
827-829, 828f, 829f 
weak acid-strong base, 829-833, 
830f, 831f, 833f 
water, autoionization of, 764-767, 
766f 
weak acids, 775-785, 775f, 776t, 
781f, 783ft, 785f 
weak bases, 786-791, 787f, 790ft 
Acid-dissociation constant (K,) 


base-dissociation constant (K,) and, 


789-791, 790ft, 791f 
calculating K, from pH, 776-777 
calculating pH from K,, 778-781, 

781f 
defined, 776 
pK, and pK,, defined, 790 
polyprotic acids, 782-785, 783/t, 

785f 
Acidic anhydrides, 1070 
Acidification, oceans, 884, 890, 890f 
Acid inhibitors, 191-192, 192t 
Acidosis, 825, 825f 


Acid rain, 347, 874-875, 874t, 875f, 1070 


Acids. See also Acid-base equilibria; 
Acid-dissociation constant (K,) 
acid-dissociation constant (K,) 
defined, 776 
Arrhenius acids, 758 
binary acids, 798, 798f 
Bronsted-Lowry acids, 758, 758f, 
759f, 762f 
buffers, 817-825, 818f, 819f, 823f, 
824f 
chemical structure and behavior, 
797-804 
conjugate acid-base pairs, 760-761 
defined, 186, 186f 
Lewis acids, 802-804, 803f 
metals, reactions with, 346 


names and formulas for, 121-122, 
122f 
neutralization reactions, 189-192, 
189f, 190f, 192t 
nonmetals, 346-347, 346f 
organic compounds, 1151, 1151f 
oxidation of metals by acids, 
196-197, 196f 
oxyacids, 798-800, 799f, 1066-1067, 
1067t 
percent ionization, 777-778, 780, 
781f 
pH and K, calculations, 776-782, 
781f 
pH scale, 767-771, 768t, 770f, 771f 
PK, defined, 790 
polyprotic acids, 782-785, 783ft, 
785f 
strong and weak, 187-188, 187t, 
188t, 772-774, 775f, 776t 
titration, 208-211, 209f, 826-836 
water, autoionization of, 765-766, 
766f 
Actinides, 308, 313f 
Activated complex, 683 
Activation energy, 681-684, 683f, 
684f 
Le Châtelier’s principle and, 
745-746, 745f, 746f 
Active metals, 197-199, 198t, 199f 
Active site, enzymes, 699-700, 699f, 
700f 
Activity, radioactive decay rate, 1023 
Activity series, 197-199, 198t, 199f 
Addition polymerization, 593-595, 
594ft, 595f. See also Polymers 
Addition reactions, 1163-1165, 1165f 
Adenine (A), 1194-1196, 1194f, 1195f 
Adipic acid, 593, 595f 
ADP (adenosine diphosphate), 939, 
939f 
Adsorption, defined, 646, 697 
Advanced burning, 1039, 1039f 
Air bags, 141 
Alanine, 801-802, 1182f 
Alcohol, 125 
functional groups, 1168, 1170, 1170f, 
1169t 
solubility of, 621-623, 621f, 622/t, 
623f 
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Aldehyde functional group, 1169f, 1171 Alpha (a) helix, protein structure, 
carbohydrates, 1186-1187, 1186f, 1183-1185, 1184f 
1187f Alpha (a) particles, 1009, 1017 
Alizarin yellow R, 771f Alpha (q) radiation, 94-95, 95f, 1009- 
Alkali metals 1010, 1010¢f, 1011t 
covalent bonds, 379, 379f in environment, 1041-1045, 1041t, 
energetics of ionic bond formation, 1042f, 1043t, 10437, 1044t 
375-376, 375f, 376f radiation dose effects, 1042-1043, 
halides, properties of, 579, 579t 1043/t 
insoluble metal ions, 854f, 855 radiation therapy, 1044, 1044t 
ionic hydrides, 1059-1060, 1060f Altitude, 865, 866f 
oxidizing and reducing agent Alumina, catalysts, 699, 699f 
strength, 968-971, 970f Aluminum (Al) 
periodic table and properties of, 106, in automobiles, 595, 595f 
105f, 105t, 349-352, 349ft, 350f, common cations, 118t 


Ammonium ion (NH,"), 118¢ 
bases, defined, 186-187, 186f, 187t 
Amorphous solids, 562, 562f, 1092 
Amount of substance, SI units, 63-65, 
63t, 64t 
Ampere, SI units, 63-65, 63t 
Amphetamine, 791 
Amphiprotic substance, 760, 796, 848n 
Amphoteric hydroxides, 848, 848f 
Amphoteric oxides, 848, 848f 
Amphoterism, 842, 848, 848f 
Angstrom (A), 276t 
Angular momentum quantum number 
(I), 292-294, 294ft 
Aniline, 1175 


351f electron configurations, 309t Anions, 111-112. See also Aqueous 
salt solutions of, 794ft Hall-Héroult process, 996-997, solutions (aq); Ions and ionic 
solubility in water, 180-182, 181t 996f, 997f compounds 
strong bases from, 773-774 ionization energy, 337t acids, names and formulas, 121-122, 
Alkaline batteries, 985, 985f oxidation reactions, 198t 122f 


Alkaline earth metals, 106, 106ft 
covalent bonds, 379, 379f 


ionic bonds, energetics of, 375-376, 


375f, 376f 
ionic hydrides, 1059-1060, 1060f 


oxidizing and reducing agent 
strength, 968-971, 970f 
periodic table, 105f, 107f 
purification of, 848, 848f 
standard reduction potential, 967t 


borane anions, 1093-1095, 1091f 
common anions, 120t 
common-ion effect, 814-817 
electron affinity, 341-342, 342f 
halogens, 356-358, 357ft 


oxidizing and reducing agent Amide functional group, 1170, 1169t, 
strength, 968-971, 970f 1175 
period table and properties of, 353, Amine functional group, 1170, 1169t, 
353 ft 1175 ionic liquids, 531/t, 531 
salt solutions of, 794ft Amine hydrochlorides, 791 ionic solids, properties of, 579-580, 
Alkalosis, 825 Amines 580t 


ion-dipole forces, 527, 527f 
ionic compounds, naming and 
formulas, 117-121, 122f, 122t 


Alkanes 
cycloalkanes, 1157, 1157f 
gasoline, 1158, 1158f 


nomenclature of, 1154-1156, 1156t 


overview of, 1152-1153, 1153t 
reactions of, 1157-1158 
Alkenes 
addition reactions, alkenes and 
alkynes, 1163-1165, 1165f 
functional groups, 1170, 1169t 
nomenclature, 1160 
overview of, 1152-1153, 1153t, 
1160-1162, 1161f 
Alkyl groups, naming of, 1156 
Alkyl halide functional group, 1170, 
1169t 
Alkynes 
addition reactions, alkenes and 
alkynes, 1163-1165, 1165f 
functional groups, 1170, 1169t 
nomenclature, 1162 


overview of, 1152-1153, 1153t, 1162 


Allotropes, 356, 1054, 1086 

Alloys, 107f, 572-574, 572t, 572f, 573f, 
574f 

Alpha decay, 1009, 1014, 1015f 

Alpha emission, 1009 


acid salts, 791 

polymerization reactions and, 
593-595, 594f 

properties of, 1151, 1151f 

weak bases, 786-791, 787f, 790ft 


Amino acids, 801-802, 1180-1182, 


1181 f, 1182f, 1184f 


Ammonia 


amines and amides, 1175 

in atmosphere, 865-867, 866t, 
867t 

chelate effect, entropy and, 1118 

complexes of cobalt(III), 1109-1111, 
1109t, 1110f 

Haber process, 719-723, 719f, 
735-737, 740-741, 741f, 742f, 
743, 746ft 

as ligand, 1115t 

nitrogen, properties and uses, 1076- 
1080, 1077/t 

proton transfer reactions, 759, 759f 

standard entropy change, 
calculating, 924-925 

transition metal complexes, 1112- 
1113, 1113f 

van der Waals constant, 506t 

weak bases, 786-791, 787f, 790ft 


ionic solids, structures of, 580-583, 
581f, 582f 
ionization energy, 336-340, 337t, 
338f, 339f 
oxyanions, 1066-1067, 1067t 
salt solutions, 792-796, 794ft 
solubility, pH and, 843-845, 844f 
Anle-138b, 69-70, 69f, 70f 
Anodes. See also Electrochemistry 
alkaline batteries, 985, 985f 
batteries, overview, 984, 984f 
concentration cells, 980-983, 980f, 
981f 
corrosion, 990-992, 991f, 992f 
electrolysis reactions, 993-997, 
994f, 997f 
hydrogen fuel cells, 988-989, 989f 
lead-acid batteries, 985, 985f 
lithium-ion batteries, 311, 311f, 574, 
986, 987f 
nickel-cadmium (nicad) batteries, 
985-986 
nickel-metal hydride (NiMH) 
battery, 986 
sacrificial anode, 992, 992f 
voltaic cells, 959-962, 960f, 961f, 962f 
Antacids, 191-192, 192t 


Antibonding molecular orbital, 446- 
448, 446f, 447f 
Antiferromagnetism, 1106-1107, 1107f 
Antifreeze, 638, 1170 
Antiknock agents, gasoline, 1158, 1158f 
Antimony, 1081-1082, 1082t 
Antipsychotic drugs, 352 
Aqueous solutions (aq). See also 
Acid-base equilibria; Equilibrium, 
aqueous; Equilibrium, chemical; 
Solutions 
acid-base reactions, 185-192, 186f, 
187t, 188t, 189f, 190f, 192ft 
acids, 186, 186f 
chemical equations, state symbols, 
138 
concentration of solutions, 201- 
206, 202f, 205f 
concentration of solutions, 
calculating, 629-630 
defined, 176 
dilutions, 204-205, 205f 
electrolytes and nonelectrolytes, 
176, 176f 
exchange (metathesis) reactions, 
182-183 
ionic equations and spectator ions, 
183-184 
isotonic, hypertonic, hypotonic, 
640 
neutralization reactions, 189-192, 
189f, 190f, 192t 
osmosis, 639-642, 639f, 640f 
oxidation of metals by acids and 
salts, 196-199, 196f, 198t, 199f 
oxidation-reduction equations, 
balancing of, 954-958, 955f 
oxidation-reduction (redox) 
reactions, 193-200, 1947, 196f, 
198t, 199f 
precipitation reactions, 180-184, 
181 ft 
stoichiometry and chemical 
analysis, 207-211, 207f, 209f 
titration, overview of, 208-211, 209f 
water, dissolution in, 177-178, 177f 
weak and strong electrolytes, 
178-179, 187-188, 187t, 188¢ 
Aquifers, 884 
Arginine, 1181f 
Argon (Ar) 
in atmosphere, 865-867, 866t, 867t 
ionization energy, 337t 
properties of, 358, 358t, 1061-1063, 
1062ft 
van der Waals constant, 506t 
Aromatic hydrocarbons, 1152-1153, 
1153t, 1165, 1165f 


Aromatic organic compounds, 
resonance structures, 393-396, 394f 
Array detector, 565, 565f 
Arrhenius, Svante, 681, 758 
Arrhenius acids and bases, 758 
Arrhenius equation, 684 
Arsenic, 1081-1082, 1081f, 1082t, 
1084-1085 
Art restoration, 70 
Asbestos, 1089, 1089f 
Ascorbic acid, 783t 
Asparagine, 1181f 
Aspartame, 1182-1183, 1182f 
Aspartic acid, 1181f, 1182, 1182f 
Asphalt, 1158, 1158f 
Aspirin, 48f, 1172f 
Astatine, 1064 
Atmosphere 
acid rain and sulfur compounds, 
874-875, 874t, 875f 
chlorofluorocarbons in, 679 
components of, 864-871, 864f, 
866ft, 867t 
global water cycle, 882, 882f 
greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 
ozone in, 870-871, 870f, 871f 
ozone layer depletion, 873-874, 873f 
photochemical reactions in, 868- 
870, 868-869, 870t 
smog, 875-877, 876f 
temperature and pressure, 865, 866f 
Atmosphere (atm), pressure unit, 476 
Atmospheric pressure, 233, 474-478, 
A75f, 476f, 477f 
Atmospheric residence time, 679 
Atomic bomb, 1034, 1035f, 1038 
Atomic mass, 324, 1009 
Atomic mass unit (amu), 98, 98t, 102 
Atomic number, 98-100, 100t, 324- 
325, 1008-1009 
Atomic orbitals. See Orbitals, atomic 
Atomic weight, 101-102, 324 
elemental composition 
calculations, 143-145 
formula weight and, 144 
mass spectrometer, 103, 103f 
molar mass, 147-148, 148ft 
Atoms. See also Electronic structure, 
atoms 
atomic mass unit (amu), 98, 98t 
atomic number, 98-100, 100t 
atomic structure, discovery of, 
92-96, 92f, 93f, 94f, 95f, 96f 
atomic structure, modern view of, 
97-100, 98ft 
atomic theory of matter, 89-91, 91f 
defined, 47, 90 
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isotopes, 98-100, 100t 
mass number, 98-100, 100t 
nuclear model of, 95-96, 96f 
radioactivity, discovery of, 95-96, 
95f, 96f 
subatomic particles, determining, 
100 
weights for, 102 
writing symbols for, 99 
ATP (adenosine triphosphate), 939, 
939f 
Aurora Borealis, 865, 866f 
Autoionization of water, 764-767, 766f, 
790 
Automobiles 
batteries for hybrid and electric 
vehicles, 987-988, 987f, 988f 
catalytic converters, 699, 699f 
gasoline, 1158, 1158f 
smog and, 875-877, 876f 
Avogadro, Amedeo, 481 
Avogadro’s law, 481-482, 481f, 486 
Avogadro’s number (constant), 146- 
151, 148ft, 149f 
Axial positions, bond angles, 421 
Azide, 1122, 1122t 


B 


Background radiation, 1043, 1043ft 
Bacteria, 880, 880f, 886, 888-889 
Badge dosimeters, 1026, 1026f 
Baking soda, 1087 
Ball-and-stick models, 110, 110f, 413, 
413f 
Balmer, Johann, 283 
Band, electronic, 576-578, 577f, 590- 
591, 590f, 599, 559f 
Band gap, semiconductors, 586-589, 
587f, 588t, 589f, 590-591, 590f, 
599, 559f 
Band structure, 576-578, 577f 
Bar, unit of pressure, 476 
Barium (Ba), 118¢, 198t, 309t, 353t 
Barometer, 476, 476f 
Bartlett, Neil, 358 
Base-dissociation constant (K,), 
789-791, 790ft, 791f 
Bases. See also Acid-base equilibria 
Arrhenius acids, 758 
base-dissociation constant (K,), 
789-791, 790ft, 791f 
Bronsted-Lowry bases, 758, 758f, 
759f, 762f 
buffers, 817-825, 818f, 819f, 823f, 
824f 
chemical structure and behavior, 
797-804 
conjugate acid-base pairs, 760-761 
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Bases (Continued) 
defined, 186-187, 186f, 187t 
Lewis bases, 802-804, 803f 
metal oxides, 345-346, 345f, 346f 
neutralization reactions, 189-192, 
189f, 190f, 192t 
organic compounds, 1151, 1151f 
PH scale, 767-771, 768t, 770f, 771f 
pK, defined, 790 
strong and weak, 187-188, 187t, 
188t, 772-774, 775f, 776t 
titration, 208-211, 209f, 826-836 
water, autoionization of, 765-766, 
766f 
Basic anhydrides, 1070 
Basic oxides, 1070 
Batteries 
alkaline batteries, 985, 985f 
electrochemistry, defined, 
950-951 
for hybrid and electric vehicles, 
987-988, 9877, 988f 
lead-acid batteries, 985, 985f 
lithium-ion, 311, 311f, 574, 984, 986, 
987f 
nickel-cadmium (nicad), 952, 
985-986 
nickel-metal hydride (NiMH) 
battery, 986 
overview of, 984, 984f 
Becquerel (Bq), 1023 
Belt of stability, 1013-1014, 1013f 
Bent molecules, 413, 414f 
Benzene 
overview of, 1152-1153, 1153t, 1165- 
1166, 1165f 
polystyrene production, 892-893 
properties of, 585, 585f, 638t 
resonance structures, 393-396, 
394f, 442-444, 442f, 443f 
substitution reactions, 1166-1167 
Benzoic acid, 776t, 1172f 
Bertholet, Marcellin, 907 
Beryllium (Be), 305t, 305 
diatomic molecule bonds, 451, 451f 
electron configurations, 309t 
nuclear synthesis of elements, 1039, 
1039f 
octet rule, exceptions to, 397 
properties of, 353t 
Beta (B) emission, 1010f, 1010-1011, 
1010t, 1011¢, 1014, 1015f 
Beta (B) particles, 1010¢, 1010-1011, 
1010f, 1011t 
Beta (8) radiation, 94-95, 95f, 
1009-1010, 1010¢, 1011t 
in environment, 1041-1045, 1041t, 
1042f, 1043t, 10437, 1044t 


radiation dose effects, 1042-1043, 
1043ft 
radiation therapy, 1044, 1044t 
Beta (B) sheet, protein structure, 
1183-1185, 1184f 
Bicarbonate ion, 191, 825, 825f 
Bidentate ligands, 1115, 1115t 
Bimolecular reactions, 688, 689-690, 
690t 
Binary acids, 798, 798f 
Binary compounds, names and 
formulas, 122-123, 122t 
Binary hydrogen compounds, 
1059-1060, 1060f 
Biochemistry. See also Organic 
chemistry 
carbohydrates, 1186-1189, 1186f, 
1187f, 1188f, 1189f 
defined, 1150 
entropy and chelate effect, 1118 
iron in living systems, 1119-1120, 
1119f 
lipids, 1190-1192, 1191f, 1192f 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
nucleic acids, 1193-119, 1194f, 1195f, 
1196f 
overview of, 1179-1180 
peptide bonds, 1182-1183, 1182f 
proteins and amino acids, 
1180-1182, 1181f, 1182f, 1184f 
Biodegradable, defined, 886 
Biofuels, 262-263, 262f 
Biological systems, coupling reactions 
and, 939, 939f 
Biomass energy, 261-263, 261t 
Biomolecules, 919 
Biopolymers, 1179 
Bipolar disorder, 352 
Bipyridine, 1115t 
Bismuth, 1081-1082, 1082ft 
Bisulfates, 1074, 1074f 
Blood 
blood gases, 627, 627f 
as buffered solution, 825, 825f 
glucose monitoring, 149, 149f 
osmosis and, 641 
sickle-cell anemia, 647, 647f 
Blue blood, 1103, 1103f 
Body-centered cubic lattice, 563-564, 
563f, 564f, 568, 568f, 569f 
Body temperature, 243, 243f 
Bohr, Neils, 281-286, 282f, 284f, 285f 
Bohr model, 281-286, 282f, 284f, 285f, 
291-294, 294f 
Boiling point 
dipole-dipole interactions and, 
523-524, 524f 


hydrogen bonds and, 524-527, 525f, 
526f, 527f 
hydrogen isotopes and, 1057 
intermolecular forces and, 520-528, 
521t 
ionic solids, 579, 579t 
molecular solids, 585, 585f 
phase changes, overview of, 
533-538, 534f, 535f, 536f, 538t 
phase diagrams, 542-546, 543f, 
544f, 545f 
solutions, colligative properties, 633 
solutions, elevation in, 636-637, 
636f, 638 
temperature scales, 65, 66f 
Boiling water reactor, 1036 
Boltzmann, Ludwig, 914, 915f 
Boltzmann constant, 917 
Bomb calorimetry, 242-243, 242f 
Bond dipole, 426-428, 427f, 428f 
Bond enthalpy, 254-257, 255t, 256f, 
401-402, 401t, 402t 
Bonding atomic radius, 331-335, 331f, 
334f, 335f 
Bonding electrons, 448-449, 446f, 
447f, 448f 
Bonding molecular orbital, 445-449, 
446f, 447f, 448f, 449f 
Bond order, 448 
Bonds and bonding. See also 
Intermolecular forces; Molecular 
shape (architecture); Orbitals, 
atomic 
acid-base, chemical structure and, 
797-804 
addition reactions, alkenes and 
alkynes, 1163-1164, 1165f 
bond angles, 413 
bond enthalpy, 254-257, 255t, 
256f 
bond polarity, 381-384, 383f 
bond types, 369 
Born-Haber cycle, 376, 376f 
comparing ionic and covalent 
bonds, 387 
covalent bonding, overview, 
378-381, 379f 
covalent bonds, strength and 
length, 400-404, 401t, 402t 
dipole moments, 384-387, 385f, 
386t, 386f 
electronegativity, 382-384, 383f, 
384f 
formal charge, 390-393, 393f 
ionic bonding, overview, 371-377, 
372f, 373 ft, 375f, 376f 
ionic bonds, energy of, 373-375, 
373t, 375f 


Lewis structures, drawing of, 
388-393, 393f 

Lewis symbols, 369-371, 370f 

ligands, 1115 

metal-ligand bonds, 1111-1112, 1112f 

metals, electron-sea model, 575, 575f 

metals, molecular orbital bonding, 
575-578, 576f, 577f 

molecular orbital theory, 445-449, 
446f, 447f 

molecular shape, overview, 412-415, 
413f, 414f, 415f 

nonmetals, periodic trends, 
1052-1055, 1054f, 1055f 

number of degrees of freedom, 919 

octet rule, 369-371, 370f 

octet rule, exceptions to, 397-399 

organic compounds, 1151, 1154, 
1154f, 1160 

peptide bonds, 1182-1183, 1182f 

photodissociation, 868-869 

resonance structures, 393-396, 
394f 

transition metal ions, 376-377, 
1044-1045, 1105f 

triple bonds, 867 


Borane anions, 1093-1095, 1091f 
Boranes, 1093-1095, 1094f 
Borax, 1094 

Boric acid, 883t 

Boric oxide, 1094, 1094f 

Born, Max, 376 

Born-Haber cycle, 376, 376f 
Boron (B), 305t, 305 


covalent carbides, 1088 

diatomic molecule bonds, 455-456, 
455f, 456f 

electron configurations, 309t 

octet rule, exceptions to, 397 

properties and uses, 1093-1095, 
1094f 

radiation therapy, 1044, 1044t 


Boron nitride, 586 

Borosilicate glass, 1092 

Bosch, Carl, 720, 746 

Boyle, Robert, 480 

Boyle’s law, 480, 480f, 480f 
Branched chain hydrocarbons, 1154, 


1154t 


Bridging hydrogens, 1094, 1094f 
Bromide ion, 120t, 120t, 1122, 1122t 
Bromine (Br) 


common anions, 120t 

periodic table, 105f, 107f 

properties of, 1064-1066, 1065ft, 
1066f, 1067t 

standard reduction potential, 967t 

trihalomethanes, 888-889 


Bromthymol blue indicator, 347f, 771, 
771f 

Brensted, Johannes, 758 

Bronsted-Lowry acids and bases, 758, 
758f, 759f, 762f 

Brownian motion, 647 

Buckminsterfullerene, 601, 601f, 1054, 
1086 

Buckyball, 601, 601f 

Buffers 


adding strong acids or bases to, 823, 


823f 
blood as buffered solution, 825, 
825f 
buffer capacity and pH range, 823 
calculating pH of buffer, 819-822 


composition and action of, 818-819, 


819f 
Henderson-Hasselbalch equation, 
820-822 
preparing a buffer, 822 
Burette, 208 
Butane, 125, 1153t, 1155t 
Butene, 1161, 1161f 


C 


Cade, John, 352 
Cadmium (Cd) 
common cations, 118t 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
nickel-cadmium batteries, 952, 
985-986 
standard cell potential, 969 
Cadmium phosphide, 599, 599f 
Calcite, 1088 
Calcium (Ca) 
common cations, 118t 
electron configurations, 306, 309t 
ocean acidification, 890, 890f 


INDEX 1287 


overview of, 1186-1188, 1186f, 1187f 
polysaccharides, 1188-1189, 1189f 


Carbon (C). See also Organic chemistry; 


Polymers 

alkanes and derivatives, 124-126, 
125f 

allotropes of, 1054 

carbides, 1088 

carbon fibers and composites, 1087, 
1087f 

carbonic acid and carbonates, 1088 

common isotopes, 100t 

covalent-network solids, 586, 586f 

diamond, 326, 586, 586f, 1086 

electron configurations, 305t, 305 

elemental forms of, 1086 

graphene, 289f, 602, 602f, 1054, 
1086 

graphite, 586, 586f, 1054, 1086, 
1087, 1087f 

hydrocarbons, 124 

on the nanoscale, 601-602, 601f, 
602f 

nanotubes, 1054 

nuclear synthesis of elements, 1039, 
1039f 

oxides of, 1086-1087, 1087f 

periodic table, 105f, 107f 

radiocarbon dating, 1021-1023, 
1021ft, 1022f 

radiotracers in medicine, 
1027-1028, 1028/t 

water quality and, 886 


Carbonate acid, ocean acidification, 


890, 890f 


Carbonated beverages, 625, 625f, 


1088 


Carbonate ion, 120t, 191, 787t, 1115t, 


1121-1122, 1122t 


oxidation reactions, 198t 
properties of, 353t 


Carbonates, properties and uses, 1088 
Carbon black, 1086 
Carbon dioxide (CO,) 


in seawater, 883t 
Calcium carbide, 1088 
Calcium carbonate, 842 
Calorie, nutritional unit of energy, 68 
Calorie (cal), SI units, 68 


Calorimeter, 238-243, 239ft, 240f, 242f 
Calorimetry, 238-243, 239ft, 240f, 242f 


Cancer, radiation and, 1041-1042, 
1042f 

Cancer, radiation therapy, 1044, 1044t 
Candela, SI units, 62-65, 63t, 64t 
Capillary action, 532, 532f 
Carbides, 1088 
Carbohydrates 

disaccharides, 1188, 1188f 

fuel value, 259, 261, 260t 


in atmosphere, 865-867, 866t, 867t 

blood pH regulation, 825, 825f 

deep-sea diving, 627, 627f 

dry ice, 488, 488f 

greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 

molecular model of, 48f 

ocean absorption of, 882-883, 
883ft, 890, 890f 

properties of, 1086-1087 

in seawater, 883t 

van der Waals constant, 506t 


Carbonic acid, 191, 783t 


acid rain, 875, 875f, 876f 
ocean acidity, 882-884, 883f 
properties and uses, 1088 
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Carbonic acid-bicarbonate buffer 
system, 825, 825f 
Carbon monoxide (CO) 
in atmosphere, 865-867, 866t, 867t 
hemoglobin and, 1117-1120, 1117f, 
1118f 
properties of, 1087 
Carbon tetrachloride, 638t 
Carbonylation, 1173 
Carbonyl group, 1171 
Carborundum, 1088 
Carboxylic acid group, 125, 1171-1174, 
1172f 
overview of, 1168, 1168t 
polymerization reaction and, 
593-595, 594f 
properties of, 1151, 1151f 
Carboxylic acids, 801 
Catalysts 
catalytic converters, 699, 699f 
defined, 696 
enzymes, 699-700, 699f, 700f 
heterogeneous catalysis, 697-698, 
698f 
homogeneous catalysis, 696-697, 
697f, 698f 
Le Châtelier’s principle and, 
745-746, 745f, 746f 
nitric oxide emissions, controlling, 
748, 748f 
reaction rates and, 658-659, 659f 
Catalytic converters, 877 
Cathode rays, 92-94, 93f, 94f 
Cathodes. See also Electrochemistry 
alkaline batteries, 985, 985f 
batteries, overview, 984, 984f 
concentration cells, 980-983, 980f, 
981f 
corrosion, 990-992, 991f, 992f 
electrolysis reactions, 993-997, 
994f, 997f 
hydrogen fuel cells, 988-989, 989f 
lead-acid batteries, 985, 985f 
lithium-ion batteries, 311, 311f, 986, 
987f 
nickel-cadmium (nicad) batteries, 
985-986 
nickel-metal hydride (NiMH) 
battery, 986 
voltaic cells, 959-962, 960f, 961f, 
962f 
Cathodic protection, 992, 992f 
Cations, 111-112. See also Aqueous 
solutions (aq); Ions and ionic 
compounds 
acids, names and formulas, 
121-122, 122f 
alkali metals, 349-352 


alkaline earth metals, 353, 353/t 
common cations, 118t 
common.-ion effect, 814-817 
electron affinity, 341-342, 342f 
electron-sea model, 575 
ion-dipole forces, 527, 527f 
ionic compounds, names and 
formulas, 117-121, 117f, 118t, 
119f, 120t 
ionic liquids, 531ft, 531 
ionic solids, properties of, 579-580, 
580t 
ionic solids, structures of, 580-583, 
S81f, 582f 
ionization energy, 336-340, 337t, 
338f, 339f 
Lewis acids, 802-804, 803f 
metals, 344-346, 344f, 345f, 346f 
metals, qualitative analysis for, 854f, 
854 
salt solutions, 792-796, 794ft 
solubility, pH and, 843-845, 844f 
Cell membranes, 981, 1192, 1192f 
Cell potentials 
nonstandard conditions, 977-983, 
980f, 981f, 982f 
standard conditions, 963-971, 964f, 
965f, 966f, 967t, 9687, 970f 
Cellulose, 1188-1189, 1188f 
Celsius scale, 65, 66f 
Cementite, 573 
Centered rectangular lattice, 563f 
Centimeter (cm), 276t 
Ceramics, 595, 595f 
Cerium (Ce), 308 
Cesium (Cs), 118t, 349t, 350t 
Cesium chloride, 580-583, 581f 
Chadwick, James, 96 
Chain reactions, 1034, 1034f 
Chalcogens, 106, 105f, 106t 
Changes of state, matter, 56-57, 57f 
Charcoal, 1086 
Charge-transfer transitions, 1138-1139, 
1138f 
Charles, Jacques, 481 
Charles’s law, 481, 481f, 486 
Chelate effect, 1116, 1118-1119 
Chelates, 1116-1119, 1117f, 1118f, 1119f 
Chelating agents, 1115 
Chemical bonds. See Bonds and 
bonding 
Chemical changes, matter, 56-57, 57f 
Chemical energy 
defined, 62 
overview of, 62, 219-222, 220f, 221f, 
222f 
physical states, symbols for, 136 
Chemical equations 


Avogadro’s number and the mole, 
146-151, 148ft, 149f 
balancing of, 134-138, 136f, 137f 
calculating amounts of reactants 
and products, 158-161, 160f 
combination reactions, 140-141, 
141ft 
combustion reactions, 141-142, 141f 
decomposition reactions, 140-141, 
141ft 
empirical formulas, calculating, 
152-156, 153f 
equilibrium, direction of equation, 
726 
equilibrium, stoichiometry and, 
726-728 
equilibrium-constant expression, 
720 
exchange (metathesis) reactions, 
182-183 
formula weights, 143-146 
ionic equations and spectator ions, 
183-184 
limiting reactants, 162-166, 164f 
molecular formulas, calculation of, 
154-155 
neutralization reactions, 189-192, 
189f, 190f, 192t 
nuclear equations, 1007-1009 
quantitative information from, 
159f, 160f 
redox, balancing equations, 
953-958, 955f 
solution stoichiometry, 207-211, 
207f, 209f 
theoretical and percent yield, 
165-166 
thermochemical equations, 
234-237, 235f, 237f 
Chemical equilibrium. See 
Equilibrium, chemical 
Chemical formulas, 108, 108f 
Chemical industry, 49 
Chemical kinetics, 659. See also 
Reaction rates 
Chemical nomenclature. See 
Nomenclature 
Chemical properties, matter, 56 
Chemical reactions. See Reaction(s) 
Chemical symbols, 99, 112 
Chemical thermodynamics. See 
Thermodynamics 
Chemistry 
defined, 47 
study of, 46-49 
Chemists, work of, 49 
Chiral molecules, 1125-1126, 1125f, 
1126f, 1177-1178, 1178f 


Chloride ion, 120t, 854f, 854, 883t, 
1115¢, 1121-1122, 1122t 
Chlorine (Cl) 
common anions, 120t 
ionic bonds, overview of, 371-377, 
372f, 373 ft, 375f, 376f 
ionization energy, 337t 
municipal water treatment, 
888-889 
oxidizing and reducing agent 
strength, 968-971, 970f 
ozone depletion and, 873-874, 874f 
properties of, 1064-1066, 1065ft, 
1066f, 1067t 
standard reduction potential, 967t 
uses for, 1066 
van der Waals constant, 506t 
Chlorine monoxide, 873 
Chlorisis, 1119-1120, 1119f 
Chlorofluorocarbons (CFCs), 679, 
873-874, 873f, 880, 880f, 893 
Chloroform, 638t 
Chloromethane, 1169t 
Chlorophyll, 1117, 1117f, 1119, 1119f 
Chlorous acid, 776t 
Cholesteric liquid crystal, 547-550, 
S47f, 548f, 549f 
Cholesterol, 1170f, 1170 
Cholesteryl benzoate, liquid crystals, 
547-550, 547f, 548f, 549f 
Chromate ion, 120t 
Chromatography, 58, 59f 
Chromium (Cr) 
common anions, 120t 
electron configurations and 
oxidation states, 1105-1106, 
1106f 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
oxidation reactions, 198t 
oxidizing and reducing agent 
strength, 968-971, 970f 
sources and properties, 1103-1105, 
1103f, 1104t, 1105f 
standard reduction potential, 967t, 
967 
transition metal complexes, 
1112-1113, 1113f 
Chyrostile, 1092 
Cis-, coordination compounds, 1110, 
1110f 
Cis-, hydrocarbon isomers, 1160-1162, 
1161f 
Cis fats, 1191-1192, 1191 f 
Cisplatin, 1124 
Citric acid, 750f, 783t, 1172f 
Clausius, Rudolf, 495 
Clausius-Clapeyron equation, 541, 541 f 


Click reaction, 895 
Climate change, 880 
Closed systems, 223-224, 224f 
Coal, 261, 261t, 874-875, 876t, 875f, 
876f 
Cobalt (Co) 
ammonia complexes of, 1109, 1109t, 
1110f 
coordination compounds, 
1134-1136, 1135f 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
magnetism, 1106-1107, 1107f 
oxidation reactions, 198t 
oxidation states, 1105-1106, 1106f 
sources and properties, 1103-1105, 
1103f, 1104t, 1105f 
transition metal complexes, 
1112-1113, 1113f 
Cocaine, 1175 
Codeine, 1175 
Coefficients, chemical equations, 135 
Cofactors, 701, 701f 
Coinage metals, 106 
Cold packs, energetics of, 617, 617f 
Colligative properties, 633, 636, 636f, 
640, 643ft 
Collision model, reaction rates, 681, 
681f 
Colloidal dispersions, 635f, 644-648, 
645ft, 646f, 648t 
Colloids, 635f, 644-648, 645ft, 646f, 
648t 
Color. See also Spectroscopy; Visible 
light 
charge-transfer transitions, 1138, 
1138f 
coordination compounds and, 
1128-1130, 1128f, 1129f, 1130f, 
1133-1134, 1133f, 1134f 
transition metals, 1105-1106, 1106f 
Combination reactions, 140-141, 141 ft 
Combustion analysis, 155, 155f 
Combustion reactions, 141-142, 141f 
enthalpy of reaction, 250-253, 
251f 
fuel value, 258-263, 259f, 260t, 261t, 
262f 
Hess’s law, 244-247, 245f, 247f 
Common.-ion effect, 814-817, 842-843, 
842f 
Complementary colors, 1129 
Complete ionic equations, 183-184 
Complex ions, solubility and, 845-848, 
846f, 847t 
Compounds 
molecular compounds, defined, 
108, 108f 
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overview of, 52-54, 53f, 54t 
substances, 51, 51f 

Concentration 
molarity, 176, 201, 625, 629-630, 

640 
Nernst equation, 977-978 
parts per million (ppm), 866 
Concentration, reaction rates and. 
See also Acid-base equilibria; 
Equilibrium, aqueous 
Beer’s law, 667, 667f 
concentration changes over time, 
673-679, 676f, 678f 
dynamic equilibrium and, 716, 717f 
first-order reactions, 674-676, 676f 
half-life, 678, 678f 
Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
overview of, 658-665, 659f, 661f, 
663ft 
rate laws, 666-672, 668t 
second-order reactions, 676 
solubility-product constant (K,,), 
838-841, 839f 
spectroscopy, 667, 667f 
zero-order reactions, 677-678, 678f 
Concentration, solutions, 201-206, 
202f, 205f. See also Acid-base 
equilibria; Equilibrium, aqueous; 
Equilibrium, chemical 
calculation and expression of, 
628-632 
common.-ion effect, 814-817 
dynamic equilibrium and, 716, 717f 
mole fraction, molarity, molality, 
629-630 
saturated solutions, 619-620, 619f, 
620f 
solubility-product constant (K,,), 
838-841, 839f 
titration, 208-211, 209f 
unit conversions, 631 
van’t Hoff factor, 636, 636f, 639, 
642-643/t 

Concentration cells, 980-983, 980f, 

981f 

Condensation, phase diagrams, 

542-546, 543f, 544f, 545f 

Condensation polymerization, 

593-595, 594 ft, 595f. See also 
Polymers 

Condensation reactions 
ethers, 1170-1171 
phosphorus oxy compounds, 

1083-1084, 1083f 
Condensed structural formulas, 1153 
Conduction band, semiconductors, 

586-589, 587f, 588t 
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Conjugate acid-base pairs, 760-761, 
790, 790t, 791 
Conjugate base stability, 798 
Constant-pressure calorimetry, 
240-241, 240f 
Constant-volume calorimetry, 
241-242, 241f 
Containment shell, 1036, 1036f 
Continuous spectrum, 281-286, 282f, 
284f, 285f 
Contour representation, 297, 297f 
Control rods, 1036-1037, 1036f 
Conversion factors, 76-77 
Coordination compounds 
charge-transfer color, 1138, 1138f 
chelate effect, 1116 
chelating agents, 1115 
color and, 1128-1130, 1128f, 1129f, 
1130f, 1133-1134, 1133f, 1134f 
common ligands, 1114-1119, 1116f, 
1115¢, 11177, 1118f 
coordination number, 1110 
coordination sphere, 1110-1111 
crystal-field theory, 1131-1139, 
1131f, 1132f, 1133f, 1134f, 11357, 
1136f, 1137f 
defined, 1032 
entropy and chelate effect, 1118- 
1119 
isomerism, 1122t, 1123-1127, 1123f, 
1124f, 1125f, 1126f 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
magnetism, 1129 


metal-ligand bonds, 1111-1112, 1112f 


nomenclature, 1121-1122, 1122t 
overview, 1109-1113, 1109t, 1110f, 
1112f, 1113f 
sequestering agents, 1116 
Werner’s theory, 1109-1111, 1109t, 
1110f 
Coordination number, 418, 1110 
ionic solids, 580, 582, 582f 
metallic solids, 568-572, 870f, 871f 
transition metal complexes, 
1112-1113, 1113f 
Coordination sphere, 1110-1111 
Coordination-sphere isomers, 1124 
Copolymers, 593-595, 594 ft, 595f. 
See also Polymers 
Copper (Cu) 


alloys, 572-574, 572t, 572f, 573f, S74f 


chelate effect, entropy and, 
1118-1119 

electron configurations and 
oxidation states, 1105-1106, 
1106f 


extraction from chalcocite, 939, 939f 


gold alloys, 574 
hemocyanin, 1103, 1103f 
living systems, metals and chelates 
in, 1116-1118, 1117f, 1118f, 1119f 
nitric acid reactions, 57, 57f 
oxidation reactions, 198t, 199f 
periodic table, 105f, 106, 107f 
sources and properties, 1103-1105, 
11037, 1104t, 1105f 
standard reduction potential, 967t, 
968, 968f 
transition metal complexes, 
1112-1113, 1113f 
voltaic cells, 959-962, 960f, 961f, 
962f 
Copper(I]), cupric ion, 118t 
Coral reefs, 842, 890, 890f 
Core electrons, 307 


Corrosion, 193, 194f, 990-992, 991f, 992f 


Cosmic rays, 1043f 
Coulomb (C), 93n 
Coulomb’s law, 99 
Coupling reactions, 939, 939f 
Covalent bonds 
bond order, 448 
comparing with ionic bonds, 387 
defined, 370 
Lewis structures, 379-380, 379f 
Lewis structures, drawing of, 
388-393, 393f 
molecular orbital theory, 445-449, 
446f, 447f 
orbital overlap and, 429-431, 430f 
overview of, 378-381, 379f 
strength and length of, 401-402, 
401t, 402t 
Covalent carbides, 1088 
Covalent-network solids 
classification of, 560-565, 561f 
properties of, 586, 586f 
semiconductors, 586-589, 587f, 
588t, 589f, 590f, 591f 
Cracking, 1059, 1158, 1158f 
Critical mass, 1034, 1035f 
Critical point, phase diagrams, 542- 
546, 543f, 544f, 545f 
Critical pressure, 536-538, 538t 
Critical temperature, 536-538, 538t 
Cross-linking, polymers, 596 
Crude oil, 1158, 1158f 
Crutzen, Paul, 873 
Crystal-field theory, 1131-1139, 1131f, 
1132f, 1133f, 1134f, 1135f, 1136f, 
1137f 
Crystal lattices, 562-564, 562f, 563f, 
564f 
ionic solids, structures of, 580-583, 
581f, 582f 


metallic structures, 568, 568f, 569f 
metallic structures, close packing, 
568-572, 569ft, 570f, 571f 
polymers, crystallinity of, 596-597, 
596f, 597f 
transition metals, 1104t 
X-ray diffraction, 565, 565f 
Crystalline solids, 562, 562f 
Crystallinity, defined, 596 
Crystallization, 619-620, 620f 
Crystallography, X-ray, 565, 565f 
Crystals, giant gypsum, 372, 372f 
Cubic close packing, 568-572, 569ft, 
570f, 571f 
Cubic lattice, 563f 
ionic solids, 580-581, 581f 
metallic solids, 568, 568f, 569f 
Cupric ion, 118t 
Curie (Ci), 1023 
Curie, Marie Sklodwska, 94-95, 94f 
Curie temperature (T), 1107 
Curl, Robert, 601 
Cyanide (CN), 120f, 1115¢, 1121-1122, 
1122t 
Cycloalkanes, 1157, 1157f 
Cyclohexane, 1157, 1157f 
Cyclopentane, 1157, 1157f 
Cyclopropane, 1157, 1157f 
Cyclotron, 1017-1018, 1018f 
Cysteine, 1181f 
Cytosine (C), 1194-1195, 1194f, 1195f 


D 
Dalton, John, 90 
Dalton’s law of partial pressures, 492 
d-d transition, 1133, 1133f 
de Broglie, Louis, 288-289 
Decane, 1153t 
Decay constant (k), 1023 
Decimal places, significant figures, 
72-75 
Decomposition reactions, 140-141, 
140f, 141 ft, 250, 251f 
Degenerate, orbital energy, 301, 301f 
Delocalized molecular bonds, 
442-443, 442, 443f 
AE, thermodynamic quantities, 
224-225, 225f 
delta (A) symbol, chemical equations, 
136 
Density 
calculations using volume and 
mass, 68 
conversion factors, calculations 
with, 79-80 
hydrogen isotopes and, 1057 
SI units, 67, 67t 
Derived units, 65-66 


Desalination, 886, 886f 
Deterministic theories, 293 
Deuteration, 1057 
Deuterium, 1057 
Dextrorotatory, 1125-1126, 1126f 
Diacid, 593-594, 594f 
Diamine, 593-594, 594f 
Diamond, 343, 586, 586f, 1054, 1086 
Diatomic molecules, 108, 108f, 450- 
460, 451/-460f 
Diborane, 1093-1094, 1094f 
Dichromate ion, 120t 
Diethylenetriamine, 1115t 
Diethyl ether, 1171 
Diffraction, 565, 565f 
Diffusion, molecular, 498-502, 499f, 
500f, 501f 
Digestion, colloids and, 647 
Dilutions, 204-205, 205f 
Dimagnetic substances, 1106-1107, 
1107f 
Dimagnetism, 456, 456f, 458f 
Dimensional analysis, 76-81 
Dimethyl ether, 1169t 
2, 2-Dimethylpropane, 1155t 
Dioxygen, 356 
Dipole, defined, 385 
Dipole-dipole interactions, 523-524, 
524f, 527-528, 528f, 585, 585f 
Dipole moments, 384-387, 385f, 386t, 
386f 
dispersion force, 522-523, 522f, 
523f 
oxidation number and charge, 392, 
393f 
solute-solvent interactions, 
621-623, 621t, 622f, 623f 
Diprotic acids, 186, 773 
Disaccharides, 1188, 1188f 
Disilicate ions, 1091-1092, 1091f 


Dispersion forces, 522-523, 522f, 523f, 


527-528, 528f, 585, 585f 


Displacement reactions, 196-199, 196f, 


198t, 199f 
Disproportionation reaction, 1071, 
1071f 
Dissociation energy, 868-869 


Dissolution, solution process, 613-618, 


6137, 614f, 6157, 616f, 617f, 618f 
Dissolution in water, 177-178, 177f 
Distillation, 58, 58f, 59f, 886 
Disulfide bonds, 1074, 1075f 
DNA (deoxyribonucleic acid), 904f, 

905, 1194-1196, 11937, 1194f, 1195f, 

1196f 
Dolomite, 1088 
Donor atoms, ligands, 1115, 1116f 
Dopants, 348 


Doping, semiconductors, 589-590, 
589f 
d orbitals, 293-294, 294f, 299, 299f 
crystal-field theory, 1131f, 1132- 
1139, 1137f, 1138f, 1139f, 1140f, 
1141f, 1142f 
energetics of ionic bond formation, 
376-377 
metals, electronic band structure, 
576-578, 577f 
periodic table and electron 
configuration, 307-312, 309ft, 
312f, 313f 


phases in, 453-455, 453f, 454f, 455f 


transition elements, 1104t, 1105- 
1106, 1106f 
Double bonds 
hydrocarbons, saturated and 
unsaturated, 1160 
Lewis structure, 380-381 
sigma and pi bonds, 438-445, 438f, 


439f, 440f, 441 f, 442f, 443f, 444f 


strength and length of bonds, 401- 
402, 401t, 402t 
Double helix, DNA, 1195-1196, 1195f, 
1196f 
Drugs 
amines and amides, 1175 
chiral compounds, 1178, 1178f 
limulus amoebocyte lysate (LAL), 
1103 
lithium and, 352 
Dry ice, 488, 488f, 1087 
Ductile, defined, 567 
Dynamic equilibrium, 540-541, 540f, 
S41f 
saturated solutions, 619-620, 6197, 
620f 


E 


Earth 
acid rain, 874-875, 874t, 875f 
atmosphere, components, 864-867, 
864f, 866ft, 867t 
atmosphere, ozone in, 870-874, 
870f, 871f, 873f 
atmosphere, photochemical 
reactions in, 868-870, 868f, 
870t 
crust, components of, 52, 52f 
greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 
smog, 875-877, 876f 
water on, 881-884, 882f, 883/t 
water quality, 885-890, 886f, 887f, 
888f, 889f 
EDTA (ethylenediaminetetraacetate 
ion), 1115, 1115t, 1116f 
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Effective nuclear charge, 326-329, 
327f, 328f 
Effusion, molecular, 498-502, 499f, 
500f, 501f 
Einstein, Albert, 63-64, 279-280, 293, 
647, 1035 
Elastomers, 592-593, 592ft, 593f. See 
also Polymers 
Electrical charge. See also 
Electrochemistry 
Faraday constant (F), 974-975, 974f 
SI unit, coulomb, 93n 
transition metal complexes, 1112- 
1113, 1113f 
voltaic cells, 959-962, 960f, 961f, 
962f 
Electric current. See also 
Electrochemistry 
electrolyte solutions, 176-177, 176f 
electron-sea model, 575 
graphene, 602 
lithium-ion batteries, 335, 335f 
metals, conductivity of, 567 
polymers and, 597, 597f 
semiconductors, overview of, 586- 
589, 587f, 588t 
SI units, 62-65, 63t, 64t 
Electric eels, 981, 981 f 
Electric vehicles, 987-988, 987f, 988f 
Electrocardiography, 981-982, 982f 
Electrochemistry 
batteries and fuel cells, 984-989, 
984f, 985f, 987f, 988f, 989f 
batteries for hybrid and electric 
vehicles, 987-988, 987f, 988f 
cell potentials, nonstandard 
conditions, 977-983, 980f, 981 f, 
982f 
cell potentials, standard conditions, 
963-971, 964f, 965f, 966f, 967t, 
968f, 970f 
concentration cells, 980-983, 980f, 
981f 
corrosion, 990-992, 991f, 992f 
defined, 951 
electrical work, 976 
electrolysis, overview of, 993-997, 
994f, 997f 
electroplating, 994-995, 994f 
free energy and redox reactions, 
972-976, 974f 
Hall-Héroult process, 996-997, 
996f, 997f 
heartbeat and electrocardiography, 
981-982, 982f 
hydrogen fuel cells, 986, 988-989, 
989f 
lead-acid batteries, 985, 985f 
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Electrochemistry (Continued) 


lithium-ion batteries, 986, 987f 

nickel-cadmium (nicad) batteries, 
952, 985-986 

oxidation-reduction equations, 
balancing of, 954-958, 955f 

oxidation-reduction reactions, 
950-952, 951f 

oxidizing and reducing agent 
strength, 968-971, 970f 

voltaic cells, 959-962, 960f, 961f, 
962f 


Electrodes. See also Electrochemistry 


alkaline batteries, 985, 985f 

batteries, overview, 984, 984f 

concentration cells, 980-983, 980f, 
981f 

corrosion, 990-992, 991f, 992f 

electrolysis reactions, 993-997, 
994f, 997f 

hydrogen fuel cells, 988-989, 
989f 

lithium-ion batteries, 986, 987f 

nickel-cadmium (nicad) batteries, 
985-986 

nickel-metal hydride (NiMH) 
battery, 986 

voltaic cells, 959-962, 960f, 961f, 962f 


Electrolysis, 52-53, 53f, 993-997, 994f, 


997f 


Electrolytes, 166-167, 167f 


acids, 174-175 

common-ion effect, 814-817 

concentration of solutions, 201- 
206, 202f, 205f 

dilutions, 204-205, 205f 

salt bridge, 961-962, 961f, 962f 

strong and weak acids and bases, 
187-188, 187t, 188t, 772-774, 
775f, 776t 

weak and strong, 178-179 


Electrolytic cells, 993-997, 994f, 995f 
Electromagnetic force, 99 
Electromagnetic radiation 


ionizing and nonionizing radiation, 
1041-1045, 1041t, 1042f, 1043/t, 
1044t 

light, wave nature of, 274-277, 275f, 
276f 

line spectra and Bohr model, 281- 
286, 282f, 284f, 285f 

wave behavior of matter, 287-290, 
289f 


Electromagnetic spectrum, 275, 276f 
Electrometallurgy, 996-997, 996f, 


997f 


Electromotive force (emf), 963-971, 


964f, 965f, 966f, 967t, 968, 970f 


Electron capture, 1010-1011, 1010f, 
1011t 
Electron density, 292 
Electron domain, 417, 417f 
Electron-domain geometry, defined, 417 
Electronegativity 
bond polarity and, 381-384, 383f, 
384f 
defined, 382 
Group 5A elements, 1081-1082, 
1082/t 
halogens, 1064 
nonmetals, periodic trends, 1052- 
1055, 1054f, 1055f 
oxyacids, 798-800, 799f 
Electronic band structure, 576-578, 577f 
Electronic charge. See also lons and 
ionic compounds 
defined, 98 
predicting ionic charges, 112-113, 
113f 
Electronic structure, atoms. See 
also Bonds and bonding; 
Intermolecular forces; Nuclear 
reactions 
alkali metals, 349-352, 349ft, 360f, 
361f 
alkaline earth metals, 353, 353/t 
bonding atomic radius, 330-335, 
331f, 334f, 335f 
covalent bonding, orbital overlap, 
429-431, 430f 
d and f orbitals, 299-300, 299f 
dispersion forces, 522-523, 522f, 
523f 
effective nuclear charge, 326-329, 
327f, 328f 
electron affinity, 341-342, 342f 
electron configurations, 303-308, 
305t, 307f 
electron configurations and 
periodic table, 307-312, 309t, 
309f, 312f, 313f 
electron spin and Pauli exclusion 
principle, 301-302, 302f 
energy states, hydrogen atom, 283- 
286, 284f 
formal charge, 390-393, 393f 
halogens, Group 7A, 356-358, 357ft 
Hund’s rule, 305-306 
hybrid orbitals, 431-437, 433f, 434f, 
435f, 436t, 437f 
hydrogen, 354-355 
hypervalent molecules, 434, 436 
ionization energy, 336-340, 337t, 
338f, 339f 
Lewis structures, drawing of, 388- 
393, 393f 


light, wave nature of, 274-277, 275f, 
276f 

line spectra and Bohr model, 281- 
286, 282f, 284f, 285f 

magnetism and, 456-458, 457f, 458f 

many-electron atoms, orbital 
energies, 301, 301f 

metalloids, 347-348 

metals, 344-346, 344f, 345f, 346f 

molecular orbital theory, 445-449, 
446f, 447f 

multiple bonds, sigma and pi, 438- 
445, 438f, 439f, 440f, 441f, 442f, 
443f, 444f 

noble gases, 358, 358t 

nonmetals, 346-347, 346f, 347f 

orbital diagrams, 304, 305t 

orbitals and energy, 460, 460f 

overview, 291-292 

oxygen group, Group 6A, 355-356, 
355t 

Period 2 diatomic molecule bonds, 
450-461, 451f-460f 

photoelectric effect and photons, 
279-280, 279f 

p orbital, 298-299, 299f 

quantization of energy, 278-279, 
278f 

quantum mechanics and atomic 
orbitals, 291-295, 292f, 294ft 

resonance structures, 393-396, 
394f, 442-444, 442f, 443f 

s orbitals, 296-298, 297f, 298f 

uncertainty principle, 289-290 

VSEPR model, 416-425, 417f, 418t, 
419ft, 421f, 422t, 425f 

wave behavior of matter, 287-290, 
289f 


Electron microscopes, 289, 289f 
Electrons. See also Bonds and bonding; 


Electrochemistry; Electronic 
structure, atoms; Ions and ionic 
compounds 
addition reactions, alkenes and 
alkynes, 1116-1117 
aromatic hydrocarbons, 1165 
bonding electrons, defined, 448 
core electrons, 307 
in covalent-network solids, 586 
crystal-field theory, 1131-1139, 
1131f, 1132f, 1133f, 1134f, 11357, 
1136f, 1137f 
discovery of, 92-96, 93f 
dispersion forces, 522-523, 522f, 
523f 
in earth’s atmosphere, 869 
effective nuclear charge, 326-329, 
327f, 328f 


electron affinity, 341-342, 342f 

electron configurations, 303-308, 
305t, 307f 

electronic band structure, 576-578, 
577f 

electron-sea model, 575, 575f 

electron spin and Pauli exclusion 
principle, 301-302, 302f 

formal charge, 390-393, 393f 

high-spin complex, 1135 

holes, semiconductors, 589, 589f 

ionization energy, 336-340, 337t, 
338f, 339f 

Lewis acids and bases, 802-804, 803f 

Lewis structures, 379-380, 379f 

Lewis structures, drawing of, 388- 
393, 393f 

Lewis symbols, 369-371, 370f 


essential elements for life, 115, 115f 
identifying elemental properties, 
1054 
nuclear synthesis of, 1039, 1039f 
overview of, 52, 52ft 
substances, 51, 51f 
transuranium elements, 1018-1019 
Empirical formulas, 109 
calculation of, 152-156, 153f 
combustion analysis and, 155, 
155f 
determination of, 1092 
ionic compounds, 114-115 
Emulsify, defined, 647 
Enantiomers, 1124-1125, 1125f, 1126f, 
1177-1178, 1178f 
Endocrine disrupters, 889 
Endothermic reactions. See also Gibbs 


low-spin complex, 1135 
magnetism and, 456-458, 457f, 
458f 
metal-ligand bonds, 1111-1112, 
1112f 
molecular orbital theory, 445-449, 
446f, 447f 
in octahedral complexes, 1134-1136, 
1135f 
octet rule, 369-371, 370f 
octet rule, exceptions to, 397-399 
orbital diagrams, 304, 305t 
organic molecules, 1150, 1150f 
oxidation-reduction equations, 
balancing of, 953-958, 957f 
photoluminescence, 599, 599f 
predicting ionic charges, 112-113, 
113f 
radioactivity, discovery of, 94-95, 95f 
resonance structures, 393-396, 394f 
salt bridge and, 961-962, 961f, 962f 
in semiconductors, 586-589, 587f, 
588t 
transition metals, 1105-1106, 1106f 
valence electrons, 307 
VSEPR model, 416-425, 417f, 418t, 
419ft, 421f, 422t, 425f 
Electron-sea model, 575, 575f 
Electron shell, 293 
Electron spin, 301-302, 302f, 1106- 
1107, 1107f 
Electroplating, 994-995, 994f 
Electrostatic potential energy, 61, 219- 
222, 220f, 221f, 222f 
Elemental composition, 144 
Elemental form, 195 
Elementary reactions, 688, 689-690, 
690t, 716 
Elements. See also Periodic table 
defined, 47 


free energy 

bond enthalpy, 255-257, 256f 

calorimetry, 238-243, 239f, 240f, 
242f 

defined, 227, 227f 

enthalpy change and, 232-233, 
232f, 233f 

enthalpy of reaction, 234-237, 235f, 
236f 

ionic bond energetics, 373-376, 
373t, 375f 

Le Châtelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 
746f 

solution formation energetics, 
616-617, 617f 

spontaneous processes, 907 


Energy. See also Electronic structure, 


atoms; Intermolecular 
forces; Nuclear reactions; 
Thermochemistry 
activation energy, 681-684, 683f, 
684f 
addition reactions, alkenes and 
alkynes, 1164-1165, 1165f 
bond enthalpy, 254-257, 255t, 256f 
chelate effect, 1118-1119 
chemical energy, 62, 219-222, 220f, 
221f, 222f 
combustion reactions, 141, 141f 
defined, 60 
dissociation energy, 868-869 
of Earth, greenhouse gas effects, 
877-880, 877f, 878f, 879f, 880f 
electromagnetic radiation, 274-277, 
275f, 276f 
electronic band structure, 576-578, 
S77f 
energy change calculations, 68-69 
enthalpy, 230-233, 231f, 232f, 233f 
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first law of thermodynamics, 223- 
229, 224f, 225f, 226f, 227f, 228f, 
229f, 909 

fracking, 888, 889f 

fuel value, 258-263, 259f, 260t, 261t, 
262f 

gap in, semiconductors, 586-589, 
587f, 588t 

Gibbs free energy, overview of, 
926-931, 927f, 928f 

hydrogen economy, 1058 

internal energy, 224-225, 225f 

ionic bonds, 220-222, 373-375, 
373t, 375f 

kinetic energy, 60-62, 61f 

lattice energy, 373-375, 373t, 375f, 
376f 

lithium-ion batteries, 311, 311f 

molecular motion and, 917-918, 
918f 

molecular orbitals and, 460, 460f 

nuclear binding energies, 1031- 
1033, 1032t, 1032f 

nuclear fission, 1033-1038, 1033f, 
1034f, 1035f, 1036f, 1037f 

nuclear fusion, 1038-1039 

nuclear reactions, change in, 1029- 
1033, 1032ft 

phase changes, overview of, 533- 
538, 534f, 535f, 536f, 538t 

photodissociation, 868-869 

of photons, 279 

potential energy, 60-62, 61f 

SI units, 67-69 

solar energy, 69, 69f, 460, 460f, 868, 
868f 

solid-state lighting, 590-591, 590f 

solution formation, 616-617, 617f 

sources for, 261, 261f 

spin-pairing energy, 1134-1136, 
1135f 

standard energies of formation, 
929-930, 929t 

thermal energy, 62 

third law of thermodynamics, 920 

volumetric energy density, 986, 987f 

work and, 225-227, 226f 


Energy diagrams, 224, 225f 
Energy-level diagram, 446-449, 446f, 


447f 


Enstatite, 1091-1092, 1091f 
Enthalpy, 230-233, 231f, 232f, 233f. 


See also Gibbs free energy 
bond enthalpy, 254-257, 255t, 256f 
enthalpy of formation, 248-253, 
249t, 251f 
enthalpy of formation, ionic bonds, 
373-375, 373t, 375f 


1294 


INDEX 


Enthalpy (Continued) 


enthalpy of reaction, 234-237, 235f, 
236f, 250-253, 251f, 255-257, 
256f 

of fusion, 533-538, 534f, 535f, 536f, 
538t 

heating curves, 535-536, 536f 

Hess’s law, 244-247, 245f, 247f 

solution process, 613-618, 614f, 615f, 
616f, 617f, 618f 

of vaporization, 533-538, 534f, 
535f, 536f, 538t 


salt water, 882-884, 883t, 883f 
water purification, municipal 
treatment, 887-889, 887f, 888f 
water quality, 885-889, 886f, 887f, 
888f, 889f 
Environment, radioactivity in, 1041- 
1044, 1041t, 1042t, 1043ft, 1044t 
Enzymes, 699-701, 699f, 700f, 701, 
701f 
e orbitals, 1134-1136, 1135f, 1136f 
Equatorial positions, bond angles, 421 
Equilibrium, aqueous. See also Acid- 


strong and weak electrolytes, 
178-179 
Equilibrium, dynamic, 540-541, 540f, 
541f, 715 
equation for, 716 
saturated solutions and, 619-620, 
620f 
solutions, freezing and boiling 
point changes, 636-639, 636f, 
637f, 638t 
Equilibrium, static, 715 
Equilibrium constant (K,), 718-723, 


Enthalpy diagram, 234-237, 235f, 
235f 

Enthalpy of fusion, water, 911 

Entropy. See also Gibbs free energy 


base equilibria 

amphoterism, 848, 848f 

buffers, 817-825, 818f, 819f, 823f, 
824f 


719f, 721t, 722f. See also Acid- 

dissociation constant (K,) 
calculation of, 731-737 
direction of equation, 726 


Boltzmann’s equation and 
microstates, 916-917 

calculating reaction change in, 924 

changes in surroundings, 924-925 

chelate effect and, 1118-1119 

defined, 910 

gas expansion, molecular level, 
914-916, 915f 

and human society, 921 

isothermic expansion of gases, 912 

molecular motion and energy, 
917-918, 918f 

predicting system changes, 918- 
920, 919f, 920f 

second law of thermodynamics, 
910-913 

solution process, 613-618, 614f, 615f, 
616f, 6177, 618f 

spontaneous processes, 904-909, 
905f, 906f, 908f 

standard molar entropies, 923-924, 
924ft 

temperature variation and, 923, 923f 

third law of thermodynamics, 920 


Environment, chemistry of 


acid rain and sulfur compounds, 
874-875, 874t, 875f, 876f 

atmosphere, composition of, 865- 
867, 866ft, 867t 

atmosphere, ozone in, 870-871, 
870f, 871f 

atmosphere, photochemical 
reactions in, 868-870, 868f, 870t 

fracking, 888, 889f 

global water cycle, 882, 882f 

green chemistry, overview of, 
891-895 

greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 

overview, 865 

ozone layer, 873-874, 873f 

photochemical smog, 875-877, 876f 


common-ion effect, 814-817 
lead in drinking water, 849, 849f 
overview of, 813-814 
precipitation, ion separation and, 
850-855, 853f 
precipitation, selective, 852, 853f 
qualitative analysis, metallic 
elements, 852-855, 854f 
solubility, common-ion effect and, 
842-843, 842f 
solubility, complex ion formation 
and, 845-848, 846f, 847t 
solubility, pH and, 843-845, 844f 
solubility equilibria, 837-840, 839f 
solubility-product constant K,,, 
839-840, 840f 
titration, 826-836 
Equilibrium, chemical. See also Acid- 
base equilibria; Equilibrium, 
aqueous 
catalysts, effect of, 745-746, 746f 
defined, 178, 716 
direction of equation, 726 
equilibrium concentrations, 
calculation of, 735-737 
equilibrium constant (K,), 718-723, 
719f, 721t, 722f 
equilibrium constant (K,), 
calculation of, 731-737 
equilibrium state, 715-718, 717f, 
718f 
Haber process, 718-723, 719f 
heterogeneous equilibria, 728-730, 
729f 
law of mass action, 749 
Le ChAatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
nitric oxide emissions, controlling, 
748, 748f 
predicting reaction direction, 
734-735 
stoichiometry and, 726-728 


formation constant (K,), 845-848, 
846f, 847t 
Gibbs free energy and, 935-938 
magnitude of, 725-726, 725f 
predicting reaction direction, 
734-735 
pressure and, 722-723 
solubility-product constant (K,,), 
838-841, 839f 
stoichiometry and, 726-728 
units and, 723 
water, autoionization of (K,,), 764- 
767, 766f 
Equilibrium-constant expression, 720 
Equivalence point, 208-211, 209f 
acid-base indicators, titration with, 
833-835, 834f 
defined, 827 
strong acid-strong base, 827-829, 
828f, 829f 
weak acid-strong base, 829-833, 
830f, 831f, 833f 
Essential amino acids, 1181 
Ester functional group, 1170, 1169t, 
1171-1174 
Estimating answers, 78 
Ethanal, 1169t 
Ethanamide, 1169t 
Ethane, 124, 1153, 1153t 
1, 2-Ethanediol, 1170f, 1170 
Ethanoic acid, 1169t, 1170f 
Ethanol, 638t, 1158, 1158f, 1170, 1173 
Ethene, 1153, 1153¢, 1160-1162, 1161f, 
1169t 
Ether, 1168, 1169¢, 1170-1171 
Ethyl acetate, 1173 
Ethyl alcohol, 1170 
Ethylamine, 1169¢, 1175 
Ethylene 
cracking, 1158, 1158f 
as functional group, 1169t 
hybrid orbital bonding, 439, 440f 


overview of, 1152-1153, 1153t, 1160- 
1162, 1161f 
polystyrene production, 892-893 
Ethylenediamine, 1115t 
Ethylenediaminetetraacetate ion 
(EDTA), 1115¢, 1116, 1116f 
Ethylene glycol, 47, 48f, 1170, 1170f 
Ethyne, 1153, 1153t, 1162, 1169t 
Eutrophication, 886, 886f 
Exact numbers, 71 
Exchange reactions, 182 
Excited state, 283-286, 284f, 285f, 294 
Exothermic reactions. See also Gibbs 
free energy 
alkali metals, 349 
bond enthalpy, 255-257, 256f 
calorimetry, 238-243, 239ft, 240f, 
242f 
defined, 227-228, 227f, 228f 
enthalpy change and, 232-233, 
232f, 233f 
enthalpy of reaction, 234-237, 235f, 
236f 
halogens, 356-358, 357ft 
ionic bond energetics, 373-375, 
373t, 375f 
Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
solution formation energetics, 
616-617, 617f 
spontaneous processes, 907 
Experimental design, strategies for, 166 
Exponents, reaction rates and, 669-670 
Extensive properties, matter, 56 
Eye, chemistry of vision, 438 


F 


Face-centered cubic lattice, 563-564, 
563f, 564f 
ionic solids, 580-581, 581f 
metallic solids, 568-569, 568f, 569f 
Faraday, Michael, 600, 974, 974f 
Faraday constant (F), 974-976, 974f 
Fast breeder reactor, 1037-1038 
Fats, 1191-1193, 1191f, 1192f 
Fat-soluble vitamins, 623, 623f 
Fatty acids, 1191-1193, 1191f, 1192f 
f-block metals, 310, 310f 
Fermentation, 1170 
Fermi, Enrico, 1035 
Fermi National Accelerator Lab, 1018, 1018f 
Ferrichrome, 1119-1120, 1119f 
Ferric ion, 118t 
Ferromagnetism, 1107-1108, 1107f 
Ferrous ion, 118t 
Fertilizers 
Haber process, 719-720, 719f, 740- 
743, 741f, 742f, 746, 746ft 


nitrogen, properties and uses, 1077- 
1080, 1077/t, 1078f, 1079f 
phosgene, 725-726, 725f 
phosphorus oxy compounds, 1083- 
1084, 1083f 
water quality and, 886, 886f 
Fibrous proteins, 1184 
Filtration, 58-59, 59f 
First law of thermodynamics, 223-229, 
224f, 225f, 226f, 227ft, 229f 
First-order reactions, 674-676, 676f 
Fission, 1033-1038, 1033f, 1034f, 
1035f, 1037f 
Flint, Michigan water, 849, 849f 
Fluoresce, defined, 92 
Fluoridation, tooth decay and, 845 
Fluorine (F) 
common anions, 120t 
electron configurations, 305 
ligands, 1115t, 1122, 1122t 
oxidizing and reducing agent 
strength, 968-971, 970f 
properties of, 356-358, 358t, 357f, 
1064-1067, 1065ft, 1066f, 1067t 
radiotracers in medicine, 1028, 
1028t 
in seawater, 883t 
standard reduction potential, 967t 
uses for, 1066 
van der Waals constant, 506t 
Fluorocarbons, 1066 
Folding, protein structures, 1183-1185, 
1184f 
Food, fuel value and, 259-263, 259t, 
261t, 262f 
f orbital, 293-294, 294ft, 299-300, 299f 
Force. See also Intermolecular forces 
defined, 60 
electromagnetic force, 99 
gravitational force, 99 
strong and weak nuclear forces, 99 
Formal charge, 390-393, 393f 
Formaldehyde, 1172 
Formation constant (K), 846-847, 
846f, 847t 
Formic acid, 1172, 1172f 
Formulas, empirical formula 
calculation, 152-157, 155f 
Formula weight (FW), 143-145 
molar mass and, 147-149, 148ft 
Fossil fuels, 261-263, 261t, 746 
acid rain and, 874-875, 874t, 875f 
fracking, 888, 889f 
gasoline, 1158, 1060f 
greenhouse gases and, 877-880, 
877f, 878f, 879f, 880f 
Fractional distillation, 1090, 1091f 
Free energy. See Gibbs free energy 
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Free radicals, 1042 
Freezing point 
phase diagrams, 543-545, 543f, 
544f, 5545f 
solutions, colligative properties, 633 
solutions, depression, 637-639, 
637f, 638t 
temperature scales, 65-66, 66f 
van’t Hoff factor, 636, 636f, 639, 
642-643, 643ft 
Frequency 
energy states, hydrogen atom, 283- 
286, 284f 
of waves, 275, 275f 
Frequency factor (A), 684 
Freshwater, 884-885 
Friedel-Crafts reaction, 1167 
Frisch, Otto, 1035 
Fructose, 1186-1187, 1186f 
Fuel cells, 986, 988-989, 989f 
Fuel elements, 1036-1037, 1037f 
Fuel oil, 1158, 11587. See also Fossil fuels 
Fuels, hydrogen economy, 1058 
Fuel value, 258-263, 260t, 261t, 262f 
Fukushima nuclear reactor, 1036-1037, 
1037f 
Fullerenes, 601, 601f, 1086 
Functional groups, organic 
compounds, 125, 1151, 1168, 1169t 
Furchgott, Robert, 1080 
Fusion, 534-538, 534f, 535f, 536f, 538t, 
1032, 1038 


G 


Gallium (Ga), 587-588, 587f, 588t, 
590-591, 590f 
Galvani, Luigi, 959 
Galvanic cells, 959-962, 960f, 961f, 
962f. See also Electrochemistry 
concentration cells, 980-983, 980f, 
981f 
standard cell potential, 964-971, 
964f, 965f, 966f, 967t, 968f, 
970f 
Galvanized iron, 992, 992f 
Gamma (y) radiation 
electromagnetic spectrum, 275, 
275f 
in environment, 1041-1044, 1041t, 
1042f, 1043t, 1044/t 
radiation dose effects, 1042-1043, 
1043ft 
radiation therapy, 1044, 1044t 
radioactive decay, 1010-1011, 1010t, 
1011t 
radioactivity, 94-95, 95f 
Gas constant, 484-490, 484/t 
Gas-cooled reactors, 1036 
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Gases. See also Equilibrium, chemical 

absolute temperature of, 495 

atmospheric pressure, 475-478, 
475 f, 476f, 477f 

Avogadro’s law, 481, 486f, 485 

blood gases, 627, 627f 

boiling point, 540-541, 541f 

Boyle’s law, 480, 480f, 485 

characteristics of, 472-473, 473t 

Charles’s law, 480, 480f, 485 

Clausius—Clapeyron equation, 541, 
S41f 

colloids, 635f, 644-648, 645t, 646f, 
647f, 648t 

Dalton’s law of partial pressure, 
491-493 

deviations from ideal behavior, 
503-506, 504f, 505f, 506t 

dynamic equilibrium, 540 

expansion at molecular level, 914- 
916, 915f 

gas density and molar mass, 487- 
489, 488f 

gas laws, 479-481, 480f, 481f 

gas mixtures and partial pressures, 
491-493 

gas separations, 502, 502f 

Graham’s law of effusion, 499-500 

Henry’s law, 625 

ideal-gas equation (law), 483-486, 
484 ft 

intermolecular forces, overview, 
517-519, 518t, 519f 

isothermic expansion, entropy 
change and, 912 

kinetic-molecular theory, 494-497, 
495f 

mean free path, 501-502, 502f 

molecular effusion and diffusion, 
498-502, 499f, 500f, 501f 

parts per million (ppm), 866 

phase diagrams, 542-544, 543f, 
544f, 545f 

proton transfer reactions, 759-760, 
758f, 759f 

solubility, pressure and, 623-625, 
624f, 525f 

solubility, temperature and, 626- 
627, 626f 

solubility in water, 621t 

solution vapor pressure, 633-636, 
635f 

standard molar entropies, 923-924, 
924ft 

states of matter, 50-51, 51f 

van der Waals equation, 506-507, 506t 

vapor pressure, 539-541, 539f, 540f, 
S41f 


volatility and, 540, 540f 
volume of gases in reactions, 
489-490 
Gasoline, 1158, 1158f, 1170 
Gay-Lussac, Joseph Louis, 481 
Geiger counter, 1026-1028, 1027f 
Geim, Andre, 602 
Geometric isomers, 1124-1127, 1125f, 
1126f, 11277, 1161, 1161f 
Geothermal energy, 261-263, 261t 
Germanium, 586 
properties of, 1090, 1090t 
semiconductors, overview, 586-588, 
587f, 588t 
Gibbs, J. Willard, 927 
Gibbs free energy 
calculating with nonstandard 
conditions, 935-936 
coupling reactions, 939, 939f 
entropy and chelate effect, 1148 
equilibrium constant and, 
935-938 
Nernst equation, 977 
overview of, 926-928, 927f, 928f 
oxidation-reduction reactions and, 
972-976, 974f 
standard energies of formation, 
929-930, 929t 
temperature and, 932-935, 933t 
Glass making, 141, 1092 
Global warming, 880 
Global water cycle, 882, 882f 
globular proteins, 1183-1185, 1184f 
Glucose, 1028, 1028f, 1186-1189, 1186/, 
1188f 
Glucose metabolism, 939, 939f 
Glucose monitoring, blood, 149, 149f 
Glutamic acid, 1181f 
Glutamine, 1181f 
Glycerin, 1170f 
Glycerol, 1170, 1170f, 1191-1192, 1192, 
1192f 
Glycine, 801-802, 1180-1182, 1181f 
Glycogen, 1188-1189, 1188f 
Glycylalanine, 1182-1183, 1182f 
Gold (Au) 
alloys, 574, 574f 
nanoparticles, 600-601 
nuclear synthesis of elements, 1039, 
1039f 
oxidation reactions, 198t 
periodic table, 105, 105f, 106f 
Goodyear, Charles, 596 
Goudsmit, Samuel, 301 
Graham, Thomas, 499 
Graham’s law of effusion, 499-500 
Graphene, 2897, 602, 602f, 1054, 
1086 


Graphite, 586, 586f, 1054, 1086, 1087, 
1087f 
on nanoscale, 601-602, 601f, 602f 
Gravitational force, 99 
Gravity, 61 
Gray (Gy), radiation dose units, 1042- 
1043, 1043/t 
Green chemistry, overview of, 891-895 
Greenhouse gases, 877-880, 877f, 878f, 
879f, 880f 
Grigg, C. L., 352 
Ground state, 283-286, 284f, 294 
Groundwater, 884 
Groups, elements, 104-107, 105f, 107f 
Guanine (G), 1192f, 1194-1196, 1195f, 
1196f 
Guldberg, Cato Maximilian, 719 
Gypsum, 372 


H 
Haber, Fritz, 720 
Haber-Bosch process, 720 
Haber process, 719-723, 719f, 735-736, 
740-743, 741f, 742f, 746, 746ft 
Gibbs free energy, 927-929, 927f, 
928f 
temperature and spontaneity, 
933-934 
Hahn, Otto, 1035 
Half-cell, 961. See also Voltaic cells 
Half-cell potential, 966-967, 966f, 967t 
Half-life, 678-679, 678f, 1021-1025, 
1021ft, 1022f 
nuclear waste, 1037-1038 
tritium, 1057 
Half-reactions, balancing redox 
equations, 954-957, 955f 
Halide perovskites, 69, 69f 
Halides 
dipole moments, hydrogen halides, 
386-387, 386ft 
interhalogens, 1066 
Hall, Charles M., 996, 996f 
Hall-Héroult process, 996-997, 996f, 
996f 
Haloalkane functional group, 1169t 
Halogens, 105ft, 106 
hydrogen halides, 1066 
organic compounds, 1151 
oxidation number, 195 
oxyacids and oxyanions, 1066-1067, 
1067t 
periodic table and properties of, 
356-358, 356t, 357f 
trihalomethanes, 888-889 
uses for, 1066 
Hard water, 1088 
Haroche, Serge, 293 


Heartbeat, electrocardiography and, 
981-982, 982f 
Heartburn, 191-192, 192t 
Heart disease, nitroglycerin and nitric 
oxide, 1080 
Heat. See also Temperature 
calorimetry, 238-243, 239ft, 240f, 
242f 
defined, 60, 60f 
endothermic and exothermic 
reactions, 227, 228f, 229f 
energy change and work, 224-227, 
226f 
enthalpy of formation, 248-253, 
249t, 251f 
enthalpy of reaction, 234-237, 235f, 
250-253, 251f 
entropy and, 910 
Hess’s law, 244-247, 245f, 247f 
pressure-volume (P-V) work, 232- 
233, 232f, 233f 
reversible processes, 907-908, 
908f 
as stoichiometric quantity, 161 
systems and surroundings, 223-224, 
224f 
temperature scales, 65-66, 66f 
Heat capacity, 239-243, 239ft, 240f, 
242f 
Heating curves, 535-536, 536f 
Heat of fusion, 534-538, 534f, 535f, 
536f, 438t 
Heat of sublimation, 535-538, 535f, 
536f, 538t 
Heat of vaporization, 534-538, 534f, 
535f, 536f, 538t 
Heavy water, defined, 1057 
Heavy water reactors, 1036 
Heisenberg, Werner, 289, 289f, 293 
Helium (He) 
alpha particles, 1009-1010 
in atmosphere, 865-867, 866t, 867t 
deep-sea diving, 627, 627f 
electron configurations, 305 
nuclear fusion, 1038 
nuclear synthesis of elements, 1039, 
1039f 
properties of, 358, 358t, 1061-1063, 
1062ft 
sun, reactions on, 1007, 1038 
van der Waals constant, 506t 
Helium burning, 1039, 1039f 
Heme, 1117-1120, 1117f, 1118f, 1119f 
Hemocyanin, 1103-1104, 1103f 
Hemoglobin, 647, 647f, 1117-1120, 
1117f, 1118f, 1119f 
blood pH regulation, 765, 818f 
Hemolysis, 640-641, 640f 


Henderson-Hasselbalch equation, 
820-822, 823-824, 823f 
Henry’s law, 625 
Heptane, 1158, 1158f 
Héroult, Paul, 996 
Hess’s law, 244-247, 245f, 247f, 250- 
253, 251f, 376, 1118 
Heterogeneous equilibria, 728-730, 729f 
Heterogenous alloys, 573-574 
Heterogenous catalysis, 697-699, 698f 
Heterogenous mixtures, 54-55, 55f 
Heteronuclear diatomic molecules, 
451f, 459-460 
Hexagonal close packing, 568-572, 
570f, 571f 
Hexagonal lattice, 562-564, 562f, 563f, 
564f 
Hexane, 622-623, 577ft, 623f, 1153t 
Hibernation, 659 
High-density polyethylene, 592-593, 
592ft, 593f, 596 
High-spin complex, 1135 
Histidine, 1181f 
Holes, semiconductors, 589, 589f, 
590-591, 590f 
on nanoscale, 599, 599f 
Homogeneous catalysis, 696-697, 697f, 
698f 
Homogeneous equilibria, 728-730, 729f 
Homogeneous mixtures, 54-55, 55f 
Horseshoe crab blood, 1103-1104, 
1103f 
Hot packs, energetics of, 613 
Human body, elements in, 52, 52f 
Hund’s rule, 305-306, 305t, 1134-1136 
Hybridization, orbitals, 432-437, 433f, 
434f, 435f, 436t, 437f 
Hybrid orbitals, 431-437, 433f, 4434f, 
435f, 436t, 437f 
Hybrid vehicles, 987-988, 987f, 988f 
Hydration, 616 
Hydraulic fracturing, 888, 889f 
Hydrazine, 1078, 1078f 
Hydride ion, 350 
Hydrocarbons 
addition reactions, alkenes and 
alkynes, 1163-1164, 1165f 
alcohols, 1168, 1170f, 1169t, 1170 
aldehydes and ketones, 1171 
alkane derivatives, 125-126, 125f 
alkanes, 124-125, 1157-1158 
alkenes, 1160-1162, 1161f 
alkynes, 1162 
amines and amides, 1175 
aromatic hydrocarbons, 1165-1167, 
1165f 
carboxylic acids and esters, 1171- 
1174, 1172f 


INDEX 1297 
chirality, 1177-1178, 1178f 
combustion reactions, 141, 141f 
cracking, 1059 
cycloalkanes, 1157, 1157f 
defined, 124 
ethers, 1170 
functional groups, overview, 1168, 

1169t 
gasoline, 1158, 1158f 
nomenclature, 1154-1157, 1156t 
overview of, 1152-1154, 1153t 
as pollutants, 876-877, 876f 
resonance structures, 395-396 
saturated and unsaturated, 1160 
in solutions, 622-623, 622ft, 623f 
structural formulas for, 126 
structural isomers, 1154, 1154f, 1155t 
substitution reactions, 1166-1069 
viscosity, 530-531, 530ft 

Hydrochloric acid, 185-186, 185f, 758, 

874 

Hydrochloric acid (HCl) 

titration, strong acid-strong base, 
827-829, 827f 

titration with indicators, 833-835, 
834f, 835f 

Hydrocyanic acid, 776t 

Hydroelectric energy, 262-263, 261t 

Hydrofluoric acid, 776t 

Hydrofluorocarbons (HFCs), 874, 880, 

880f 
Hydrogen (H) 
alkanes and derivatives, 124-126, 
125f 

in atmosphere, 865-867, 866t, 
867t 

binary hydrogen compounds, 
1059-1060, 1060f 

boranes, 1094-1095, 1094f 

common anions, 120t 

common cations, 118t 

covalent bonding, overview of, 
378-381, 379f 

electron configurations, 305 

energy states of, 283-286, 284f 

fuel cells, 988-989, 989f 

hydrocarbons, 124 

isotopes of, 1057-1058 

light spectrum, 282f 

molecular orbitals of, 445-449, 
446f, 447f 

nuclear synthesis of elements, 1039, 
1039f 

oxidation number, 195 

oxidation reactions, 198t 

production of, 1058 

properties of, 54t, 354-355, 1057- 
1058 
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Hydrogen (H) (Continued) 
Rydberg equation and constant, 283 
s orbitals, 296-298, 297f, 298f 
standard hydrogen electrode (SHE), 
965-967, 965f, 966f, 967t 
use for, 1059 
van der Waals constant, 506t 
in water, 52-54, 53f, 54t 
Hydrogenation, 1163-1164, 1165f, 1166, 
1192, 1191f 
Hydrogen bonding, 524-527, 524f, 
525f, 526f, 527f 
comparison of forces, 527-528, 
528ft 
molecular solids, 585, 585f 
Hydrogen burning, 1039, 1039f 
Hydrogen economy, 1058 
Hydrogen fuel cells, 986, 988-989, 989f 
Hydrogen ions. See also Acids 
acid-dissociation constant (K,), 776 
Bronsted-Lowry acids and bases, 
758-763, 758f, 759f, 762f 
Lewis acids and bases, 802-803, 803f 
PH scale, 767-771, 768t, 770f, 771f 
water, autoionization of, 765-766, 
766f 
Hydrogen sulfide, 191 
Hydrolysis 
of esters, 1174 
salt solutions, 792-796, 794ft 
Hydronium ion, 758-763, 758f 
Hydrophilic colloids, 645-647, 645f, 
646f 
Hydrophobic colloids, 645-647, 645f, 
646f 
Hydroquinone, 893-894 
Hydroxide (OH). See also Bases 
base-dissociation constant (K;,), 
786-791, 790f, 787t 
bases, defined, 186-187, 186f, 187t 
common anions, 120t 
insoluble hydroxides, 854f, 855 
Lewis acids and bases, 802-803, 803f 
as ligand, 1115t 
ligand names, 1121-1122, 1122t 
solubility in water, 180, 181t 
water, autoionization of, 765-766, 
766f 
Hydroxylamine, 787t 
Hydroxyl group (alcohols), 1168, 1170f 
Hydroxyl radical, 1042 
Hypertonic solutions, 640 
Hypervalent molecules, 398-399, 
434-437, 436ft 
Hypochlorous acid, 776t 
Hypochorite ion, 787t 
Hypothesis, 63-64 
Hypotonic solutions, 640 


Ice packs, energetics of, 617, 617f 
Ideal-gas constant (R), 639 
Ideal-gas equation (law), 483-489, 
484 ft, 497 
deviations from, 503-507, 504f, 
505f, 506t 
gas density and molar mass, 487- 
489, 488f 
volume of gases in reactions, 489- 
490 
Ideal gases, isothermal processes, 907, 
908f 
Ideal solutions, 635, 635f 
Ignarro, Louis J., 1080 
Immiscible liquids, 622 
Indicators 
bromthymol blue, 347f 
permanganate, 954-956, 955f 
pH indicators, 769, 771f 
titration, 208-210, 209f, 833-835, 
834f, 835f 
Inert electrodes, 994 
Inert gases. See Noble gases 
Inexact numbers, 71 
Infrared radiation, 275-277, 275f, 276f, 
877-880, 877f, 878f, 879f, 880f 
Inorganic compounds 
acids, names and formulas, 121- 
122, 122f 
binary molecular compounds, 
names and formulas, 122-123, 
122t 
ionic compounds, names and 
formulas, 117-121, 117f, 118t, 
119f, 120t 
overview of, 117 
Insoluble chlorides, 854, 854f 
Instantaneous rate of reaction, 663- 
665, 663f 
Insulator, semiconductors, 587-588, 
587f, 588t 
Intensive properties, matter, 56 
Interhalogens, 1066 
Intermediates, multistep reactions, 
688, 688f 
Intermetallic compounds, 573-574, 
573f 
boiling point, 540-541, 541f 
capillary action, 532, 532f 
Clausius—Clapeyron equation, 541, 
S41f 
comparison of forces, 527-528, 
528ft 
comparison of gases, liquids, solids, 
517-519, 518t, 519f 
critical temperature and pressure, 
536-538, 538t 


dipole-dipole interactions, 523-524, 
524f 

dispersion forces, 522-523, 522f, 
523f 

heating curves, 535-536, 536f 

hydrogen bonding, 524-527, 524f, 
525f, 526f, 527f 

ion-dipole forces, 527, 527f 

liquid crystals, 547-552, 547f, 548f 

liquids, properties of, 529-532, 
530ft, 532f 

molecular solids, 585, 585f 

overview of, 520-522, 521t 

phase changes, 533-538, 534f, 535f, 
536f, 538t 

phase diagrams, 542-546, 543f, 
544f, 545f 

solubility and, 622-623 

solution process, 613-618, 614f, 615f, 
616f, 617f 

surface tension, 531-532, 532f 

vapor pressure, 539-541, 539f, 540f, 
541f 

viscosity, 530-531, 530f 

volatility and, 540, 540f 


Internal energy, 224-225, 225f 


endothermic and exothermic 
reactions, 227, 227f 

heat and work, 225-227, 226f 

state functions, 228-229, 227f, 228f 
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Interstitial alloys, 572-574, 572ft, 573f 
Interstitial carbides, 1088 

Interstitial hydrides, 1060 
Intravenous (IV) fluids, 640-641, 640f 
Invert sugar, 1188, 1188f 

Iodine (I) 


common anions, 120t 

in diet, 1066 

nuclear synthesis of elements, 1039, 
1039f 

properties of, 356-357, 357ft, 1064- 
1067, 1065ft, 1066f, 1067t 

radiation therapy, 1044, 1044t 

radiotracers in medicine, 1028, 
1028ft 

standard reduction potential, 967t 

water filters and, 888, 888f 


Ion-dipole forces, 527-528, 527f, 


528ft 


Ionic bonds. See also Ions and ionic 


compounds 

Born-Haber cycle, 376, 376f 

comparing with covalent bonds, 
387 

defined, 370 


energetics of, 220-221, 373-375, 
373t, 375f 
formal charge, 390-393, 393f 
overview of, 371-377, 372f, 373ft, 
375f, 376f 
transition metal ions, 376-377 
Ionic equations, 183-184 
Ionic hydrides, 1059-1060, 1060f 
Ionic hydroxides, 773 
Ionic solids 
classification of, 561, 561f 
properties of, 577-579, 579t 
structures of, 580-583, 581f, 582f 
Ionization, acid-dissociation constant 
(K,), 776 
Ionization energy 
defined, 336 
metals, 344-346, 345f, 346f 
periodic table and, 336-340, 337t, 
338f 
Ionizing radiation, 1041-1044, 1041t, 
1042f, 1043/t, 1044t 
Ion pair 
colligative properties and, 636f, 637, 
640, 642-643, 643/t 
van’t Hoff factor and, 642-643, 
643ft 
Ion-product constant, water (K,,), 765- 
766, 766f, 790 
Ions and ionic compounds. See also 
Acid-base equilibria; Aqueous 
solutions (aq); Ionic bonds 
alkali metals, 349-353 
alkaline earth metals, 353, 353/t 
autoionization of water, 765-766, 
766f 
bonding atomic radius, 331-335, 
331f, 334f, 335f 
chemical symbols, writing of, 112 
common.-ion effect, 813-816, 842- 
843, 842f 
complex ions, solubility and, 845- 
847, 846f, 847t 
electron affinity, 341-342, 342f 
empirical formulas, writing of, 
114-115 
halogens, 356-357, 357ft 
hydrogen, 355 
ionic compounds, overview of, 
113-115, 114f 
ionic equations, writing of, 183-184 
ionic liquids, 530ft, 531 
ions, cations, anions, defined, 
111-112 
isoelectronic series, 332-335 
lattice energy, 373 
lithium-ion batteries, 335, 335f 
metal-ligand bonds, 1111-1112, 1112f 


metals, properties of, 344-346, 345f, 
346f 
metals, qualitative analysis for, 
852-854, 854f 
names and formulas for, 117-121, 
117f, 118t, 119f, 120t 
nonmetals, properties of, 346-348, 
347f 
oxides, 1069-1071, 1070f, 1071t 
precipitation reactions, 180-184, 
181ft, 850-853, 853f 
predicting ionic charges, 112-113, 
113f 
silicates, 1090-1092, 1091f 
solubility, pH and, 843-844, 844f 
solubility-product constant (K,,), 
838-841, 839f 
water, dissolution in, 177-178, 177f 
Iron (Fe) 
alloys, 572-574, 572ft, 573f 
corrosion, 990-992, 991f, 992f 
electron configurations and 
oxidation states, 1105-1106, 
1106f, 1107f 
galvanized iron, 992, 992f 
living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 1119f 
magnetism, 1106-1107, 1107f 
metal-ligand bonds, 1112 
oxidation reactions, 198t 
oxidizing and reducing agent 
strength, 968-970, 970f 
periodic table, 105f, 106, 107f 
radiotracers in medicine, 1027- 
1028, 1028ft 
sources and properties, 1103-1105, 
1103f, 1104¢, 1105f 
standard reduction potential, 
967t 
transition metal complexes, 
1112-1113, 1113f 
Iron(II), ferrous ion, 118t 
Iron(III), ferric ion, 118t 
Iron pyrite, 562, 562f 
Irreversible processes, 907-909, 908f 
gas expansion, 914-916, 915f 
second law of thermodynamics and, 
912-913 
Isoamyl acetate, 1173 
Isobutane, 1155t 
Isoelectronic series, 332-333 
Isolated systems, 223-224, 224f 
Isoleucine, 1181f 
Isomers, 125 
alkenes, 1160-1162, 1161f 
of benzene, 1166 
chirality, 1177-1178, 1178f 
cis-and trans-, 1160-1161, 1063f 
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coordination chemistry and, 
1124-1127, 1124f, 1125f, 1126f 
coordination-sphere isomers, 1124 
nomenclature, alkanes, 1154-1157, 
1156t 
optical isomers (enantiomers), 
1124-1127, 1125f, 1126f, 1177- 
1178, 1178f 
organic compounds, 1154, 1154f, 
1155t 
stereoisomers, 1123, 1124-1127, 
1125f, 1126f 
structural isomers, 1124, 1124f, 1125f 
Isooctane, 1158, 1158f 
Isoprene, 596 
Isopropyl alcohol, 1170f 
Isothermal process, 907, 908f 
Isotonic solutions, 640-641 
Isotopes, 98-99, 100t. See also Nuclear 
reactions 
magic number and, 1015-1016, 
1015t, 1016f 
neutron-to-proton ratio, 1013-1014, 
1013f 
IUPAC (International Union for Pure 
and Applied Chemistry), 1019 


J 


Joule, James, 67 

Joule-meters per coulomb squared 
(J-m/C?’), 220n 

Joules, 65-66, 915 


K 


k, Henry’s law constant, 625 
k, rate constant, 668 
Karat number, gold, 574 
Kelvin, SI units, 63-65, 63t, 64t 
Kelvin scale, 65, 66f 
Kerosene, 1158, 1158f 
Ketone functional group, 1168, 1169t, 
1171, 1186-1187, 1186f 
Kilogram, SI units, 63-65, 63t, 64t 
Kilometer (km), 276t 
Kimax, 1092 
Kinetic energy. See also Activation 
energy; Intermolecular forces 
defined, 60-62, 61f 
internal energy, 224-225, 225f 
molecular motion and, 917-918, 
918f 
Kinetic-isotope effect, 1057 
Kinetic-molecular theory of gases, 
495-497, 495f 
Kroto, Harry, 601 
Krypton (Kr) 
in atmosphere, 865-867, 866t, 867t 
electron configurations, 309 
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Krypton (Kr) (Continued) 
properties of, 358, 358t, 1060-1063, 
1062ft 
van der Waals constant, 506t 


L 


l, angular momentum quantum 
number, 292-294, 294ft 
Lactic acid, 1172f 
Lactoferrin, 1120 
Lactose, 1188-1189, 1189f 
LAL (limulus amoebocyte lysate), 
1103-1104 
Lanthanide contraction, 1105 
Lanthanides, 308-313, 309ft, 310f, 313f 
Lanthanum (La), 308 
Lattice. See Crystal lattices 
Lattice energy, 373-376, 373t, 375f, 376f 
Lattice points, 562-564, 562f, 563f, 
564f 
Lattice vectors, 562-564, 562f, 563f, 
564f 
Lauterbur, Paul, 304 
Lavoisier, Antoine, 128f 
Law of combining volumes, 481 
Law of conservation of mass, 64, 90 
Law of constant composition, 54, 90 
Law of definite proportions, 53 
Law of mass action, 719 
Law of multiple proportions, 92 
Lead (Pb) 
alloys, 572-574, 572ft, 573f 
in drinking water, 849, 849f 
in gasoline, 1158, 1158f 
nuclear synthesis of elements, 1039, 
1039f 
oxidation reactions, 198t 
periodic table, 105f, 106, 107f 
properties of, 1090-1091, 1091t 
Lead(II), plumbous ion, 118t 
Lead-acid batteries, 985, 985f 
Le Châtelier, Henri-Louis, 739 
Le Chatelier’s principle, 738-746, 739f, 
741f, 742f, 743f, 745f, 746f, 814-816 
Length, SI units, 63-65, 63t, 64t 
Leucine, 1181f 
Levorotatory, 1125-1127, 1126f 
Lewis acids and bases, 802-803, 803f 
complex ion formation, 845-847, 
846f, 847t 
metal-ligand bonds, 1111-1112, 
1112f 
Lewis structures, 379-380, 379f 
drawing of, 388-393, 393f 
resonance structures, 392-396, 394f 
Lewis symbols, 370, 370f 
Lews, G. N., 378 
LifeStraw, 888, 888f 


Ligands, 1109 
bidentate ligands, 1115, 1115t 
charge-transfer transitions, 1138- 

1039, 1138f 

chelate effect, 1116 
chelating agents, 1115-1116 
color and, 1128-1129, 1128f 
common ligands, coordination 


chemistry, 1114-1116, 1115t, 1116f 


coordination numbers, 1112-1113 

crystal-field theory, 1131-1139, 
1131f, 1132f, 1133f, 1134f, 1135f, 
1137f 

donor atoms, 1115 

EDTA, 1115-1116, 1115¢, 1116f 

electrical charges, 1112-1113 

entropy and chelate effect, 1118 

geometries of, 1112-1113, 1113f 

isomerism in coordination 
compounds, 1123-1127, 1123f, 
1124f, 1125f, 1126f 

living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 1119f 


metal-ligand bonds, 1111-1112, 1112f 


monodentate ligands, 1115, 1115t 
nomenclature, 1121-1122, 1122t 
polydentate ligands, 1115, 1116t 
sequestering agents, 1116 
spectrochemical series, 1133-1134, 
1133f, 1134f 
Ligand-to-metal charge-transfer 
(LMCT) transition, 1138-1139, 
1138f, 1139f 
Light 
from alkali metals, 350, 351f 
energy states, hydrogen atom, 284- 
286, 284f 
line spectra and Bohr model, 281- 
286, 282f, 284f 


optical isomers and, 1124-1126, 1126f 


photoelectric effect and photons, 
279-280, 279f 
photoluminescence, 599, 599f 
speed of, 275 
speed of, energy and, 1030-1033, 
1032ft 
wave nature of, 274-277, 275f, 276f 
Light-emitting diode (LED), 590-591, 
590f 
Light water reactors, 1036 
Lime, 1087 
Limestone, 1019 
Limiting reactants, 162-165, 164f 
Limulus amoebocyte lysate (LAL), 
1103-1104 
Linear accelerator, 1017-1018, 1017f, 
1018f 
Linear hydrocarbons, 1154, 1155t 


Linear molecules, 414, 414f, 417-423, 
417f, 418t, 419t, 421 f, 422t, 436t 
organic molecules, 1150-1151, 1150f 
Line spectra, 281-286, 282f, 284f 
Linkage isomerism, 1123f, 1124, 1125f 
Lipids, 1191-1192, 1191f, 1192f 
Liquid crystals, 547-548, 547f, 548f, 
607 
Liquids 
boiling point, 540-541, 541 f 
capillary action, 532, 532f 
Clausius-Clapeyron equation, 541, 
541f 
colloids, 635f, 644-647, 645t, 646f, 
647ft 
critical temperature and pressure, 
536-538, 538t 
density, 67, 67t 
dynamic equilibrium, 540 
heating curves, 535-536, 536f 
intermolecular forces, overview, 
517-519, 518t, 519f 
phase diagrams, 542-546, 543f, 
544f, 545f 
properties of, 530-532, 530ft, 532f 
standard molar entropies, 923, 924, 
924ft 
states of matter, 50, S1 f 
surface tension, 531-532, 532f 
vapor pressure, 539-541, 539f, 540f, 
541f 
viscosity, 530-531, 530ft 
volatility and, 540, 540f 
Liter, SI units, 66-68, 66f, 67f 
Lithium (Li) 
batteries for hybrid and electric cars, 
987-988, 987f, 988f 
common cations, 118t 
diatomic molecule bonds, 451, 451f 
drugs from, 352, 352f 
electron configuration, 303-305, 
305t 
molecular orbital diagram, 575-576, 
576f 
nuclear synthesis of elements, 1039, 
1039f 
oxidation reactions, 198t 
oxidizing and reducing agent 
strength, 968-970, 970f 
properties of, 349t, 350f 
standard reduction potential, 967t 
Lithium-ion batteries, 335, 335f, 893, 
923, 924f 
Litmus indicators, 769 
Localized molecular bonds, 442-443, 
442f, 443f 
Lock-and-key model, enzymes, 699- 
700, 699f, 700f 


London dispersion forces, 522-523, 
522f, 523f 

Lone pairs, 379-380, 379f 

Los Alamos National Laboratory, 1035 

Lotus plant, 520 

Low-density polyethylene, 592-593, 
592ft, 593f 

Lowry, Thomas, 758 

Low-spin complex, 1135 

Lubricants, from petroleum, 1158, 
1158f 

Luminous intensity, SI units, 63-65, 
63t, 64t 

Lysine, 1181f 

Lysozyme, 700, 700f 


M 


Macromolecules, 596-597, 596f, 597f 
Magic numbers, 1015-1016, 1015t, 
1016f 
Magnesite, 1088 
Magnesium (Mg) 
common cations, 118t 
electron configurations, 309t 
ionic solid structures, 580, 582f 
ionization energy, 337t 
living systems, metals and chelates 
in, 1117-1120, 1117f, 1118f, 1119f 
metallic bonding, 574 
oxidation reactions, 198t 
properties of, 353t 
in seawater, 883t 
Magnesium sulfate, 617, 617f 
Magnetic quantum number (m), 292- 
294, 294ft 
Magnetic resonance imaging (MRI), 
304, 304f, 573 
Magnetism 
coordination compounds and, 1129 
magnetic field, electron spin and, 
302, 302f, 456-457, 457f, 458f 
magnetic moment, 1106-1107, 
1107f 
superconductors, 574 
transition metals, 1105-1106, 1106f, 
1107f 
Main-group elements, 310, 310f 
Malleable, defined, 567 
Manganese (Mn) 
charge-transfer color transitions, 
1138-1139, 1138f 
common anions, 120t 
electron configurations and 
oxidation states, 1105-1106, 
1106f, 1107f 
living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 1119f 
oxidation reactions, 198t 


oxidizing and reducing agent 
strength, 968-970, 970f 
sources and properties, 1103-1105, 
1103f, 1104t, 1105f 
standard reduction potential, 967t 
Manhattan Project, 1035 
Manometer, 476-477, 477f 
Mansfield, Peter, 304 
Marconi, Guglielmo, 304 
Marsden, Ernest, 95 
Mass 
density calculations, 68, 79-80 
kinetic energy and, 60-61, 61f 
law of conservation of mass, 64, 90 
molality, calculating, 629-630 
molar mass, 147-149, 148ft 
molar mass, solution calculations, 
640-641 
nuclear reactions, energy changes, 
1029-1033, 1032ft 
SI units, 63-65, 63t, 64t, 65n 
Mass defect, 1032-1033, 1032ft 
Mass number, atoms, 98-100, 100t 
Mass percentage, 628-629 
Mass spectrometer, 103, 103f 
Mass spectrum, 103, 103f 
Matter 
classification of, 55f 
comparison of gases, liquids, solids, 
517-519, 518t, 519f 
compounds, 52-54, 53f, 54t 
defined, 47 
elements, 52, 52f 
mixtures, 54-55, 55f 
mixtures, separation of, 57-58, 58f, 
59f 
phase changes, 534-538, 494f, 535f, 
569f, 538t 
phase diagrams, 542-544, 543f, 
544f, 545f 
physical and chemical changes in, 
56-57, 56f 
properties of, 56 
pure substances, 51-52, 52f 
state functions, 228-229, 227f, 228f, 
229f 
states of, 50-51, 51f 
wave behavior of matter, 288-290, 
289f 
Mean free path, 501-502, 501f, 502f, 
647, 648t 
Measurement. See also Units of 
measurement 
conversion factors, 76-79 
dimensional analysis, 76-80 
precision and accuracy of, 71-72, 72f 
significant figures, 72-75 
uncertainty principle and, 289-290 
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Meitner, Lise, 1035 
Melting point 


entropy and, 911 

heating curves, 535-536, 536f 

hydrogen isotopes and, 1057 

intermolecular forces and, 521-522, 
521t 

metallic bonding and, 575, 576f 

molecular solids, 585, 585f 

phase changes, overview of, 534- 
538, 534f, 535f, 536f, 538t 

phase diagrams, 542-546, 543f, 
544f, 545f 

polymers, 596, 596t 


Membranes, semipermeable, 639-641, 


639f, 640f 


Mendeleev, Dmitri, 324 
Mercury (Hg), 198t, 911, 1103-1105, 


1103f, 1104t, 1105f 


Mesopause, 865, 866f 

Mesoporous materials, 600, 600f 
Mesosphere, 865, 866f 

Metabolism, coupling reactions and, 


939, 939f 


Metal complexes, 1108-1113, 1109t, 


1110f, 1112f, 1113f 


Metallic bonds 


covalent bonds, 379-380, 379f 

defined, 370 

electronic band structure, 576-578, 
S77f 

electron-sea model, 575, 575f 

energetics of ionic bond formation, 
375-376, 376f 

metallic solids, structure of, 568, 
568f, 569ft 

metal-ligand bonds, 1111-1112, 
1112f 

molecular orbit model, 575-578, 
576f, 577f 


Metallic elements (metals), 105f, 106, 


106t See also Transition metals 

activity series, 196f, 197-199, 198t, 
199f 

amphoteric oxides and hydroxides, 
848, 848f 

carbides, 1088 

complex ion formation, 845-847, 
846f, 847t 

decomposition reactions, 141 

Hall-Héroult process, 
electrometallurgy, 996-997, 
996f, 997f 

ionic compounds, names and 
formulas, 117-121, 117f, 118t, 
119f, 120t 

ionic hydrides, 1059-1060, 1060f 

metallic character, 343-344, 344t 
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Metallic elements (metals) (Continued) 
metallic hydrides, 1060 
oxidation by acids and salts, 196- 
200, 196f, 198t, 199f 
oxidizing and reducing agent 
strength, 968-970, 970f 
periodic table, 344-346, 345f, 346f 
qualitative analysis for, 852-854, 
854f 
redox (oxidation-reduction) 
reactions, 193-199, 194f, 196f, 
198t, 199f 
solubility in water, 181, 181t 
Metallic hydrides, 1060 
Metallic solids 
alloys, 572-574, 572t, 572f, 573f 
in automobiles, 595, 595f 
classification of, 561, 561f 
close packing, 568-572, 570f, 571f 
metallic bonding, overview of, 
574-578, 575f, 576f, 577f 
on the nanoscale, 599-602, 600f, 
601f, 602f 
properties of, 567, 567f, 568f 
structures of, 568, 568f, 569ft 
Metal-ligand bonds, 1111-1112, 1112f 
Metalloenzymes, 701, 701f 
Metalloids, 105f, 106, 107f, 343-344, 
344ft, 347-348, 347f, 1060, 1060f, 
1088 
Metallurgy, 141, 1103 
Metal-to-ligand charge-transfer 
(MLCT) transition, 1094, 1139f 
Metathesis reactions, 182 
Meter, SI units, 63-65, 63t, 64t, 276t 
Methane, 124, 1172 
in atmosphere, 865-867, 866t, 867t 
fracking, 888, 889f 
as greenhouse gas, 880, 880f 
overview of, 1152-1153, 1153t 
van der Waals constant, 506t 
Methanoic acid, 1172f 
Methanol, 892, 1169t, 1170, 1172 
Methionine, 1181f 
Method of half-reactions, 954-957, 
955f 
Methoxymethane, 1169t 
Methyl acetate, 1169t 
Methyl alcohol, 1169¢, 1170 
Methylamine, 787t 
Methyl bromide, 679, 874 
Methyl chloride, 874, 1169t 
Methyl ethanoate, 1169t 
Methyl orange, 771f 
2-Methylpropane, 1155t 
2-Methyl-2-propanol, 1170f 
Methyl red indicator, 834-835, 834f, 
835f 


Methyl violet, 771f 
Metric system, 63-65, 64t. See also 
Units of measurement 
Meyer, Lothar, 324 
Micrometer (mm), 276t 
Microporous materials, 600, 600f 
Microstate, defined, 916 
Microstates, 918-920, 919f 
Microwave radiation, 276f 
Milk of magnesia, 190f 
Millikan, Robert, 94, 94f 
Millimeter (mm), 276t 
Minerals, 1064n, 1103-1105, 1103f, 
1104t 
Miscible liquids, 622 
Mixtures, 50-52, 51f, 54-55, 54f, 55f 
separation of, 57-59, 59f 
m, magnetic quantum number, 
292-294, 294ft 
Molal boiling-point elevation, 637, 
638f 
Molal freezing-point-depression 
constant, 637-638, 638f, 638t 
Molality, calculating, 630 
Molar heat capacity, 239-243, 239ft, 
240f, 242f 
Molarity (M), 201-205, 202f, 205f 
calculating, 629-630 
dilutions, 204-205, 205f 
titrations, 208-209, 209f 
Molar mass, 147-150, 148ft. See also 
Moles 
gas density and, 487-489, 488f 
solutions, calculation for, 640-641 
Molar solubility, 839-841, 839f 
Molar volume, 484 
Molecular effusion and diffusion, 498- 
502, 499f, 500f, 501f 
Molecular equations, 183-184 
Molecular formulas, determination of, 
154-155 
Molecular geometry, defined, 417. See 
also Molecular shape (architecture) 
Molecular hydrides, 1060, 1060f 
Molecularity, 688 
Molecular orbital diagram, 447-449, 
446f, 447f, 448f, 576-577, 576f 
Molecular orbitals (MO), 445-449, 
446f, 447f 
energy and, 460-461, 460f 
heteronuclear diatomic molecules, 
451f, 459-460 
metallic bonding, 575-578, 576f, 
577f 
Period 2 diatomic molecule bonds, 
450-460, 450f-460f 
phases in, 453-455, 453f, 454f, 
455f 


Molecular orbital theory, 445-449, 
446f, 447f 
Molecular properties, electron 
configuration and, 456-458, 457f, 
458f 
Molecular shape (architecture). See also 
Crystal lattices 
acid-base behavior and, 797-802 
alkanes, 1154, 1154f 
coordination compounds, 1134- 
1138, 1135f, 1137f 
covalent bonding and orbital 
overlap, 429-431, 430f 
cycloalkanes, 1157, 1157f 
delocalization, 442-443, 442f, 
443f 
dispersion forces and, 523, 523f 
hybrid orbitals, 431-437, 433f, 434f, 
435f, 436t, 437f 
molecular orbital theory, 445-448, 
446f, 447f 
multiple bonds, sigma and pi, 
438-444, 439f, 440f, 441f, 4427, 
443f, 444f 
overview of, 413-415, 4137, 414f, 
415f 
Period 2 diatomic molecule bonds, 
450-460, 450f-460f 
polarity and, 426-428, 327f, 428f 
resonance structures, 442-444, 
442f, 443f, 444f 
transition metal complexes, 
1112-1113, 1113f 
VSEPR model, 416-425, 417f, 418t, 
419ft, 421f, 422t, 425f 
Molecular solids 
classification of, 561, 561f 
properties of, 585, 585f 
Molecular speed, gases, 495-496, 496f 
Molecular weight (MW), 144-145, See 
also Moles 
Molecules and molecular compounds. 
See also Moles; Reaction(s) 
binary compounds, names and 
formulas, 122-123, 122t 
chemical formulas, 108, 108f 
defined, 47-48, 48f 
empirical formulas, 109-110 
gas expansion process, 914-915, 915f 
inorganic compounds, naming of, 
117-123, 117f, 118t, 119f, 120t, 
122f 
molecular compounds, defined, 
102, 102f 
molecular formulas, 108-109 
standard molar entropies, 923, 924/t 
structural formulas and 
representations, 109-110, 110f 


Moles, 147-151, 148ft 
Avogadro’s law, 481, 481f 
concentration of solutions, 201- 
206, 202f, 205f 
gas density and molar mass, 487- 
489, 488f 
molar mass, 147-150, 148ft 
mole fraction, 493, 629-630 
SI units, 63-65, 63t, 64t 
Molina, Mario, 873 
Molybdenum (Mo), 1103-1105, 1103f, 
1104ft, 1116-1120, 1117f, 1118f, 1119f 
Momentum, 288-289, 495-496, 496f 
Monatomic ion, 194-195 
Monoclinic lattice, 563f 
Monodentate ligands, 1115, 1115t 
Monomers, 592-593, 592ft, 593f. See 
also Polymers 
Monoprotic acids, 186, 773 
Monosaccharides, 1188-1189, 1188f, 
1189f 
Monounsaturated fatty acids, 1191, 
1191f 
Montreal Protocol on Substances That 
Deplete the Ozone Layer, 874 
Morphine, 1175 
Moseley, Henry, 324 
Motion, molecular, 917-918, 918f 
MRI (magnetic resonance imaging), 
304, 304f, 574 
Municipal water treatment, 887-888, 
886f, 888f 
Murad, Ferid, 1080 
Myoglobin, 1117-1119, 1117f, 1118f, 
1119f 


N 


n, principal quantum number, 
292-294, 294ft 
periodic table and electron 
configuration, 306-312, 309ft, 
310f, 312f, 313f 
Nanomaterials, 598-602, 599f, 600f, 
601f, 602f, 1086 
Nanometer (nm), 276 
NASA (National Aeronautics and Space 
Administration), 873 
Natural gas, 261-263, 261t, 888, 889f 
Nebula, 1039, 1039f 
Néel temperature (Ty), 1107 
Nematic liquid crystal, 547-549, 547f, 
548f 
Neon (Ne) 
in atmosphere, 865-866, 866t, 867t 
diatomic molecule bonds, 455-456, 
455f, 456f 
electron configurations, 305t 
light spectrum, 282f 


properties of, 358, 358t, 1060-1062, 
1062ft 
van der Waals constant, 506t 
Nernst, Walther, 977 
Nernst equation, 978 
Net ionic equations, 183-184 
Neutralization reactions, 189-192, 
189f, 190f, 192t 
buffers, overview of, 818-820, 818f, 
819f 
titration, 208-210, 209f 
Neutron capture therapy, 1044, 1044t 
Neutrons, 96. See also Nuclear reactions 
atomic mass, 98 
magic number, 1015-1016, 1015t, 
1016f 
neutron-to-proton ratio, 1013-1014, 
1013f 
nuclear binding energies, 1031- 
1033, 1032ft 
nuclear fission, 1033-1038, 1033f, 
1034f, 1035f, 1036f, 1037f 
nuclear model, atom, 96, 96f 
nuclear transmutations, 1018 
Newton, Isaac, 63-64 
Nickel (Ni) 
alloys, 573 
concentration cells, 980-983, 980f, 
981f 
electroplating, 994-995, 994f 
living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 1119f 
magnetism, 1106-1107, 1107f 
oxidation reactions, 198t 
oxidizing and reducing agent 
strength, 974 
standard reduction potential, 967t 
transition metal complexes, 1112- 
1113, 1113f 
Nickel-cadmium (nicad) battery, 952, 
985-986 
Nickel-metal hydride (NiMH) battery, 
986 
Nitrate ion, 120t 
Nitric acid, 186, 186f 
acid rain and, 875-876, 875f, 876f 
copper, reactions with, 57, 57f 
strong acids, overview of, 772 
Nitric oxide, 748, 1078-1079, 1079f 
Nitride ion, 120t 
Nitrite ion, 1115t, 1124, 1124f 
Nitrogen (N) 
acid rain, 875, 875f 
amines and amides, 1175 
in atmosphere, 865-867, 866t, 867t 
bond energy, 867 
common anions, 120t 
deep-sea diving, 627, 627f 
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dissociation energy, 868-869 
electron configurations, 305t, 306 
Haber process, 719-722, 719f, 
735-736, 740-742, 741f, 742f, 
746, 746ft 

nitrogen fixation, 701, 701f 

nuclear synthesis of elements, 1039, 
1039f 

oxidizing and reducing agent 
strength, 968-970, 970f 

photochemical smog, 875-876, 876f 

photoionization, 869, 870t 

properties and uses, 1077-1079, 
1077ft, 1078f, 1079f 

radiotracers in medicine, 1028, 
1028 ft 

standard reduction potential, 967t 

van der Waals constant, 506t 

water quality and, 886 

weak bases, 786-789, 787t 

Nitrogenase, 701, 701f 

Nitrogen dioxide, 866-867, 866t, 867t, 

1078-1080, 1079f 

Nitrogen oxide, 875-877, 876f 

Nitrous oxide, 866-867, 866t, 867t, 

1078-1079, 1079f 

NMR (nuclear magnetic resonance), 

304, 304f 

Noble, Alfred, 1081 

Noble gases, 106, 105f, 106t, 358, 358t, 

1061-1063, 1062ft 

Noble metals, 196f, 197-199, 198t, 199f 

Nodal plane, 447-448, 446f, 447f, 448f 

Nodes, 296-298, 2977, 298f 

Nomenclature 
acids, 121-122, 122f 
alkenes, 1160 
alkynes, 1162 
binary compounds, 122-123, 122t 
coordination compounds, 1121- 

1122, 1122t 
inorganic compounds, 117-120, 
117f, 118t, 119f, 120¢, 122ft 
organic chemistry, 124-126, 1154- 
1156, 1156t 

Nonane, 1153t 

Nonbonding atomic radius, 331 

Nonbonding pairs, 379-380, 379f 

Nonelectrolytes, 176, 176f, 187-188, 

187t, 188t 

Nonionizing radiation, 1042-1043, 

1041t, 1042f, 1043ft, 1044t 

Nonmetallic elements (nonmetals), 

105f, 106, 106f 
boron, 1093-1094, 1094f 
carbides, 1088 
carbon, chemistry of, 1085-1088, 
1087f 
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Nonmetallic elements 
(nonmetals) (Continued) 
covalent bonding, 379-380, 379f 


energetics of ionic bond formation, 


375-376, 375f, 376f 


Group 4A elements, 1090-1092, 1091 f 


Group SA elements, 1081-1084, 
1082ft, 1083f 

Group 6A elements, 1073-1075, 
1073 ft, 1074f, 1075f 


halogens, 1064-1067, 1065ft, 1066f, 


1067t 

hydrogen, overview of, 1056-1060, 
1059f, 1060f 

ionic compounds, names and 
formulas, 117-120, 117f, 118¢, 
119f, 120t 

metallic character, 343-344, 344ft 

molecular hydrides, 1060, 1060f 

nitrogen, overview of, 1076-1080, 
1077ft, 1078f, 1079f 


noble gases, overview of, 1061-1063, 


1062ft 
oxidation number, 195 
oxygen, overview of, 1068-1071, 
1069f, 1070f, 1071/t 
periodic table, 346-348, 347f 


periodic trends and reactions, 1052- 


1055, 1054f, 1055f 
Nonpolar covalent bond, 382 


dipole moment, 384-387, 385f, 386ft 
electronegativity and bond polarity, 


382-384, 384f 
Nonpolar molecules 
molecular shape and polarity, 426- 
428, 427f, 428f 
organic compounds, 1151 
solute-solvent interactions, 621- 
624, 622ft, 623ft, 624f 
solution formation, 617 
Nonvolatile solutions, 633-635, 634f, 
635f 
Normal boiling point, 540-541, 541f 
Normal melting point, 542-545, 543f, 
544f, 545f 
Novoselov, Konstantin, 602 
np orbitals, 1105-1106, 1106f, 1107f 
ns orbitals, 1105-1106, 1106f, 1107f 
n-type semiconductors, 589-590, 
589f 
Nuclear disintegration series, 1014- 
1015, 1015f 
Nuclear energy, 261-263, 1013-1014, 
1013f 
Nuclear forces, 99 
Nuclear magnetic resonance (NMR), 
304, 304f 
Nuclear model, atom, 95-96, 96f 


Nuclear reactions 


N 


energy changes in, 1030-1033, 
1032ft 
fission, nuclear power, 1033-1038, 
1033f, 1034f, 1035f, 1036f, 
1037f 
fusion, 1033, 1038 
nuclear binding energies, 1031- 
1033, 1032ft 
nuclear equations, 1009 
nuclear reactors, 1036-1037, 1036f, 
1037f 
nuclear transmutations, 1016-1019, 
1017f, 1018f 
nuclear waste, 1037-1038 
nuclei, magic numbers, 1015-1016, 
1015¢, 1016f 
overview of, 1007-1008 
particle accelerators, 1017-1018, 
1017f, 1018f 
patterns of stability, 1012-1016, 
1013f, 1015ft, 1016f 
radiation therapy, 1044, 1044t 
radioactive decay, rate calculations, 
1020-1024, 1021/t, 1022f 
radioactive decay, types of, 1009- 
1011, 1010¢, 1011t 
radioactive decay chains, 1014- 
1015, 1015f 
radioactivity, detection of, 1026- 
1028, 1026f, 1027f, 1028f 
uclear spin, 304, 304f 
ucleic acids, 1193-1196, 1194f, 1195f, 
1196f 
ucleons, 1008 
ucleosomes, 904f, 905 
ucleotides, 1194-1196, 1194f, 1195f, 
1196f 
ucleus, atom, 95-96, 96f, 1008 
effective nuclear charge, 326-329, 
327f, 328f 
magic number, 1015-1016, 1015¢, 
1016f 
neutron-to-proton ratio, 1013-1014, 
1013f 
nuclear binding energies, 1031- 
1033, 1032ft 
nuclear fission, 1033-1038, 1033f, 
1034f, 1035f, 1036f, 1037f 
nuclear transmutations, 1016-1019, 
1017f, 1018f 


Nylon, 593-594, 594ft 


O 


O 


blique lattice, 562-564, 561f, 563f 


Obsidian, 562, 562f 
Ocean water, 882, 883ft, 890, 890f 


Octahedral molecules, 414-423, 414f, 
415f, 417f, 418t, 419t, 422t 
coordination compounds, 1135- 
1136, 1135f 
transition metal complexes, 1113, 
1113f 
Octane, 125, 1153t 
Octane number, gasoline, 1158, 1158f 
Octet rule, 370-371, 370f, 376 
exceptions to, 397-399 
Lewis structures, drawing of, 388- 
393, 393f 
Oil, crude, 1158, 1158f 
Omega-3 fatty acids, 1192, 1192f 
Omega-6 fatty acids, 1192, 1192f 
Open systems, 223-224, 224f 
Opsin, 438-439, 439f 
Optical isomers, 1124-1126, 1125f, 
1126f, 1177-1178, 1178f 
Optically active molecules, 1125-1126, 
1126f 
Orbitals, atomic, 291-294, 292f, 294ft 
alkali metals, 349-352, 349t, 350f, 
351f 
alkaline earth metals, 353, 353/t 
covalent bonding and orbital 
overlap, 429-431, 430f 
crystal-field theory, 1131-1138, 
1131f, 1132f, 1133f, 1134f, 1135f, 
1137f 
effective nuclear charge, 326-329, 
327f, 328f 
electron affinity, 341-342, 342f 
electron configuration, 303-305 
electron configurations and 
periodic table, 306-313, 307f, 
309ft, 310f, 312f, 313f 
electronic band structure, 576-578, 
577f 
energy and, 460, 460f 
halogens, Group 7A, 356-358, 357ft 
Hund’s rule, 305-306 
hybrid orbitals, 431-437, 433f, 434f, 
435f, 436t, 437f 
hypervalent molecules, 434-435, 
435f, 436t 
ionization energy, 336-340, 337t, 
338f, 339f 
magnetism and, 456-458, 457f, 458f 
many-electron atoms, orbital 
energies, 301-302, 301f 
metalloids, 348-349 
metals, 344-346, 344f, 345f 
molecular orbital theory, 446-448, 
446, 447f, 448f 
multiple bonds, sigma and pi, 
438-444, 439f, 440f, 441f, 442f, 
443f, 444f 


noble gases, 358, 358t 

nonmetals, 346-348, 347f, 1053- 
1055, 1054f, 1055f 

orbital diagrams, 304-306, 305t 

organic molecules, 1149-1151, 
1150f 

oxygen group, Group 6A, 355-356, 
355t 

Period 2, diatomic molecule bonds, 
450-461, 450f-461f 

phases in, 453-455, 453f, 454f, 455f 

p orbital, 298-300, 299f 

s orbitals, 296-298, 297f, 298f 

spin-pairing energy, 1135-1136, 1135f 

transition elements, 1104t, 1105- 
1107, 1106f, 1107f 

Ores, 1103-1104 
Organic chemistry 

acid-base properties of compounds, 
1151, 1151f 

addition reactions, alkenes and 
alkynes, 1163-1165, 1165f 

alcohols, 1168-1170, 1169t, 1170f 

aldehydes and ketones, 1171 

alkanes, 124-126, 1157-1158 

alkenes, 1160-1162, 1161f 

alkynes, 1163 

amines and amides, 1175 

amino acids, 801-802 

aromatic hydrocarbons, 1165-1167, 
1165f 

biochemistry, overview of, 1179 

carbohydrates, 1186-1189, 1187, 
1188f, 1189f 

carboxylic acids and esters, 1171- 
1174, 1172f 

chirality, 1177-1178, 1178f 

cis-and trans-, isomers, 1160-1161, 
1161f 

cycloalkanes, 1157, 1157f 

defined, 1149-1150 

ethers, 1170-1174 

functional groups, overview, 1168, 
1169t 

gasoline, 1158, 1158f 

green chemistry, overview of, 
892-895 

hydrocarbons, overview of, 1152- 
1153, 1153t 

iron in living systems, 1119-1120, 
1119f 

lipids, 1190-1192, 1191f, 1192f 

living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 1119f 

nomenclature, 1154-1156, 1156t, 
1160, 1162 

nucleic acids, 1193-1196, 1194f, 
1195f, 1196f 


organic compounds, defined, 124 
peptide bonds, 1182-1183, 1182f 
proteins and amino acids, 1180- 
1185, 1181f, 1182f, 1184f 
resonance structures, 395-396 
saturated and unsaturated 
hydrocarbons, 1160 
solubility of compounds, 621-623, 
622ft, 623f, 1151 
stability of compounds, 1151 
structural isomers, 1154, 1154f, 1155t 
structure of molecules, 1150, 1150f 
substitution reactions, 1166-1167 
Ortho-phenanthroline, 1115t 
Orthorhombic lattice, 563f 
Osmosis, 639-640, 639f, 640f 
reverse osmosis, 886, 886f 
Osmotic pressure, 639 
Ostwald process, 1079, 1079f 
Overall reaction order, 669 
Oxalate ion, 1115t 
Oxalic acid, 783t 
Oxidant, defined, 952. See also 
Oxidation-reduction reactions 
Oxidation number, 194-195 
formal and actual charges and, 392, 
393f 
transition metal complexes, 1112- 
1113, 1113f 
Oxidation-reduction reactions, 193- 
199, 194f, 196f, 198t, 199f 
alkaline batteries, 985, 985f 
balancing equations, 954-956, 955f 
batteries, overview of, 984, 984f 
batteries for hybrid and electric 
vehicles, 987-988, 987f, 988f 
cell potentials, nonstandard 
conditions, 977-983, 980f, 981f, 
982f 
cell potentials, standard conditions, 
963-970, 964f, 965f, 966f, 967t, 
968f, 970f 
concentration cells, 980-982, 980f, 
981f 
corrosion, 990-992, 991f, 992f 
electrochemistry, defined, 951 
electrolysis, overview of, 993-997, 
994f, 997f 
electroplating, 994-995, 994f 
free energy and, 972-976, 974f 
Hall-Héroult process, 996-997, 
996f, 997f 
hydrogen fuel cells, 986, 988-989, 
989f 
lead-acid batteries, 985, 985f 
lithium-ion batteries, 986, 987f 
nickel-cadmium (nicad) batteries, 
985-986 
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oxidation of metals by acids and 
salts, 196-199, 196f, 198t, 199f 
oxidation states and, 950-952, 951f 
oxidizing and reducing agent 
strength, 968-970, 970f 
salt bridge, 961-962, 961f, 962f 
voltaic (galvanic) cells, 959-962, 
960f, 961f, 962f 
Oxidation state, 194-195 
oxidation-reduction reactions and, 
950-952, 951f 
transition metals, 1105-1106, 1106f, 
1107f 
Oxide ion, 120t 
Oxides 
of boron, 1093-1095, 1094f 
chemistry of, 1069-1071, 1071t 
glass properties and, 1092 
of nitrogen, 1078-1080, 1078f, 1079f 
of sulfur, 1074-1075, 1074f, 1075f 
Oxidizing agent, defined, 952. See also 
Oxidation-reduction reactions 
Oxyacids, 798-800, 799f, 1066-1067, 
1067t, 1074-1075, 1074f, 1075f 
Oxyanions, 118-121, 119f, 120t, 1066- 
1067, 1067t, 1074-1075 
Oxygen (O) 
allotropes, 1068-1069 
in atmosphere, 865-867, 866t, 867t 
blood pH regulation, 825, 825f 
blood transport of, 1117-1120, 1117f, 
11187, 1119f 
bond energy, 867 
chemical reactions and, 1055 
combustion reactions, 141-142, 141f 
deep-sea diving, 627, 627f 
dissociation energy, 868-869 
electron configurations, 305 
fuel cells, 988-989, 989f 
nuclear synthesis of elements, 1039, 
1039f 
oxidation number, 195 
oxides, chemistry of, 1069-1071, 
1071t 
oxidizing and reducing agent 
strength, 968-970, 970f 
oxyacids, 798-800, 799f 
ozone, 355, 870-871, 870f, 871f, 1069 
peroxides and superoxides, 1071, 
1071f 
phosphorus oxy compounds, 1083- 
1084, 1083f 
photodissociation in atmosphere, 
868-869 
photoionization, 869, 870t 
production and uses of, 1069, 1069f 
properties of, 54t, 355-356, 355t, 
1068-1069 
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Oxygen (O) (Continued) 
radiotracers in medicine, 1028, 
1028ft 
resonance structures, 393-395, 394f 
silicates, 1091-1092, 1091 f 
silicones, 1092-1093 
smog, nitrogen oxides and, 875-877, 
876f 
standard reduction potential, 967t 
van der Waals constant, 506t 
in water, 52-54, 53f, 54t 
water quality and, 886, 886f 
Oxygen group, 6 A period table, 355- 
356, 355t 
Ozone, 355, 394, 394f 
in atmosphere, 639, 865-867, 866ft, 
870-871, 870f, 871f 
properties and uses, 1068-1069 
water treatment and, 889 


P 


Pacemaker cells, 982 
Palladium, 1111 
Paraffin, 1158, 1158f 
Paramagnetism, 456-458, 457f, 458f, 
1106-1107, 1107f 
Partial pressure 
equilibrium constant (K,) and, 
722-723 
gas mixtures and, 491-492 
Le Châtelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
mole fraction and, 493 
reaction quotient (Q), 734-735 
solubility and, 623-625, 624f, 625f 
solution vapor pressure, lowering 
of, 633-636, 634f, 635f 
Particle accelerators, 1017-1018, 1017f, 
1018f 
Parts per billion (ppb), 628-629 
Parts per million (ppm), 628-629, 866 
Pascal (Pa), 476 
Pascal, Blaise, 476 
Pauli, Wolfgang, 302 
Pauli exclusion principle, 301-302, 
302f 
Pauling, Linus, 382 
Pearlite, 573f 
Pentane, 1153t, 1155t 
Peptide bonds, 1182-1183, 1182f 
Percent ionization, 777-778, 780, 781f 
Percent yield, 165-166 
Perchlorate ion, 120t 
Perchloric acid, 1067, 1067t 
Periodic table 
alkali metals, 349-352, 349t, 350f, 
351f 
alkaline earth metals, 353, 353/t 


binary acids, 798, 798f 
covalent bonding predictions, 
379-380, 379f 
development of, 323-325, 324f, 325t 
effective nuclear charge, 326-330, 
327f, 328f 
electron affinity, 341-342, 342f 
electron configurations, 306-313, 
309t, 312f, 313f 
electronegativity, 382, 383f 
Group 4A elements, 1090-1092, 
1091f 
Group SA elements, 1081-1084, 
1082ft, 1083f 
Group 6A elements, 1073-1075, 
1073 ft, 1074f, 1075f 
halogens, 356-358, 357ft, 1064- 
1067, 1065ft, 1066f, 1067t 
hydrogen, properties of, 354-355 
ionization energy and, 336-340, 
337t, 338f, 339f 
lattice energy, 374-376, 375f, 376f 
metallic bonding and, 574-578, 
S75f, 576f, 577f 
metallic character, 343-344, 344ft 
metalloids, 347-348, 347f 
metals, 344-346, 345f, 346f 
metals, qualitative analysis for, 
854-855, 854f 
noble gases, 358, 358t, 1061-1063, 
1062ft 
nonmetals, 346-347, 347f, 1052- 
1055, 1054f, 1055f 
octet rule, 370-371, 370f 
overview of, 52, 52t, 104-107, 105f, 
107f 
oxyacids, electronegativity and, 
799-800, 799f 
oxygen group, Group 6A, 355-356, 
355t 
Period 2, molecular bonding, 450- 
461, 451f-460f 
predicting ionic charges, 113, 113f 
regions of, 309, 309f 
semiconductors, 587-588, 587f, 
588t 
size of atoms and ions, 330-335, 
331f, 334f, 335f 
transition metals, 1103-1107, 1103f, 
1104t 
transuranium elements, 1018-1019 
Periods, elements, 104-107, 105f, 107f 
Permanent magnet, 1107, 1107f 
Permanganate ion, 120t, 954-956, 
955f, 1138-1139, 1139f 
Peroxide ion (O,7), 120f, 351 
Peroxides, chemistry of, 1070-1071, 
1071f 


Perspective drawings, 110, 110f 
Petroleum, 261-263, 261t, 888, 889f, 
1158, 1158f 
pH 
acid rain and freshwater pH, 875, 
875f, 876f 
blood as buffered solution, 825, 
825f 
calculation of, 773, 774 
acid-dissociation constant (K,) and, 
776-782, 781f 
buffer capacity and pH range, 
823 
buffers, calculating changes in 
pH, 824-825, 824f 
buffers, calculating pH of, 
819-822 
buffers, effects of, 818-819, 818f, 
819f 
buffers, preparation of, 822 
common ions and, 814-815 
Henderson-Hasselbalch 
equation, 819-822 
polyprotic acids, 783-784 
salts, concentration calculations, 
788-789 
cations, effect on pH, 793-795, 
794 ft 
concentration cells and, 982-983 
ocean acidification, 890, 890f 
pH indicators, 769-771, 771f, 833- 
835, 834f, 835f 
pH meters, 769, 771f 
PH scale, 767-771, 768t, 770f, 771f 
pH titration curve, 826-836 
calculating pH at equivalence 
point, 832 
polyprotic acids, 835-836, 836f 
strong acid-strong base, 827- 
829, 828f, 829f 
titration with acid-base 
indicator, 833-835, 834f, 
835f 
weak acid-strong base, 829-833, 
830f, 831f, 833f 
pK, and pK,, defined, 790 
solubility, effect on, 843-844, 844f 
Phase changes. See also Gibbs free 
energy 
boiling point elevation, solutions, 
636-637, 636f, 638 
entropy and, 911-913 
freezing point depression, 636-639, 
637f, 638t 
overview of, 534-538, 534f, 535f, 
536f, 538t 
Phenol, 585, 585f, 776t, 1170, 1170f 
Phenolphthalein indicator, 771, 771f, 
834-835, 834f, 835f 
Phenylalanine, 1181f, 1182, 1182f 


Phenylamine, 1175 
Phenyl group, 1165 
Phenyl methanoic acid, 1172f 
Phosgene, 725-726, 725f 
Phosphate ion, 120t, 854f, 855, 1116 
Phospholipids, 1192, 1192f 
Phosphoric acid, 783t, 835-836, 836f 
Phosphors, 1027 
Phosphorus (P) 
chemistry of, 1081-1084, 1082/t, 
1083f 
common anions, 120t 
halides, 1082-1083 
ionization energy, 337t 
occurrence and isolation of, 1082, 
1082f 
oxygen compounds of, 1083-1084, 
1083f 
periodic table, 105f, 106, 107f 
radiotracers in medicine, 1028, 
1028 ft 
water quality and, 886 
Photochemical reactions, 868-871, 
870ft, 871f, 875-877, 876f 
Photochemical smog, 875-877, 876f 
Photo dissociation, 868-874, 870ft, 
871f, 873f, 875-877, 876f 
Photoelectric effect, 279-280, 279f 
Photoionization, 868-870, 868f, 870t 
Photons, 279-280, 279f, 283-286, 284f 
ozone in atmosphere, 870-871, 870f, 
871f 
photosynthesis, 1119, 1119f 
solar energy, 868-870, 868f, 870t 
Photosynthesis, 263, 1119, 1119f 
Photovoltaic cells, 69, 69f, 460, 460f 
Physical changes, matter, 56-57, 57f 
Physical properties, matter, 56 
Pi (z) bonds, 438-444, 439f, 440f, 441f, 
442f, 443f, 444f 
alkene isomers, 1161-1162, 1161f 
aromatic hydrocarbons, 1166 
nonmetals, periodic trends, 1053- 
1055, 1054f, 1055f 
Pigments, synthetic, 47 
Pi (x) molecular orbitals, 452-453, 452f 
pK, and pK, defined, 790. See also 
Acid-dissociation constant (K,); pH 
Planck, Max, 278-279 
Planck’s constant, 278-279, 279f, 288, 
289 
Plant nutrients, water quality and, 886, 
886f 
Plastic electronics, 597, 597f 
Plastics, 592-593, 592/t, 593f. See also 
Polymers 
Platinum (Pt) 
in automobiles, 595, 595f 


catalytic converters, 699, 699f 
oxidation reactions, 198t 
standard hydrogen electrode (SHE), 
965-967, 965f, 966f, 967t 
transition metal complexes, 1112- 
1113, 1113f 
Plumbous ion, 118t 
Plum-pudding model, atom, 95-96, 96f 
Plutonium (Pu), 308, 1037-1038 
pOH, 769, 770f 
Polar covalent bond, 382. See also 
Bonds and bonding 
dipole moments, 384-387, 385f, 
386ft 
electronegativity and bond polarity, 
382-384, 384f 
Polarizability, molecules, 522-523, 
522f, 523f 
Polarized light, optical isomers, 1125, 
1126f 
Polar molecules, 384-387, 385f, 386ft 
acid-base behavior and, 797-798 
bond dipole, 427 
dipole-dipole interactions, 523-524, 
524f 
molecular shape and polarity, 426- 
428, 427f, 428f 
organic compounds, 1151 
solute-solvent interactions, 621- 
623, 621ft, 622ft, 623f 
solution formation, 617 
Pollution 
acid rain and sulfur compounds, 
874-875, 874t, 875f 
fracking and water quality, 888, 889f 
greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 
municipal water treatment, 887- 
889, 887f, 888f 
nitric oxide emissions, 748, 748f 
photochemical smog, 875-877, 876f 
water quality, 886 
Polonium, 355-356, 355t, 1073-1075, 
1073ft, 1074f, 1075f 
Polyatomic ions, 112. See also Ions and 
ionic compounds 
Polycarbonate, 594t 
Polydentate ligands, 1115, 1115t 
Polyethylene, 126, 593, 594t, 596-597, 
596f, 597f 
Polyethylene terephthalate, 592-593, 
592ft, 593f, 594t 
Polymers 
in automobiles, 595, 595f 
green chemistry, overview of, 
891-895 
making of (polymerization), 593- 
595, 594ft, 595f 
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phosgene production, 725-726, 
725f 
structure and physical properties, 
596-597, 596f, 597f 
types and properties, 592-593, 
592ft, 593f 
Polynucleotides, 1194-1195, 1195f 
Polypeptides, 1183 
Polypropylene, 592-593, 592ft, 593f, 
594t 
Polyprotic acids, 782-785, 783 ft, 785f, 
835-836, 836f 
Polysaccharides, 1188-1189, 1189f 
Polystyrene, 592-593, 592ft, 593f, 594t, 
892-893 
Polyunsaturated fatty acids, 1191- 
1192, 1191f 
Polyurethane, 594t 
Polyvinyl] chloride, 592-593, 592ft, 
593f, 594t 
p orbitals, 293-294, 294ft, 298-299, 
299f 
alkene isomers, 1161-1162, 1161f 
covalent bonds and orbital overlap, 
429-431, 430f 
energetics of ionic bond formation, 
375-376, 376f 
hybrid orbitals, 431-437, 433f, 434f, 
435f, 436t, 437f 
metals, electronic band structure, 
576-578, 577f 
nonmetals, periodic trends, 1052- 
1055, 1054f, 1055f 
octet rule, 370-371, 370f 
organic molecules, 1150, 1150f 
Period 2, diatomic molecule bonds, 
450-460, 451f-459f 
periodic table and electron 
configuration, 307-313, 309ft, 
312f, 313f 
phases in, 453-455, 453f, 454, 
455f 
resonance structures, 442-444, 
442f, 443f, 444f 
semiconductors, 586-588, 587f, 
588t 
sigma and pi bonds, 438-444, 439f, 
440f, 441f, 4427, 4437, 444f 
Porphine, 1117-1120, 1117f, 1118f, 
1119f 
Porphyrins, 1117-1120, 1117f, 1118f, 
1119f 
Positron, 1010-1011, 1011t 
Positron emission, 1010-1011, 1011t 
Positron emission tomograph (PET), 
1028, 1028f 
Potassium (K), 118t, 198t, 307, 349f, 
350t, 883t 
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Potential energy 

chemical energy and, 219-222, 

220f, 221f, 222f 

defined, 60-62, 61f 

internal energy, 224-225, 225f 
Praseodymium (Pr), 308 
Precipitate, 180-184, 181 ft 

saturated solutions, 619-620, 620f 
Precipitation reactions, 180-184, 181ft 


ion separation and equilibrium, 
850-855, 853f 
selective precipitation, 852, 853f 


Precision, measurement, 71-72, 72f 
Pressure 


atmospheric pressure, 475-478, 
475f, 476f, 477f, 865, 866f 

barometers and manometers, 476- 
478, 476f, 477f 

boiling point, 540-541, 541f 

Boyle’s law, 480, 480f 

Clausius—Clapeyron equation, 541, 
S41f 

critical pressure, 536-538, 538t 

Dalton’s law of partial pressures, 
492-493 

equilibrium constant (K,) and, 
722-723 

gas density and molar mass, 487- 
489, 488f 

Henry’s law, 625 

ideal-gas equation (law), 483-490, 
484 ft, 497 

ideal-gas equation (law), deviations 
from, 504-506, 504f, 505f, 506t 

isothermal processes, 907, 908f 

kinetic-molecular theory of gases, 
494-497, 496f 

Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 

osmotic pressure, 639 

partial pressure, gas mixtures and, 
492-493 

phase diagrams, 542-546, 543f, 
544f, 545f 

reaction quotient (Q), 734-735 

solubility and, 623-626, 624f, 625f 

temperature and, 486 

van der Waals equation, 506-507, 
S06t 

vapor pressure, 539-541, 539f, 540f, 
S41f 

volatility and, 540, 540f 


Pressure-volume (P-V), Bolye’s law, 


480, 480f 


Pressure-volume (P-V) work, 231-233, 


231f, 2226 233f 


Pressurized water reactor, 1036-1037, 


1037f 


Primary cells, batteries, 984, 984f 
Primary coolant, 1036-1037, 1037f 
Primary structure, proteins, 1183-1185, 
1184f 
Primary valence, 1110 
Primitive lattices, 563-564, 563f, 564f 
ionic solids, 580, 581f 
metallic solids, 568, 568f, 569f 
Principal quantum number (n), 283- 
286, 284f, 292-294, 294ft 
Prions, 69-70, 70f 
Probability density, 292, 298, 298f 
Products. See also Equilibrium, 
chemical; Reaction rates; 
Reaction (s) 
Beer’s law, 677, 677f 
calculating amounts formed, 158- 
161, 159f 
chemical equations, 135-138, 135f, 
136f, 137f 
defined, 135 
Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
limiting reactants and, 162-166, 
164f 
predicting reaction products, 1055 
reaction quotient (Q), 734-735 
theoretical and percent yield, 
165-166 
Proline, 1181f 
Propane, 124, 523-524, 524f, 1153, 
1153t 
1, 2, 3-Propanetriol, 1170f 
2-Propanol, 1170f 
Propanone, 1169t 
Propene, 1158, 1158f, 1160-1162, 1161f 
Property, defined, 47 
Propylene, 1160-1162, 1161f 
Proteins 
amino acids, 801-802, 1180-1182, 
1181f 
disulfide bonds, 1075, 1075f 
fuel value, 259-260, 260t 
hydrogen bonds in, 525 
hydrophilic and hydrophobic 
portions, 645-647, 646f 
peptide bonds, 1182-1183 
prions, 69-70, 70f 
salt solutions, properties of, 792- 
796, 794ft 
structures of, 1183-1185, 1184f 
Protium, 1057 
Protons, 96. See also Nuclear reactions 
acid-dissociation constant (K,), 776 
acid strength, factors affecting, 
797-798 
amphiprotic substances, 760 
atomic number, 98 


base-dissociation constant (K;,), 
786-791, 787t, 790f 

Bronsted-Lowry acids and bases, 
759-760, 759f 

conjugate acid-base pairs, 760-761 

magic number, 1015-1016, 1015t, 
1016f 

neutron-to-proton ratio, 1013-1014, 
1013f 


nuclear binding energies, 1031- 
1033, 1032ft 
nuclear model, atom, 96, 96f 
PH scale, 767-771, 768t, 770f, 771f 
polyprotic acids, 782-785, 783ft, 
785f 
strength of acids and bases, 761- 
763, 762f 
water, autoionization of, 764-767, 
766f 
Proton transfer reactions, 759-760, 
759f 
Psi Qs), 291, 298, 298f 
p-type semiconductors, 589-590, 
589f 
Pure substance, 51, 51f 
Pyrex, 1092 
Pyridine, 787t 
Pyrolysis, 1087, 1087f 
Pyrosulfuric acid, 1074, 1075f 


Q 


Qualitative analysis, 852-854, 854f 
Quantitative analysis, 853, 995-996, 
995f 
Quantum dot displays, 560 
Quantum dots, 599, 599f 
Quantum number 
angular momentum (J), 292-294, 
294ft 
magnetic (ml), 292-294, 294ft 
orbitals and, 292-295 
principal (n), 283-286, 284f, 292- 
294, 294ft 
spin magnetic (m), 301-302, 302f 
Quantum theory. See also Bonds and 
bonding; Orbitals, atomic 
d and forbitals, 299-300, 299f 
effective nuclear charge, 326-330, 
327f, 328f 
electron configurations, 303-308, 
305t, 307f 
electron configurations and 
periodic table, 306-313, 309ft, 
312f, 313f 
electron spin and Pauli exclusion 
principle, 301-302, 302f 
energy states, hydrogen atom, 283- 
286, 284f 


Hund’s rule, 305-306 
light, wave nature of, 274-277, 275f, 
276f 
line spectra and Bohr model, 281- 
286, 282f, 284f 
many-electron atoms, orbital 
energies, 301, 301f 
orbital diagrams, 305-306, 305t 
overview, 291 
photoelectric effect and photons, 
279-280, 279f 
p orbital, 298-299, 299f 
quantization of energy, 278-279, 
279f 
quantum mechanics and atomic 
orbitals, 291-295, 292f, 294ft 
s orbitals, 296-298, 297f, 298f 
uncertainty principle, 289-290 
wave behavior of matter, 287-290, 
289f 
Quantum wells, 599 
Quantum wires, 599 
Quartz, 586 
Quaternary structure, proteins, 1184f, 
1185 
Quicklime, 1088 


R 


Racemic mixture, 1125, 1126f, 1177- 
1178, 1178f 
Rad, radiation dose units, 1042-1043, 
1043/t 
Radial probability function, 296-298, 
297f, 298f 
Radiant energy, 275-277, 275f, 276f 
Radiation 
atmosphere, photochemical 
reactions, 868-870, 868f, 870t 
greenhouse gases, effect of, 877- 
880, 877f, 878f, 879f, 880f 
ionizing and nonionizing, 1041- 
1044, 1041t, 1042f, 1043ft, 
1044t 
ozone depletion and, 873-874, 873f 
radiation therapy, 1044, 1044t 
Radioactive decay chain, 1014-1015, 
1015f 


Radioactivity. See also Nuclear reactions 


defined, 1008 

detection of, 1026-1028, 1026f, 
1027f, 1028f 

discovery of, 94-95, 94f 

in environment and living systems, 
1039, 1039f, 1041-1044, 1041t, 
1042/t, 1043ft, 1044t 

fusion reactions, 1038 


neutron-to-proton ratio, 1013-1014, 


1013f 


nuclear waste, 1037-1039 
radiation doses, effects of, 1042- 
1043, 1043/t 
radiation therapy, 1044, 1044t 
radioactive decay, types of, 1009- 
1011, 1010¢, 1011¢ 
rates of decay, 1020-1025, 1021ft, 
1022f 
tritium, 1057 
units of measure, 1023 
Radioisotopes, 1008 
nuclear transmutations, 1016-1019, 
1017f, 1018f 
rates of decay, 1020-1025, 1021ft, 
1022f 
Radiometric dating, 1021-1023, 1021f, 
1022f 
Radionuclides, 1008, 1013-1014, 1013f 
in environment and living systems, 
1039, 1039f, 1041-1044, 1041t, 
1042ft, 1043/t, 1044t 
radiation therapy, 1044, 1044t 
Radiotracers, 1027-1028, 1028f 
Radio waves, 275-277, 275f, 276f, 869 
Radium (Ra), 309t 
Radon, 358, 358t, 1043f 
Raoult’s law, 633-636, 634f, 635f 
Rare earth metals, 308-313, 309ft, 312f, 
313f 
Rate constant, defined, 668 
Rate constant, units of, 670 
Rate-determining step, 690-691, 691f 
Rate law, defined, 668 
Reactants. See also Equilibrium, 
chemical; Reaction rates; 
Reaction(s) 
Beer’s law, 667, 667f 
calculating amounts used, 158-161, 
159f 
chemical equations, 135-138, 135f, 
136f, 137f 
defined, 135 
Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
limiting reactants, 162-166, 164f 
reaction quotient (Q), 734-735 
theoretical and percent yield, 165-166 
Reaction mechanism, 1164 
Reaction orders, 669 
Reaction quotient (Q), 734-735, 977 
Reaction rates 
activation energy, 681-686, 682f, 
683f, 685, 686f 
Beer’s law, 667, 667f 
catalysis and, 695-700, 697f, 698f, 
699f, 700f 
changes over time, 662-663, 663t 
collision model, 681, 681f, 682f 


INDEX 1309 


concentration, changes over time, 
673-679, 676f, 678f 

concentration and rate laws, 666- 
672, 668t, 689-690, 690t 

defined, 659 

elementary reactions, 688, 689-690, 
690t 

factors affecting, 659, 659f 

fast initial step, mechanisms with, 
693-694 

first-order reactions, 674-676, 676f 

half-life, 678-679, 678f 

initial rate data and, 671-672 

instantaneous rate, 663-664, 663f 

multistep mechanisms, 688-689, 
688f 

overview of, 660-665, 661f, 663/t 

rate-determining step, 690-691, 
691f 

reaction mechanism, 687-694 

reaction orders, 669 

second-order reactions, 676-677, 
676f 

slow initial step, mechanisms with, 
691-692 

spectroscopy and, 667, 667f 

stoichiometry and, 664-665 

temperature and, 680-686, 681f, 
682f, 683f, 684f, 686f 

zero-order reaction, 677-678, 
678f 


Reaction(s). See also Equilibrium, 


chemical; Stoichiometry 

acid-base reactions, 185-192, 186f, 
187t, 188t, 189f, 190f, 192ft 

addition reactions, alkenes and 
alkynes, 1163-1165, 1165f 

analyzing, strategies for, 200 

carbonylation, 1173 

click reaction, 895 

combination reactions, 140-141, 140f, 
141t 

combustion, 141-142, 141f 

coupling reactions, 939, 939f 

decomposition, 140-141, 140f, 
141ft 

displacement reactions, 196-197, 
196f 

elementary reactions, 716 

endothermic and exothermic 
reactions, 227-228, 227f 

enthalpy of reaction, 234-236, 234f, 
236f 

exchange (metathesis) reactions, 
182-183 

ionic equations and spectator ions, 
183-184 

law of mass action, 719 
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Reaction(s) (Continued) 
Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 
limiting reactants, 162-166, 164f 
neutralization reactions and salts, 
189-192, 189f, 190f, 192t 
nonmetals, periodic trends and, 
1052-1055, 1054f, 1055f 
oxidation of metals by acids and 
salts, 196-199, 196f, 198t, 199f 
oxidation-reduction (redox), 193- 
199, 194f, 196f, 198t, 199f 
precipitation reactions, 180-184, 
181ft 
predicting products from, 1055 
saponification, 1174 
substitution reactions, 
hydrocarbons, 1166-1167 
thermite reaction, 230 
titration, 208-211, 209f 
Rectangular lattice, 562-564, 562, 
563f, 564f 
Red giants, 1039, 1039f 
Redox (oxidation-reduction) 
reactions. See Oxidation-reduction 
reactions 
Red phosphorus, 1082, 1082f 
Reducing agent, defined, 952. See also 
Oxidation-reduction reactions 
Reductant, defined, 952. See also 
Oxidation-reduction reactions 
Reduction, defined, 194. See also 
Oxidation-reduction reactions 
Reference energy state, 284 
Refining petroleum, 1158, 1158f 
Reforming, gasoline, 1158, 1158f 
Refrigerants, 1087 
Relative biological effectiveness (RBE), 
1042-1043, 1043 ft 
Rem, radiation dose unit, 1042-1043, 
1043 ft 
Renewable energy sources, 261-263 
Representative elements, 309f, 310 
Resonance structures, 393-396, 394f, 
442-444, 442f 443f, 444f 
Reverse osmosis, 886, 886f 
Reversible processes, 907-909, 908f, 
912-913 
Rhombic lattice, 562-564, 562f, 563f, 
564f 
Rhombohedral lattice, 563f 
RNA (ribonucleic acid), 1194-1196, 
1194f, 1195f, 1196f 
Root-mean-square (rms) speed, 496, 
500 
Rotational motion, 917-918, 918f 
Rounding off numbers, 74 
Rowland, F. Sherwood, 873 


Rubber, 596-597, 597f 

Rubbing alcohol, 1170f 

Rubidium (Rb), 307, 349t, 350f 

Rust, 990-992, 991 f, 992f 

Rutherford, Ernest, 94-95, 94f, 324, 
1016 

Rutile structure, 582 

Rydberg constant, 283 

Rydberg equation, 283 


S 


, 291, 298, 298f 
Sacrificial anode, 992, 992f 
Salinity, seawater, 883, 883ft 
Salt bridge, 961-962, 961f, 962f, 980- 
983, 980f, 981 f. See also Voltaic cells 
Salts, 189-191, 189f 
acid-base properties of solutions, 
792-796, 794ft 
acid salts, 791 
buffers, 817-825, 818f, 819f, 823f, 
824f 
complex ion formation, 845-847, 
846f, 847t 
concentration calculations with pH, 
788-789 
oxidation of metals, 196-199, 196f, 
198t, 199f 
phosphorus oxy compounds, 1083- 
1084, 1083f 
solubility, pH and, 843-844, 844f 
sulfur oxides, 1074-1075, 1074f, 
1075f 
Salt water, 882-884, 883/t, 886, 886f 
Saponification, 1174 
Saturated fats, 1191-1192, 1191f 
Saturated hydrocarbons, 1160 
Saturated solutions, 619-620, 620f 
Scalar quantities, 61n 
Scandium, 307 
Schrödinger, Erwin, 291-295 
Schrédinger’s wave equation, 291-295 
Scientific law, 64 
Scientific method, 63-64 
Scintillation counter, 1027-1028, 1027f 
Sea level, pressure at, 475-476, 475f 
Seas, water on Earth, 882-884, 883ft 
Seawater, 886, 886f, 890, 890f 
Second, SI units, 63-65, 63t, 64t 
Secondary cells, batteries, 984, 984f 
Secondary coolant, 1036, 1037f 
Secondary structure, proteins, 1183- 
1185, 1184f 
Secondary valence, 1110 
Second law of thermodynamics, 905, 
910-913 
Second-order reactions, 676-677, 676f 
Seesaw molecules, 421-424, 421f, 422t 


Selective precipitation, 852, 853f 
Selenium (Se), 355-356, 355t, 1072- 
1075, 1073ft, 1074f, 1075f 
Semiconductors 
in automobiles, 595, 595f 
carbon nanotubes, 601-602, 602f 
doping, 589-590, 589f 
on the nanoscale, 599, 599f 
overview of, 586-588, 587f, 588t 
polymers as, 597, 597f 
quantum dot displays, 560 
solid-state lighting, 590-591, 590f 
Semipermeable membranes, 639-640, 
639f, 640f 
Sequestering agents, 1116 
Serine, 1181f 
Sewage, 886, 887-889, 887f, 888f 
SHE (Standard hydrogen electrode), 
965-967, 965f, 966f, 967t 
Sickle-cell anemia, 647, 647f 
Side chains, hydrocarbons, 1154, 1155t 
Siderite, 1088 
Siderophore, 1119-1120, 1119f 
Sigma (o) bonds, 438-444, 439f, 
440f, 441f, 4427, 4437, 444f, 1161, 
1161f 
Sigma (o) molecular orbits, 447-449, 
446f, 447f 
Significant figures, 72-75 
Silica, 1066 
Silicates, 1091-1092, 1091 f 
Silicon (Si) 
asbestos, 1089, 1089f 
atomic structure, 92f 
in automobiles, 595, 595f 
covalent-network solids, 586 
glass, 1092 
ionization energy, 337t 
occurrence and preparation of, 
1090-1091, 1091f 
properties of, 347-348, 347f, 1090, 
1090t 
semiconductors, doping, 589-590, 
589f 
semiconductors, overview, 586-588, 
587f, 588t 
silicates, 1091-1092, 1091 f 
silicones, 1092-1093 
solar energy panels, 69, 69f 
Silicon carbide, 586, 1088 
Silicones, 1092-1093 
Silver (Ag) 
alloys, 572-574, 572ft, 573f, 574f 
common cations, 118t 
complex ion formation, 845-846, 
846f, 847t 
gold alloys, 574 
metal-ligand bonds, 1111-1112, 1112f 


nuclear synthesis of elements, 1039, 


1039f 
oxidation reactions, 198t, 199f 
oxidizing and reducing agent 
strength, 973-974 
periodic table, 105f, 106, 107f 
standard reduction potential, 
967t 
transition metal complexes, 1112- 
1113, 1113f 
Single bonds 
Lewis structure, 380-381 
strength and length of bonds, 400- 
402, 401t, 402t 
SI units, 63-65, 63t, 64t 
becquerel (Bq), 1023 
coulomb, 93n 
curie (Ci), 1023 
density, 67, 67t 
derived units, 65-66 
energy, 67-69 
length and mass, 65 
pressure, 475 
radiation doses, 1042-1043, 1043ft 
temperature, 65, 66f 
volume, 66-67, 66f, 67f 
Smalley, Richard, 601 
Smectic A and C liquid crystals, 548- 
550, 548f 
Smog, 875-877, 876f 
Soda ash, 1092 
Soda-lime glass, 1092 
Sodium (Na) 
common cations, 118t 
electron configurations, 305t 
ionic bonds, overview, 371-377, 
372f, 373 ft, 375f, 376f 
ionic solid structures, 582, 582f 
ionization energy, 337t 
light waves from, 351, 351f 
metallic bonding, 574 
oxidation reactions, 198t 
properties of, 349ft 
radiotracers in medicine, 1028, 
1028 ft 
in seawater, 883t 
standard reduction potential, 
967t 
Sodium acetate, 620f 
Sodium chloride (NaCl) 
electrolysis reactions, 993-997, 
994f, 997f 
ionic bonds, overview of, 371-377, 
372f, 373 ft, 375f, 376f 
lattice structure, 580-582, 581f 
solubility in water, 619 
solution formation, 615-616, 615f, 
616f 


Sodium hydroxide (NaOH), 758 
titration, strong acid-strong base, 
827-829, 828f 
titration weak acid-strong base, 
829-833, 830f, 831f, 833f 
titration with indicators, 833-835, 
834f, 835f 
Sodium hypochlorite, 1066 
Sodium tripolyphosphate, 1116 
Solar energy, 69, 69f, 262-263, 460, 
460f, 868-870, 868f, 870t 
ozone and, 870-871, 870f, 871f 
photosynthesis, 1119, 1119f 
Solar spectrum, 868, 868f 
Solids 
automobiles, materials in, 595, 595f 
chemical equations, state symbols, 
138 
classification of, 560-565, 561f, 
562f, 563f, 564f, S65f 
colloids, 635f, 644-648, 645ft, 646f, 
647f, 648t 
covalent-network solids, 586, 
586f 
crystalline and amorphous solids, 
562, 562f 
density, 67, 67t 
glass, amorphous solids, 1092 
intermolecular forces, overview, 
517-519, 518t, 519f 
ionic solids, 579-583, 579t, 580f, 
S81f, 582f 
liquid crystals, 547-550, 547f, 548f, 
549f 
mesoporous materials, 600, 600f 
metallic solids 
alloys, 572-574, 572ft, 573f, 574f 
close packing, 568-572, 570f, 
S71f 
metallic bonding, 574-575, 575f 
properties of, 567, 567f 
structures of, 568, 568f, 569ft 
microporous materials, 600, 600f 
molecular solids, 585, 585f 
nanomaterials, 598-602, 599f, 600f, 
601f, 602f 
phase diagrams, 542-546, 543f, 
544f, 545f 
polymers, 591-595, 592ft, 593f, 
594ft, 5S95f 
solid-state lighting, 590-591, 590f 
standard molar entropies, 923-924, 
923f, 924t 
states of matter, 50-51, 51f 
unit cells, filling of, 564, 564f 
unit cells and crystal lattices, 562- 
564, 562f, 563f, 564f 
uses in technology, 560 
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Solid-state lighting, 590-591, 590f 
Solubility, 180-184, 181/t, 839-841, 


839f. See also Equilibrium, aqueous 

amphoterism, 842, 848, 848f 

common.-ion effect and, 842-843, 
842f 

complex ion formation and, 845- 
848, 846f, 847t 

defined, 619 

lead in drinking water, 849, 849f 

pH, effect of, 843-844, 844f 

pressure and, 623-626, 624f, 625f 

saturated solutions and, 619-620, 
620f 

temperature and, 626-627, 626f 


Solubility-product constant (K,,), 838- 


841, 839f, 851-852, 853f 


Solutes. See also Aqueous solutions 


(aq); Equilibrium, aqueous; 
Solutions 
colloids, 635f, 644-648, 645/t, 646f, 
647f, 648t 
concentration, calculation and 
expression of, 628-632 
defined, 176, 614 
osmosis, 639-640, 639f, 640f 
saturated solutions, 619-620, 620f 
solute-solvent interactions, 621- 
623, 621ft, 622ft, 623f 
solution process, 614-618, 614f, 615f, 
616f, 617f 
titration, 208-211, 209f 


Solutions. See also Acid-base 


equilibria; Aqueous solutions (aq); 
Equilibrium, aqueous 

boiling-point elevation, 636-637, 
636f, 638 

colligative properties, overview, 633 

colloids, 635f, 644-648, 645/t, 646f, 
647f, 648t 

components of, 614 

concentration, calculation and 
expression of, 628-632 

concentration, unit conversions, 
631-632 

distillation, 58, 58f 

energetics of formation, 616-617, 
617f 

formation of, intermolecular forces, 
615-618, 615f, 616f, 617f 

freezing-point depression, 637-639, 
637f, 638t 

ideal solutions, 635-636, 635f 

isotonic, hypertonic, hypotonic, 
640 

mass percentage, ppm, and ppb, 
628-629 

molar mass calculations, 640-642 
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Solutions (Continued) 
mole fraction, molarity, molality, 
629-630 
osmosis, 639-640, 639f, 640f 
overview of, 54-55, 54f, 55f 
pressure and solubility, 623-626, 
624f, 625f 
saturated solutions, 619-620, 620f 
sickle-cell anemia, 647, 647f 
solubility, 619-627 
solute-solvent interactions, 621- 
623, 621ft, 622ft, 623f 
temperature, solubility and, 626- 
627, 626f 
tendency toward mixing, 614-615, 
614f 
van’t Hoff factor, 636, 636f, 639, 
642-643/t 
vapor-pressure, lowering of, 633- 
636, 634f, 635f 
Solvation, 177-178, 177f, 616 
Solvents. See also Aqueous solutions 
(aq); Equilibrium, aqueous; 
Solutions 
concentration, calculation and 
expression of, 628-632 
defined, 176, 614 
osmosis, 639-640, 639f, 640f 
saturated solutions, 619-620, 620f 
solute-solvent interactions, 621- 
623, 621 ft, 622ft, 623f 


solution process, 614-618, 614f, 615f, 


616f, 617f 

supercritical solvents, 893 

titration, 208-211, 209f 

s orbitals, 293-298, 294ft, 297f, 298f 

covalent bonds and orbital overlap, 
429-431, 430f 

energetics of ionic bond formation, 
375-376, 376f 


hybrid orbitals, 431-437, 433f, 434f, 


435f, 436t, 437f 

metals, electronic band structure, 
576-578, 577f 

nonmetals, periodic trends, 1052- 
1055, 1054f, 1055f 

octet rule, 370-371, 370f 

organic molecules, 1150, 1150f 

Period 2, diatomic molecule bonds, 
450-460, 451f-459f 

periodic table and electron 
configuration, 307-313, 309ft, 
312f, 313f 


phases in, 453-455, 453f, 454f, 455f 


resonance structures, 442-444, 
442f, 443f, 444f 

semiconductors, 586-588, 5877, 
588t 


sigma and pi bonds, 438-444, 439f, 


440f, 441f, 4427, 443f, 444f 
transition elements, 1104t, 1105- 
1106, 1106f 
Space-filling models, 110, 110f, 413, 
413f 
Specific heat, 239-243, 239ft, 240f, 
242f, 535-536, 536f 
Spectator ions, 183-184 
Spectrochemical series, 1133-1134, 
1134f 
Spectroscopy, 667, 667f, 743, 743f 
Spectrum, radiant energy, 281-286, 
282f, 284f 
Speed, 60-62, 61f, 495-496, 496f 
Speed of light, 275, 1030-1033, 
1032ft 
sp hybrid orbitals, 432-437, 433f, 434f, 
435f, 436ft, 437f 
carbon on the nanoscale, 601-602, 
601f, 602f 
covalent-network solids, 586 
organic molecules, 1150, 1150f, 
1154, 1154f 
resonance structures, 442-444, 
442f, 443f, 444f 
Spin magnetic quantum number, 
301-302, 302f 
Spin-pairing energy, 1134-1136, 
1135f 


Spontaneous processes, 904-909, 905f, 


906f, 908f 
coupling reactions, 939, 939f 
free energy and redox reactions, 
972-976, 974f 
gas expansion, 914-916, 915f 
Gibbs free energy, overview of, 
926-929, 927f, 928f, 932-934, 


933t 
second law of thermodynamics and, 
912-913 
Square lattice, 562-564, 562f, 563f, 
564f 
Square planar molecules, 421-424, 
421f, 422t 
coordination compounds, 1136- 
1139, 1137f 
transition metal complexes, 1113, 
1113f 
Square pyramidal molecules, 421-424, 
421f, 422t 


Stained glass, 600 
Standard atmospheric pressure, 476 


Standard cell potential (emf), 963-971, 


964f, 965f, 966f, 967t, 968f, 970f 
Standard deviation, 71 
Standard energies of formation, 929- 
931, 929t 


Standard enthalpy of change, 248-253, 
249t, 251f 
Standard enthalpy of formation, 248- 
253, 249t, 251f 
Standard hydrogen electrode (SHE), 
965-967, 965f, 966f, 967t 
Standard molar entropies, 923-924, 
923f, 924t 
Standard reduction potential, 964f, 
965-971, 965f, 966f, 967t, 968f, 
970f 
Standard solution, 208-211, 209f 
Standard state, 248-253, 249t, 251f 
Standard temperature and pressure 
(STP), 484 
Standing waves, 291, 292f 
Starch, 1189, 1189f 
Stars, 1039, 1039f 
State changes, matter, 56-57, 57f, 373, 
659, 659f 
State functions, 228-229, 228f, 229f, 
907, 910, 912-913 
Statistical thermodynamics, 916 
Stearate, 1151, 1151f 
Steel, 141, 573, 573f, 595, 595f, 994- 
995, 994f 
Stereoisomerism, 1124-1127, 1125f, 1126f 
Stoichiometry 
aqueous solutions, 207-211, 207f, 209f 
Avogadro’s number and the mole, 
146-151, 148ft 
buffers, adding strong acids or bases 
to, 823-825, 823f 
chemical equations, 135-138, 135f, 
136f, 137f 
chemical equations, balancing of, 
135-138, 135f, 136f, 137f 
chemical equilibrium equations, 
726-727 
combination reactions, 140-141, 
140f, 141t 
combustion analysis, empirical 
formula and, 155-156, 155f 
combustion reactions, 141-142, 141 f 
decomposition reactions, 140-141, 
140f, 141 ft 
defined, 135 
electrolysis reactions, 995, 995f 
empirical formulas, calculating, 
152-156, 155f 
equilibrium concentrations, 
calculation of, 735-737 
equilibrium-constant expression 
and, 720 
exchange (metathesis) reactions, 
182-183 
experimental design, strategies for, 
166 


formula weights, 143-145 

gas variables and, 489-490 

heat as a quantity, 160 

ionic equations and spectator ions, 
183-184 

ionic solids, coordination number 
and, 580, 582f 

limiting reactants, 162-166, 164f 

molecular formulas, calculation of, 
154-155 

oxidation-reduction reactions, 966 

quantitative information from 
equations, 158-161, 159f, 160f 


reaction rates and, 664-665 
stoichiometrically equivalent, 
defined, 159 
theoretical and percent yield, 
165-166 
Stomach acid, 191-192, 192t 
Straight-chain hydrocarbons, 1154, 
1155t 
Straight-run gasoline, 1158, 1158f 
Strategies for Success 
book features, 80-81 
calculations with multiple 
variables, 485 
chemical reactions, analyzing, 200 
estimating answers, 78 
experimental design, 166 
practice, importance of, 80 
problem solving, 145 
tests, tips for taking, 126 
Stratopause, 865, 866f 
Stratosphere, 865, 866f, 870-871, 870f, 
871f, 873 
Strong acids, 187-188, 1871, 188t. See 
also Acids 
buffers, 817-825, 818f, 819, 823f, 824f 
pK, defined, 790 
titration, 826-836 
Strong bases, 187-188, 187t, 188t. See 
also Bases 
buffers, 817-825, 818f, 819f, 823f, 
824f 
pK, defined, 790 
titration, 826-836 
Strong electrolytes, 178-179, 187-188, 
188t 
Strong nuclear force, 99, 1013-1014, 
1013f 
Strontium (Sr), 118¢, 309t, 353t, 883t, 
1037-1039 
Structural formulas, 109-110, 110f, 
126 
Structural isomers, 125 
alkenes, 1160-1162, 1161f 
cis-and trans-, 1160-1163, 1161f 
Styrene, 892-893 


Subatomic particles, 92f 
Subcritical mass, 1034, 1035f 
Sublimation curve, 542-546, 543f, 
544f, 545f 
Subscripts, chemical equations, 135- 
136, 135f, 136f 
Subshell, orbitals, 293 
Substance, pure, 51, 51f, 63-65, 63t, 64t 
Substituents, alkanes, 1155-1156 
Substitutional alloys, 572-574, 572ft, 
573f 
Substitution reactions, 1166-1167 
Substrates, enzymes, 699-700, 699f, 
700f 
Sucrose, 585, 1188, 1188f 
Sugars, 1188, 1188f 
Sulfate ion, 120t, 883t, 1074, 1075f 
Sulfide ion, 120f, 854f, 854-855 
Sulfur (S) 
acid rain and sulfur compounds, 
874-875, 874t, 875f, 876f 
chemistry of, 1072-1075, 1073ft, 
1074f, 1075f 
common anions, 120t 
ionization energy, 337t 
occurrence and production of, 1073, 
1073f 
oxides, oxyacids, and oxyanions, 
1074-1075, 1074f, 1075f 
periodic table, 105f, 106, 107f 
properties of, 355-356, 355t 
sulfides, 1074 
uses of, 1073 
vulcanization, 596-597 
water quality and, 886 
Sulfur dioxide, 1074-1075, 1074f, 1075f 
acid rain and, 874-875, 874t, 875f, 
876f 
in atmosphere, 865-867, 866t, 867t 
Sulfuric acid, 186, 186f, 783t, 1074- 
1075, 1074f, 1075f 
Sulfurous acid, 783t 
Sun, nuclear reactions on, 1029-1030, 
1038 
Superconductors, 574 
Supercooling, 536 
Supercritical fluid, 538, 542-546, 543f, 
544f, 545f 
Supercritical mass, 1034, 1035f 
Supercritical solvents, 893 
Supernovas, 1039, 1039f 
Superoxides, chemistry of, 1070-1071, 
1071f 
Supersaturated solutions, 620 
Surface tension, 531-532, 532f 
Surfactants, 1151, 1151f 
Surroundings, energy change, 223- 
224, 224f 
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Synchrotron, 1018, 1018f 

Synthetic pigments, 47 

System, energy change, 223-224, 224f 
Szilar, Leo, 1035 


T 


Tartaric acid, 783t 

t-Butyl alcohol, 1170f 

Technetium, 1028, 1028/t 

Teflon, 1066, 1066f 

Tellurium, 355-356, 355t, 1072-1075, 
1073ft, 1074f, 1075f 

Temperature 


absolute temperature, gas, 495 

of atmosphere, 865, 866f, 872 

boiling point, 540-541, 541f 

calorimetry, 238-243, 239ft, 240f, 
242f 

Charles’s law, 480-481, 480f, 481f 

Clausius—Clapeyron equation, 541, 
S41f 

critical temperature, 536-538, 538t 

Dalton’s law of partial pressures, 
492-493 

Earth’s ozone layer and, 873-874, 
873f 

entropy and, 910-911, 923, 923f 

gas density and molar mass, 487- 
489, 488f 

Gibbs free energy and, 926-929, 
932-934, 933t 

greenhouse gases and, 877-880, 
877f, 878f, 879f, 880f 

heating curves, 535-536, 536f 

ideal-gas equation (law), 483-490, 
484 ft, 497 

ideal-gas equation (law), deviations 
from, 504-506, 504f, 505f, 506t 

intermolecular forces, overview, 
517-519, 519f 

isothermal processes, 907, 908f 

kinetic-molecular theory of gases, 
494-497, 496f 

Le Chatelier’s principle, 738-746, 
740f, 741f, 742f, 743f, 745f, 746f 

magnetism and, 1107 

molecular motion and, 917-918, 
918f 

nuclear fusion, 1038 

osmosis, 639 

phase diagrams, 542-546, 543f, 
544f, 545f 

pressure and, 486 

reaction rates and, 659, 659f, 680- 
686, 681f, 682f, 683f, 684f, 
686f 

reversible processes, 907-909, 908f 

of seawater, 883, 883f 
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Temperature (Continued) 
second law of thermodynamics, 
912-913 
SI units, 63-65, 63t, 64t, 66f 
solubility and, 626-627, 626f 
spontaneous processes and, 905- 
906, 906f 
thermal energy, 62 
unit conversion, 66 
van der Waals equation, 506-507, 
506t 
volatility and, 540, 540f 
Temperature, body, 243, 243f 
Termolecular reactions, 688, 689-690, 
690t 
Tertiary structure, proteins, 1183-1185, 
1184f 
Testosterone, 1171 
Tests, strategies for, 126 
Tetraboric acid, 1094 
Tetraethyl lead, 1158, 1158f 
Tetragonal lattice, 563f 
Tetrahedral molecules, 399f, 413, 413f, 
415, 417-420, 417f, 418t, 419ft 
coordination compounds, 1136- 
1139, 1137f 
organic molecules, 1150, 1150f 
transition metal complexes, 1113, 1113f 
Tetrahydrofuran, 1171 
Thallium, 1028, 1028ft 
Theoretical yield, 165-166 
Theory, 63-64 
Theory, thought experiments and, 293 
Theory of mechanics, Newton, 63-64 
Theory of relativity, 64, 1030-1033, 
1032ft 
Thermal energy, 62, 575 
Thermite reaction, 230 
Thermochemistry 
body temperature regulation, 243, 
243f 
bond enthalpy, 254-257, 255t, 256f 
calorimetry, 238-243, 239ft, 240f, 
242f 
chemical energy, overview of, 219- 
222, 220f, 221f, 222f 
defined, 219 
endothermic and exothermic 
reactions, 227-228, 227f 
enthalpy, 230-233, 231f, 232f, 
233f 
enthalpy of formation, 248-253, 
249t, 251f 
enthalpy of reaction, 234-236, 234f, 
236f 
first law of thermodynamics, 
223-229, 224f, 225f, 226f, 227ft, 
228f, 229f 


fuel value, 258-263, 259f, 260t, 261t, 
262f 
Hess’s law, 244-247, 245f, 247f 
state functions, 228-229, 228f, 229f 
thermite reaction, 230 
Thermodynamics, 219 
entropy, changes in surroundings, 
924-925 
entropy and second law of 
thermodynamics, 910-913 
entropy and temperature variation, 
923, 923f 
entropy change, isothermic 
expansion of gas, 912 
equilibrium constant (K) and, 723 
first law of, 223-229, 224f, 225f, 
226f, 227ft, 228f, 229f 
gas expansion, molecular level, 
914-916, 915f 
Gibbs free energy, equilibrium 
constant and, 935-939 
Gibbs free energy, overview of, 
926-929, 927f, 928f, 931 
Gibbs free energy, temperature and, 
932-934, 933t 
heat, work, and energy change, 
225-227, 226f 
internal energy, 224-225, 225f 
molecular motion and energy, 
917-918, 918f 
overview, 905 
reversible and irreversible processes, 
907-909, 908f 
second law of, 905 
spontaneous processes, 904-909, 
905f, 906f, 908f 
standard free energies of formation, 
929, 929t 
standard molar entropies, 923-924, 
923f, 924t 
state functions, 228-229, 228f, 
229f 
statistical thermodynamics, 961 
third law of thermodynamics, 
920 
Thermonuclear reactions, 1038 
Thermoplastics, 592-593, 592ft, 593f 
Thermosetting plastic, 592-593, 592/t, 
593f. See also Polymers 
Thermosphere, 865, 866f 
Thiocyanate, 1115t, 1124, 1124f 
Thiols, 1074-1075, 1075f 
Thiosulfate ion, 1074, 1075f 
Thomson, J. J., 92, 94 
Thomson, William, 481 
Thought experiments, 293 
Three-dimensional atomic models, 
413, 413f 


Threonine, 1181f 
Thymine (T), 1194-1196, 1194f, 1195f, 
1196f 
Thymol blue, 771f 
Time 
concentration changes and reaction 
rates, 673-679, 676f, 678f 
half-life, 678-679, 378f 
reaction rates, changes in, 662-663, 
663t 
SI units, 63-65, 63t, 64t 
Tin (Sn) 
alloys, 572-574, 572ft, 573f, 574f 
oxidation reactions, 198t 
properties of, 1090, 1090t 
standard cell potential, 969 
Titanium (Ti), 1103-1105, 1103f, 1104t, 
1105f 
Titration, 208-211, 209f, 826-836 
oxidation-reduction equations, 
balancing of, 954-956, 955f 
of polyprotic acids, 835-836, 836f 
strong acid-strong base, 827-829, 
828f, 829f 
weak acid-strong base, 829-833, 
830f, 831f, 833f 
Tokamak, 1038 
Toluene, 585, 585f, 893, 1158, 1158f 
Tooth decay, 845 
t orbitals, 1134-1139, 1135f, 1137f 
Torr, pressure unit, 476 
Torricelli, Evangelista, 476 
Trans-, coordination compounds, 
1110-1111, 1110f 
Trans-, hydrocarbon isomers, 1160- 
1162, 1161f 
Trans fats, 1191-1192, 1191f 
Transferrin, 1119-1120, 1119f 
Transition metals, 309f, 310 
catalytic converters, 699, 699f 
charge-transfer color, 1138-1139, 1138f 
chelating agents, 1115-1116 
color and, 1128-1129, 1128f, 1129f, 
1133-1134, 1133f, 1134f 
common ligands, coordination 
chemistry, 1114-1116, 1115t, 1116f 
complex ion formation, 845-848, 
846f, 847t 
coordination compounds, 1109- 
1113, 1109t, 1110f, 1112f, 1113f 
coordination number, 1110 
coordination sphere, 1110-1111 
crystal-field theory, 1131-1139, 
1131f, 1132f, 1133f, 1134f, 1135f, 
1137f, 1138f 
electron configurations and 
oxidation states, 1105-1106, 
1106f 


electron configurations and 
periodic table, 306-313, 309ft, 
312f, 313f 
energetics of ionic bond formation, 
376-377 
entropy and chelate effect, 1118 
interstitial carbides, 1088 
ionic compounds, names and 
formulas, 117-121, 117f, 118¢, 
119f, 120t 
isomerism in coordination 
compounds, 1121-1127, 1122t, 
1123f, 1124f, 1125f, 1126f 
ligands, 1109 
limulus amoebocyte lysate (LAL), 
1103 
living systems, metals and chelates 
in, 1116-1120, 1117f, 1118f, 
1119f 
magnetism, 1106-1107, 1107f 
metal complexes, 1108-1113, 1109t, 
1110f, 1112f, 1113f 
metallic hydrides, 1060 
metal-ligand bonds, 1111-1112, 
1112f 
metals, 344-346, 345f, 346f 
nomenclature, coordination 
compounds, 1121-1122, 1122t 
sources and properties, 1103-1105, 
1103f, 1104t, 1105f 
uses of, 1103 
Werner’s theory, 1109-1111, 1109t, 
1110f 
Transition state, 683 
Translational motion, 917-918, 918f 
Transuranium elements, 1018-1019 
Triclinic lattice, 563f 
Trigonal bipyramidal molecules, 421- 
424, 421f, 422t 
Trigonal planar molecules, 414, 414f, 
416t, 417-420, 419t, 436t, 1150, 
1150f 
Trigonal pyramidal molecules, 414, 
414f, 417-420, 416t, 419t 
Trihalomethanes (THMs), 888-889 
Trimethylamine, 1175 
Triphosphate ion, 1115t 
Triple bond 
bond energy, 867 
Lewis structure, 379-380 
sigma and pi bonds, 438-444, 439f, 
440f, 441f, 442f, 443f, 444f 
strength and length of bonds, 400- 
402, 401t, 402t 
Triple point, 543-546, 543f, 544f, 545f, 
636-639, 637f, 638t 
Tritium, 1057 
Tropopause, 865, 866f 


Troposphere, 865, 866f, 867, 874 
Tryptophan, 118f 
T-shaped molecules, 414, 4147, 421- 


424, 421f, 422t 


Tyndall effect, 645, 645f 
Tyrosine, 1181f 


Uhlenbeck, George, 301 
Ultraviolet radiation, 276f 


in environment, 1041-1044, 1041t, 
1042/t, 1043ft, 1044t 
ozone layer and, 873-874, 873f 


Uncertainty principle, 289-290, 293 
Unimolecular reactions, 688, 689-690, 


690t 


Unit cells, solids, 562-564, 562f, 563f, 


564f 


Units of measurement 


Avogadro’s number and the mole, 
146-151, 148ft 

becquerel (Bq), 1023 

conversion factors, 76-81 

curie (Ci), 1023 

density, 67, 67t 

derived units, 65-66 

dimensional analysis, 76-81 

electromagnetic spectrum 
wavelengths, 275, 276t 

energy, 67-69 

equilibrium constant (K,), 723 

frequency, hertz (Hz), 275, 276f 

metric system prefixes, 64, 64t 

overview of, 63 

parts per million (ppm) or billion 
(ppb), 628-629, 866 

pressure, atmosphere, torr, 476 

pressure, pascal and bar, 475 

radiation doses, 1042-1043, 1043ft 

SI units, 63-65, 63t, 64t 

temperature, 65, 66f 

volume, 66-67, 66f, 67f 

watt (W), 976 


Unsaturated fats, 1191-1192, 1191f 
Unsaturated hydrocarbons, 1160 
Unsaturated solutions, defined, 619 
Uracil (U), 1194-1195, 1194f, 1195f, 


1196f 


Uranium (U) 


alpha decay of, 1009 

electron configurations, 308 

enrichment of, 502, 502f 

nuclear fission, 1033-1036, 1033f, 
1034f, 1035f, 1036f, 1037f 

nuclear synthesis of elements, 1039, 
1039f 

nuclear waste, 1037-1039 
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radioactive decay chain, 1014-1015, 
1015f 


V 


Valence band, semiconductors, 587- 
588, 587f, 588t 
Valence-bond theory, 429-431, 430f 
Valence electrons, 307 
covalent bonding, orbital overlap, 
429-431, 430f 
effective nuclear charge, 326-330, 
327f, 328f 
electron-sea model, 575, 575f 
formal charge, 390-393, 393f 
holes, semiconductors, 589, 589f 
hypervalent molecules, 434-437, 
436t, 437f 
ionic solids, 580 
Lewis structures, 379-380 
Lewis structures, drawing of, 388- 
393, 393f 
Lewis symbols, 369-371, 370f 
metal-ligand bonds, 1111-1112, 1112f 
molecular orbital theory, 445-449, 
446f, 447f, 448f 
octet rule, 370-371, 370f 
octet rule, exceptions to, 397-399 
organic molecules, 1150, 1150f 
photoluminescence, 599, 599f 
primary and secondary valences, 
1110 
resonance structures, 393-396, 
394f, 442-444, 442f, 443f, 444f 
in semiconductors, 586-588, 587f, 
588t 
transition metals, 1105-1106, 1106f 
Valence-shell electron-pair repulsion 
(VSEPR) model, 416-425, 417f, 418t, 
419ft, 421f, 422t, 423f, 425f 
Valine, 1181f 
Vanadium, 573, 1116-1120, 1117f, 1118f, 
1119f 
van der Waals, Johannes, 521 
van der Waals constant, 506, 506t 
van der Waals equation, 506-507, 506t 
van der Waals forces, 521-522, 521t 
van der Waals radius, 331 
van’t Hoff factor, 636-637, 636f, 639, 
642-643 ft 
Vaporization 
heat of, 534-538, 534f, 535f, 536f, 
538t 
phase diagrams, 542-546, 543f, 
544f, 545f 
Vapor pressure, 539-541, 539f, 540f, 541f 
boiling point, 540-541, 541f 
Clausius—Clapeyron equation, 541, 
S41f 
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Vapor pressure (Continued) 
solutions, lowering of, 633-636, 
634f, 635f 
volatility and, 540, 540f 
Vapors, 473, 473t 
Vector quantities, 61n 
bond dipoles, 427-428, 427f, 428f 
defined, 562n 
Velocity (v), kinetic energy and, 60-62, 
olf 
Vibrational motion, 917-918, 918f 
Viscosity, 530-531, 530ft 
Visible light, 275-277, 275f, 276f 
color and coordination compounds, 
1128-1129, 1128f, 1129f 
line spectra and Bohr model, 281- 
286, 282f, 284f 
photoelectric effect and photons, 
279-280, 279f 
Vitamins, 623, 623f 
Volatility, 540, 540f, 633-635, 634f, 635f 
Volcanic eruptions, 872, 874 
Volta, Alessandro, 981 
Voltaic cells, 959-962, 960f, 961f, 962f. 
See also Electrochemistry 
concentration cells, 980-983, 980f, 
981f 
standard cell potential, 963-971, 
964f, 965f, 966f, 967t, 9687, 970f 
Volume 
Avogadro’s law, 481-482, 481f 
Boyle’s law, 480, 480f 
Charles’s law, 480-481, 480f, 481f 
concentration of solutions, 201- 
206, 202f, 205f 
constant-volume calorimetry, 242- 
243, 242f 
conversion factors, calculation 
with, 79-80 
Dalton’s law of partial pressures, 
492-493 
density calculations, 68, 79-80 
gas density and molar mass, 487- 
489, 488f 
of gases in reactions, 489-490 
ideal-gas equation (law), 483-490, 
484 ft, 497 
ideal-gas equation (law), deviations 
from, 504-506, 504f, 505f, 506t 
isothermal processes, 907, 908f 
kinetic-molecular theory of gases, 
494-497, 495f, 496f 
Le Chatelier’s principle, 738-746, 


pressure-volume (P-V) work, 231- 
233, 231f, 232f, 233f 


SI units, 63-64, 64t, 66-67, 66f, 67f 


van der Waals equation, 506-507, 
506t 
Volumetric energy density, 986, 987f 
VSEPR model, 416-425, 417f, 418t, 
419ft, 421f, 422t, 423f, 425f, 1154, 
1154f 
Vulcanization, 596-597, 597f 


W 


Waage, Peter, 719 
Washing soda, 1087 
Water. See also Solutions 
alkali metals, reactions with, 350- 
351 
arsenic in drinking water, 1084- 
1085 
autoionization of, 764-767, 766f 
chemical reactions and, 1055 
colloids, 645-647, 646f, 647f 
corrosion, 990-992, 991 f, 992f 
desalination, 886, 886f 
dissolution in, 177-178, 177f 
on Farth, overview of, 881-884, 
882f, 883ft 
on Earth, water quality, 885-889, 
886f, 887f, 888f, 889f 
electrolysis, 52-54, 53f, 54t 
entropy and phase changes, 918- 
920, 919f 
greenhouse gases, 877-880, 877f, 
878f, 879f, 880f 
hard water, 1088 
heating curve, 535-536, 536f 
heavy water, 1057 
hydration, 616 
hydrogen, reactions in, 354-355 


hydrogen bonds, state changes and, 


525-527, 526f 
hydronium ion, 758, 758f 
ion-product constant for (K,,), 790 


lead contamination, drinking water, 


849, 849f 


Lewis acids and bases, 802-803, 803f 


as ligand, 1115t 
metal-ligand bonds, 1112 


molarity and molality calculations, 


629-630 
ocean acidification, 890, 890f 
osmosis, 639-640, 639f, 640f 


740f, 741f, 742f, 743f, 745f, 746f 
molarity, calculating, 629-630 
molar volume, 484 
osmosis, 639 
parts per million (ppm), 866-867 


phase changes, 535-538, 535f, 536f, 
538t, 911 

properties of, 54t, 637, 637f, 638t 

purification, municipal treatment, 
887-889, 887f, 888f 


salt solutions, properties of, 792- 
796, 794ft 
salt water, Earth, 882-884, 883/t 
solubilities of gases in, 621t, 626- 
627, 626f 
solute-solvent interactions, 621- 
623, 621ft, 622ft, 623f 
standard reduction potential, 967t 
van der Waals constant, 506t 
Water cycle, 882, 882f 
Water gas, 1058 
Water-soluble vitamins, 623, 623f 
Watt (W), 976 
Wave functions, 291 
Wavelength, 275, 275f 
alkali metals, 351, 351f 
alkaline earth metals, 353 
energy states, hydrogen atom, 283- 
286, 284f, 285f 
line spectra and Bohr model, 281- 
286, 282f, 284f 
radio wave propagation, 869 
Schrodinger’s wave equation, 
291-295 
solid-state lighting, 590-591, 590f 
spectroscopy, 667, 667f 
wave behavior of matter, 287-290, 
289f 
Weak acids, 187-188, 187t, 188t 
buffers, 817-825, 818f, 819f, 823f, 
824f 
pK,, defined, 790 
titration, 826-836 
Weak bases, 187-188, 187t, 188t 
buffers, 817-825, 818f, 819f, 823f, 
824f 
pK, defined, 790 
titration, 826-836 
Weak electrolytes, 178-179, 187-188, 
188t 
Weak nuclear force, 99 
Weight, 65n, 67 
Weight, atomic, 101-103 
Werner, Alfred, 1110 
Werner’s theory, 1109-1111, 1109¢, 
1110f 
White dwarfs, 1039, 1039f 
White phosphorus, 1082, 1082f 
Wineland, David, 293 
Work 
defined, 60, 60f 
electrical work, 976 
energy change and heat, 225-227, 
226f 


isothermal processes, 907-909, 908f 


pressure-volume (P-V) work, 231- 
233, 231f, 232f, 233f 
Work function, 279-280 


X 


Xenon (Xe) 
in atmosphere, 865-867, 866t, 867t 
properties of, 358, 358t, 1061-1063, 
1062/t 
van der Waals constant, 506t 
X-ray crystallography, 565, 565f 
X-ray diffraction, 289, 289f, 565, 565f 
X rays, 275-277, 275f, 276f, 280 
X-rays, medical, 1043f 
X-ray technologies, 304, 304f 


Y 


Yield stress, polymers, 596t 


Z 
Zeolites, 600, 600f 
Zero-energy state, 284 
Zero-order reactions, 677-678, 678f 
Zinc (Zn) 
alkaline batteries, 985, 985f 
common cations, 118t 
electron configurations and 
oxidation states, 1105-1106, 
1106f 
galvanized iron, 992, 992f 
living systems, metals and 
chelates in, 1116-1120, 1117f, 
1118f, 1119f 
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oxidation reactions, 198t, 951-952, 
951f 
oxidizing and reducing agent 
strength, 968-970, 970f 
sources and properties, 1103-1105, 
1103f, 1104t, 1105f 
standard reduction potential, 966, 
966f, 967t, 968, 968f 
voltaic cells, 959-962, 960f, 961f, 
962f 
Zinc blende, 580-582, 581f 
Zinn, Walter, 1035 
Zone refining, 1091, 1091f 
Zwitterion, 1181 
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Positive Ions (Cations) 
1+ 

ammonium (NH,"*) 
cesium (Cs*) 

copper(I) or cuprous (Cu*) 
hydrogen (H*) 

lithium (Li*) 

potassium (K*) 

silver (Ag*) 

sodium (Na*) 


2+ 
barium (Ba 
cadmium (Cd?*) 

calcium (Ca?") 

chromium(II) or chromous (Cr 
cobalt(II) or cobaltous (Co”*) 
copper(II) or cupric (Cu?") 
iron(II) or ferrous (Fe*) 
lead(II) or plumbous (Pb”*) 
magnesium (Mg”") 


manganese(II) or manganous (Mn 
2+ 
) 


ory 


on) 


mercury(I) or mercurous (Hg 


Atomic mass constant 


Avogadro’s number* 
Boltzmann Constant 
Electron charge 


Faraday constant 


Gas constant 


Mass of electron 


Mass of neutron 


Mass of proton 


Pi 


Planck constant 


Speed of light in vacuum 


Common Ions 


mercury(II) or mercuric (Hg?") 
strontium (Sr?*) 
nickel(II) (Ni?*) 
tin(I) or stannous (Sn 
zinc (Zn**) 


2+) 


3+ 

aluminum (Al*") 
chromium(III) or chromic (Cr 
iron(II) or ferric (Fe**) 


ar) 


Negative Ions (Anions) 

1- 

acetate (CH3;COO or C2H30, ) 
bromide (Br) 

chlorate (C1O3 ) 

chloride (Cl) 

cyanide (CN ) 

dihydrogen phosphate (HPO; ) 
fluoride (F`) 

hydride (H`) 


hydrogen carbonate or 
bicarbonate (HCO3 ) 


lu = 1.660539040 x 10°?’ kg 
lg = 6.022140859 x 107? amu 
Na = 6.022140857 x 1073/mol 
k = 1.3806485 x 10°73 J/K 
e = 1.6021766208 x 107"? C 
F = 9,648533289 x 104 C/mol 
R = 0.0820582 L-atm/mol-K 
= 8.3144598 J/mol-K 
Me = 5.4857990946 x 10 tu 
= 9.10938356 x 10-3! kg 
Mn = 1.008664916 u 
= 1.674927471 x 10?” kg 
mp = 1.007276466 u 
= 1.672621898 x 107 kg 
T = 3.1415926535 


C 


= 6.626070040 x 10734J-s 
= 2.99792458 x 10° m/s 


hydrogen sulfite or bisulfite (HSO3_) 
hydroxide (OH) 

iodide (I) 

nitrate (NO; ) 

nitrite (NO, ) 

perchlorate (ClO, ) 

permanganate (MnO, ) 
thiocyanate (SCN ) 


2- 

carbonate (CO3” ) 

chromate (CrO,” ) 
dichromate (Cr,0,” ) 
hydrogen phosphate (HPO,” ) 
oxide (O?) 

peroxide (03%) 

sulfate (SO,” ) 

sulfide (S?-) 

sulfite (SO3” ) 


3- 
arsenate (AsO4° ) 
phosphate Po,’ 


Fundamental Constants“ 


‘Fundamental constants are listed at the National Institute of Standards and Technology (NIST) 
Web site: http://physics.nist.gov/cuu/Constants/index.html 


*Avogadro’s number is also referred to as the Avogadro constant. The latter term is the name ad- 
opted by agencies such as the International Union of Pure and Applied Chemistry (IUPAC) and 
the National Institute of Standards and Technology (NIST), but “Avogadro’s number” remains in 
widespread usage and is used in most places in this book. 


Useful Conversion Factors and Relationships 


Length 


SI unit: meter (m) 
l1 km = 0.62137 mi 


1 mi = 5280 ft 
= 1.6093 km 
1m = 1.0936 yd 


lin. = 2.54 cm (exactly) 
1cm = 0.39370 in. 
1A=10m 


Mass 


SI unit: kilogram (kg) 
1 kg = 2.2046 Ib 
11b = 453.59 g 
= 16 oz 
1 u = 1.660538921 X 10 7” kg 


Temperature 


SI unit: Kelvin (K) 
0 K = —273.15 °C 
= —459.67 °F 
K = °C+ 273.15 
°C = p (F= 32°) 
°F = 2°C+32° 


Energy (derived) 


SI unit: Joule (J) 
1J = 1 kg-m?/s? 
= 0.2390 cal 
= 1C-V 
1 cal = 4.184 J 
leV = 1.602 X 10!” J 


Pressure (derived) 


SI unit: Pascal (Pa) 


1 Pa = 1 N/m? 
= 1 kg/m-s° 
latm = 1.01325 X 10° Pa 
= 760 torr 
= 14.70 lb/in? 
1 bar = 10° Pa 


l torr = 1 mm Hg 


Volume (derived) 


SI unit: cubic meter (m°) 
1L = 10° m? 
= 1] dm? 
= 10° cm? 
= 1.0567 qt 
1 gal = 4 qt 
= 3.7854 L 
lcm? = 1 mL 
lin? = 16.4 cm? 


Color Chart for Common Elements 


Q Q Q Q = 
Ag B (è Ca cl 


Au 
Silver Gold 


Copper Fluorine 


Cu 


N Na 
Nitrogen Sodium 


T 
Bromine Carbon Calcium Chlorine 


I Mg 
Hydrogen Iodine Potassium Magnesium 
oO P S Si 
Oxygen Phosphorus Sulfur Silicon 


